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Learning to Think Like a Chemist 





Chemistry is a fascinating and important subject that is challenging to teach 
and even more challenging to learn. Making this complex subject accessible to 
students without distortion is the challenge of the chemical educator, espe- 
cially at the introductory level. Chemical Principles, Seventh Edition, provides 
a rigorous but understandable introduction to chemistry. It emphasizes con- 
ceptual understanding, the importance of models, and thoughtful problem 
solving. 

Chemical Principles is based on our experiences at the University of IIli- 
nois teaching an accelerated general chemistry course for chemical sciences 
majors and other students who require a rigorous introductory course. These 
students typically have excellent credentials and a genuine aptitude for chem- 
istry but only limited understanding of the fundamental concepts of chemistry. 
Although they may know how to solve stoichiometry and gas problems when 
they arrive in our courses, these students typically lack a thorough apprecia- 
tion for the chemical principles that underlie these applications. This is not 
because they had inadequate preparation in high school; instead, we believe it 
results from the nature of chemistry itself—a subject that requires several 
passes before real mastery can take place. 

Our mission in writing this text was to produce a book that does not as- 
sume that students already know how to think like chemists. These students 
will eventually do complicated and rigorous thinking, but they must be brought 
to that point gradually. Thus this book covers the advanced topics (in gases, 
atomic theory, thermodynamics, and so on) that one expects in a course for 
chemical sciences majors, but it starts with the fundamentals and then builds 
to the level required for more complete understanding. Chemistry is not the 
result of an inspired vision. It is the product of countless observations and 
many attempts, using logic and trial and error, to account for these observa- 
tions. In this book we develop key chemical concepts in the same way—to 
show the observations first and then discuss the models that have been con- 
structed to explain the observed behavior. We hope students will practice 
“thinking like a chemist” by carefully studying the observations to see if they 
can follow the thought process, rather than just jumping ahead to the equation 
or model that will follow. 

In Chemical Principles, Seventh Edition, we take advantage of the excel- 
lent math skills that these students typically possess. As a result, there are fewer 
work-out examples than would be found in most mainstream books. The end- 
of-chapter problems cover a wide range—from drill exercises to difficult prob- 
lems, some of which would challenge the average senior chemistry major. Thus 
instructors can tailor the problem assignments to the level appropriate for their 
students. 

This text maintains a student-friendly approach without being patroniz- 
ing. In addition, to demonstrate the importance of chemistry in real life, we 
have incorporated throughout the book a number of applications and recent 
advances in essay form. 
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New to This Edition 


We continue to be pleased that the previous editions of the text have been well 
received. In response to comments from users, however, we have made some 
significant changes for the seventh edition. 


e We have added a new section, Section 3.4, “Conceptual Problem Solving,” 
that emphasizes the importance of conceptual problem solving in which stu- 
dents are shown how to think their way through a problem. We discuss how 
to solve problems in a flexible, creative way based on understanding the 
fundamental ideas of chemistry and asking and answering key questions. 
The students will learn that this “big picture approach” produces more long- 
term, meaningful learning rather than simply memorizing specific steps that 
are soon forgotten. 


e Using the general conceptual problem-solving approach outlined in the new 
Section 3.4, we have introduced a series of questions into many of the in- 
chapter Examples. This more active approach helps students think their way 
through the solution to the problem. 


e Several Chemical Insights boxes are new in the seventh edition, and many 
have been revised, with up-to-date topics such as geoengineering, laser cool- 
ing, graphene, and nanogenerators. 


e We have replaced 10% of the end-of-chapter questions and problems and 
have added more than 50 new visual problems. 


e We have added a list of the key terms at the end of each chapter along with 
an outline that reviews each chapter (termed For Review). 


e We have revised many of the figures in the textbook to better serve visual 
learners. 


Organization 


The early chapters in this book deal with chemical reactions. Stoichiometry is 
covered in Chapters 3 and 4, with special emphasis on reactions in aqueous 
solutions. The properties of gases are treated in Chapter 5, followed by cover- 
age of gas phase equilibria in Chapter 6. Acid—base equilibria are covered in 
Chapter 7, and Chapter 8 deals with additional aqueous equilibria. Thermody- 
namics is covered in two chapters: Chapter 9 deals with thermochemistry and 
the first law of thermodynamics; Chapter 10 treats the topics associated with 
the second law of thermodynamics. The discussion of electrochemistry follows 
in Chapter 11. Atomic theory and quantum mechanics are covered in Chapter 
12, followed by two chapters on chemical bonding and modern spectroscopy 
(Chapters 13 and 14). Chemical kinetics is discussed in Chapter 15, followed 
by coverage of solids and liquids in Chapter 16 and the physical properties of 
solutions in Chapter 17. A systematic treatment of the descriptive chemistry of 
the representative elements is given in Chapter 18 and of the transition metals 
in Chapter 19. Chapter 20 covers topics in nuclear chemistry, and Chapter 21 
provides an introduction to organic chemistry and to the most important 
biomolecules. 


Flexibility of Topic Order 


We recognize that the order of the chapters in this text may not fit the order of 
the topics in your course. Therefore, we have tried to make the order as flexible 
as possible. In the courses that we have taught using the text, we have success- 
fully used it in a very different order from the one the text follows. We would 
encourage you to use it in whatever order that serves your purposes. 
Instructors have several options for arranging the material to complement 
their syllabi. For example, the section on gas phase and aqueous equilibria 
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(Chapters 6-8) could be moved to any point later in the course. The chapters 
on thermodynamics can be separated: Chapter 9 can be used early in the course 
with Chapter 10 later. In addition, the chapters on atomic theory and bonding 
(Chapters 12-14) can be used near the beginning of the course. In summary, 
an instructor who wants to cover atomic theory early and equilibrium later 
might prefer the following order of chapters: 1-5, 9, 12, 13, 14, 10, 11, 6, 7, 
8, 15-21. An alternative order might be: 1-5, 9, 12, 13, 14, 6, 7, 8, 10, 11, 
15-21. The point is that the chapters on atomic theory and bonding (12-14), 
thermodynamics (9, 10), and equilibrium (6, 7, 8) can be moved around quite 
easily. In addition, the kinetics chapter (Chapter 15) can be covered at any time 
after bonding. It is also possible to use Chapter 20 (on nuclear chemistry) 
much earlier—after Chapter 12, for example—if desired. 


Two approaches for teaching atomic theory earlier and equilibrium later in the course 
APPROACH 1 


APPROACH 2 


Chapter 1 Chemists and Chemistry 


Chapter 1 


Chemists and Chemistry 


Chapter 2 Atoms, Molecules, and Ions Chapter 2. Atoms, Molecules, and Ions 

Chapter 3. Stoichiometry Chapter 3. Stoichiometry 

Chapter 4 Types of Chemical Reactions and Solution Chapter 4 Types of Chemical Reactions and Solution 
Stoichiometry Stoichiometry 

Chapter 5 Gases Chapter 5 Gases 

Chapter 9 Energy, Enthalpy, and Thermochemistry Chapter 9 Energy, Enthalpy, and Thermochemistry 

Chapter 12 Quantum Mechanics and Atomic Theory Chapter 12 Quantum Mechanics and Atomic Theory 

Chapter 13 Bonding: General Concepts Chapter 13 Bonding: General Concepts 

Chapter 14 Covalent Bonding: Orbitals Chapter 14 Covalent Bonding: Orbitals 

Chapter 10 Spontaneity, Entropy, and Free Energy Chapter 6 Chemical Equilibrium 

Chapter 11 Electrochemistry Chapter 7 Acids and Bases 

Chapter 6 Chemical Equilibrium Chapter 8 Applications of Aqueous Equilibria 

Chapter 7 Acids and Bases Chapter 10 Spontaneity, Entropy, and Free Energy 

Chapter 8 Applications of Aqueous Equilibria Chapter 11 Electrochemistry 

Chapter 15 Chemical Kinetics Chapter 15 Chemical Kinetics 

Chapter 16 Liquids and Solids Chapter 16 Liquids and Solids 

Chapter 17 Properties of Solutions Chapter 17 Properties of Solutions 

Chapter 18 The Representative Elements Chapter 18 The Representative Elements 

Chapter 19 Transition Metals and Coordination Chapter 19 Transition Metals and Coordination 
Chemistry Chemistry 

Chapter 20 The Nucleus: A Chemist’s View Chapter 20 The Nucleus: A Chemist’s View 

Chapter 21 Organic and Biochemical Molecules Chapter 21 Organic and Biochemical Molecules 


Mathematical Level 


This text assumes a solid background in algebra. All of the mathematical op- 
erations required are described in Appendix One or are illustrated in worked- 
out examples. A knowledge of calculus is not required for use of this text. 
Differential and integral notions are used only where absolutely necessary and 
are explained when they are used. 


Alternate Versions 

Hybrid Edition with Access (24 months) to OWL with Cengage YouBook 
ISBN-10: 1-133-10984-5; ISBN-13: 978-1-133-10984-6 

This briefer version of Chemical Principles does not contain the end-of-chapter 
problems, which can be assigned in OWL. 
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Supporting Materials 


OWL for General Chemistry 

Printed Access OWL with YouBook (24 months) ISBN-10: 1-133-04411-5; 
ISBN-13: 978-1-133-04411-6 

Instant Access OWL with YouBook (6 months) ISBN-10: 1-133-00149-1; 
ISBN-13: 978-1-133-00149-2 

Instant Access OWL with YouBook (24 months) ISBN-10: 1-133-00150-S; 
ISBN-13: 978-1-133-00150-8 

By Roberta Day and Beatrice Botch of the University of Massachusetts, 
Amherst, and William Vining of the State University of New York at Oneonta. 
OWL Online Web Learning offers more assignable, gradable content (includ- 
ing end-of chapter questions specific to this textbook) and more reliability and 
flexibility than any other system. OWL’s powerful course management tools 
allow instructors to control due dates, number of attempts, and whether stu- 
dents see answers or receive feedback on how to solve problems. OWL in- 
cludes the Cengage YouBook, an interactive and customizable Flash-based 
eBook. Instructors can publish web links, modify the textbook narrative as 
needed with the text edit tool, quickly reorder entire sections and chapters, and 
hide any content they don’t teach to create an eBook that perfectly matches 
their syllabus. The Cengage YouBook includes animated figures, video clips, 
highlighting, notes, and more. 

Developed by chemistry instructors for teaching chemistry, OWL is the 
only system specifically designed to support mastery learning, where students 
work as long as they need to master each chemical concept and skill. OWL has 
already helped hundreds of thousands of students master chemistry through a 
wide range of assignment types, including tutorials, interactive simulations, 
and algorithmically generated homework questions that provide instant, 
answer-specific feedback. 

OWL is continually enhanced with online learning tools to address the 
various learning styles of today’s students such as: 


* Quick Prep Review courses that help students learn essential skills to suc- 
ceed in General and Organic Chemistry 


¢ Jmol Molecular visualization program for rotating molecules and measuring 
bond distances and angles 


¢ Go Chemistry® Mini video lectures on key concepts that students can play 
on their computers or download to their video iPods, smart phones, or per- 
sonal video players 


In addition, when you become an OWL user, you can expect service that goes 
far beyond the ordinary. To learn more or to see a demo, please contact your 
Cengage Learning representative, or visit us at www.cengage.com/owl. 


For the Instructor 

PowerLecture Instructor’s CD/DVD Package with ExamView® 
ISBN-10: 1-111-98895-1; ISBN-13: 978-1-111-98895-1 

This digital library and presentation tool includes: 


¢ PowerPoint® lecture slides written for this text that instructors can custom- 
ize by importing their own lecture slides or other materials. 


¢ Image libraries that contain digital files for figures, photographs, and num- 
bered tables from the text, as well as multimedia animations in a variety 
of digital formats. Use these files to print transparencies, create your own 
PowerPoint slides, and supplement your lectures. 


¢ Digital files of the complete Instructor’s Manual and ExamView Test Bank. 


BWL 
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¢ Sample chapters from the Study Guide, by Paul Kelter (Northern Illinois 
University) 


¢ Sample chapters from the Student Solutions Manual, by Tom Hummel (Uni- 
versity of Illinois) 


e ExamView testing software that enables you to create, deliver, and custom- 
ize tests using the more than 2000 test bank questions written specifically 
for this text 


Instructor Companion Site 

Supporting materials are available to qualified adopters. Please consult your 
local Cengage Learning sales representative for details. Go to login.cengage 
com, find this textbook, and choose Instructor Companion Site to see samples 
of these materials, request a desk copy, locate your sales representative, and 
download the WebCT or Blackboard versions of the Test Bank. 


For the Student 


Visit CengageBrain.com 

To access these and additional course materials, please visit www.cengage 
brain.com, At the CengageBrain.com home page, search for this textbook’s 
ISBN (from the back cover of your book). This will take you to the product 
page where these resources can be found. (Instructors can log in at login 
.cengage.com.) 


OWL Quick Prep for General Chemistry 

Instant Access OWL Quick Prep for General Chemistry (90 days) ISBN-10: 
0-495-56030-8; ISBN-13: 978-0-495-56030-2 

Quick Prep is a self-paced online short course that helps students succeed in 
general chemistry. Students who completed Quick Prep through an organized 
class or self-study averaged almost a full letter grade higher in their subsequent 
general chemistry course than those who did not. Intended to be taken prior to 
the start of the semester, Quick Prep is appropriate for both underprepared stu- 
dents and for students who seek a review of basic skills and concepts. Quick Prep 
features an assessment quiz to focus students on the concepts they need to study 
to be prepared for general chemistry. Quick Prep is approximately 20 hours of 
instruction delivered through OWL with no textbook required and can be com- 
pleted at any time in the student’s schedule. Professors can package a printed 
access card for Quick Prep with the textbook, or students can purchase instant 
access at www.cengagebrain.com. To view an OWL Quick Prep demonstration 
and for more information, visit www.cengage.com/chemistry/quickprep. 


Go Chemistry® for General Chemistry 

ISBN-10: 0-495-38228-0; ISBN-13: 978-0-495-38228-7 

Pressed for time? Missed a lecture? Need more review? Go Chemistry for Gen- 
eral Chemistry is a set of 27 downloadable mini-video lectures. Developed by 
award-winning chemists, Go Chemistry helps you quickly review essential 
topics—whenever and wherever you want! Each video contains animations 
and problems and can be downloaded to your computer desktop or portable 
video player (like iPod or iPhone) for convenient self-study and exam review. 
Selected Go Chemistry videos have e-flashcards to briefly introduce a key con- 
cept and then test student understanding of the basics with a series of ques- 
tions. OWL includes five Go Chemistry videos. Professors can package a 
printed access card for Go Chemistry with the textbook. Students can enter the 
ISBN above at www.cengagebrain.com to download two free videos or to pur- 
chase instant access to the 27-video set or to individual videos. 





CengageBrain.com App 

Now, students can prepare for class anytime and anywhere using the Cengage 
Brain.com application developed specifically for the Apple iPhone® and iPod 
touch®, which allows students to access free study materials—book-specific 
quizzes, flash cards, related Cengage Learning materials, and more—so they 
can study the way they want, when they want to... . even on the go. To learn 
more about this complimentary application, please visit www.cengagebrain 
.com. Also available on iTunes. 


Student Companion Site 

This site includes a glossary, flashcards, an interactive periodic table, and sam- 
ples of the Study Guide and Student Solutions Manual, which are all accessible 
from www.cengagebrain.com. 
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1.1. Thinking Like a Chemist 


1.2 A Real-World Chemistry 
Problem 


1.3. The Scientific Method 
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2 Chapter 1 Chemists and Chemistry 


OWL hemistry. It is a word that evokes various, and often dramatic, re- 
Sign in to OWL at www.cengage.com/ow! sponses. It is a word that is impossible to define concisely, because 
fo view tutorials and simulations, develop the field is so diverse and its practitioners perform such an incredible 


problem-solving skills, and complete online 


homework assigned by your professor. variety of jobs. Chemistry mainly deals with situations in which the 


nature of a substance is changed by altering its composition; entirely new sub- 


Fe) Chemistry stances are synthesized, or the properties of existing substances are enhanced. 
Download mini lecture videos for There are many misconceptions about the practitioners of chemistry. 
key concept review and exam prep Many people picture a chemist as a solitary figure who works in a laboratory 


from OWL or purchase them 


Roan aiceca ben ncont and does not talk to anyone else for days at a time. Nothing could be further 


from the truth. Many chemists do indeed work in laboratories, but rarely by 
themselves. A typical day for a modern chemist would be spent as a member of 
a team solving a particular problem important to his or her company. This 
team might consist of chemists from various specialties, chemical engineers, 
development specialists, and possibly even lawyers. Figure 1.1 represents the 
people and organizations with which typical laboratory chemists might expect 
to interact in the course of their jobs. 

On the other hand, many persons trained as chemists do not perform ac- 
tual laboratory work but may work as patent lawyers, financial analysts, plant 
managers, salespeople, personnel managers, and so on. Also, it is quite com- 
mon for a person trained as a chemist to have many different jobs during a 
career. 

In Chapters 2 through 21 of this text we will concentrate on the formal 
discipline of chemistry—its observations, theories, and applications. The goal 
of Chapter 1 is to introduce some of the important aspects of chemistry not 
typically discussed in connection with learning chemistry. The chapter includes 
an introduction to the world of commercial chemistry and provides a couple of 
specific examples of the types of problems confronted by the practitioners of 


Figure 1.1 

Typical chemists interact with a great 
variety of other people while doing their 
jobs. (Center photo: Lester Lefkowitz/ 
Corbis #SC-019-0199) 
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Acid-damaged paper. 


1.2 A Real-World Chemistry Problem 3 


the “chemical arts.” We begin by considering the chemical scientist as a prob- 
lem solver. 





Thinking Like a Chemist 


Much of your life, both personal and professional, will involve problem solv- 
ing. Most likely, the more creative you are at solving problems, the more effec- 
tive and successful you will be. Chemists are usually excellent problem solvers 
because they get a lot of practice. Chemical problems are frequently very 
complicated—there is usually no neat and tidy solution. Often it is difficult to 
know where to begin. In response to this dilemma, a chemist makes an edu- 
cated guess (formulates a hypothesis) and then tests it to see if the proposed 
solution correctly predicts the observed behavior of the system. This process of 
trial and error is virtually a way of life for a chemist. Chemists rarely solve a 
complex problem in a straightforward, elegant manner. More commonly, they 
poke and prod the problem and make progress only in fits and starts. 

It’s very important to keep this in mind as you study chemistry. Although 
“plug and chug” exercises are necessary to familiarize you with the relation- 
ships that govern chemical behavior, your ultimate goal should be to advance 
beyond this stage to true problem solving. Unfortunately, it is impossible to 
give a formula for becoming a successful problem solver. Creative problem 
solving is a rather mysterious activity that defies simple analysis. However, it 
is clear that practice helps. That’s why we will make every attempt in this text 
to challenge you to be creative with the knowledge of chemistry you will be 
acquiring. Although this process can be frustrating at times, it is definitely 
worth the struggle—both because it is one of the most valuable skills you can 
develop and because it helps you test your understanding of chemical concepts. 
If your understanding of these concepts is not sufficient to allow you to solve 
problems involving “twists” that you have never encountered before, your 
knowledge is not very useful to you. The only way to develop your creativity is 
to expose yourself to new situations in which you need to make new connec- 
tions. A substantial part of creative problem solving involves developing the 
confidence necessary to think your way through unfamiliar situations. You 
must recognize that the entire solution to a complex problem is almost never 
visible in the beginning. Typically, one tries first to understand pieces of the 
problem and then puts those pieces together to form the solution. 





A Real-World Chemistry Problem 


As discussed, the professional chemist is primarily a problem solver—one who 
daily confronts tough, but fascinating, situations that must be understood. To 
illustrate, we will consider an important current problem that requires chemi- 
cal expertise to solve: the crumbling of the paper in many of the books pub- 
lished in the past century. The pages of many of these books are literally falling 
apart. To give some perspective on the magnitude of the problem, if the books 
in the New York Public Library were lined up, they would stretch for almost 
100 miles. Currently, about 40 miles of these books are quietly crumbling to 
dust. 

Because of the magnitude of this problem, the company that develops a 
successful preservation process will reap considerable financial rewards, in ad- 
dition to performing an important service to society. Assume that you work for 
a company that is interested in finding a method for saving the crumbling pa- 
per in books and that you are put in charge of your company’s efforts to de- 
velop such a process. What do you know about paper? Probably not much. So 
the first step is to go to the library to learn all you can about paper. Because 
paper manufacturing is a mature industry, a great deal of information ts avail- 
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Alison Williams’s Focus: The Structure 





Alison Williams started her scientific career as a 
high school student when she worked part-time at 
the Ohio State Agricultural Research and Develop- 
ment Center in Wooster, Ohio. She subsequently 
received her undergraduate degree from Wesleyan 
University, and then her master’s degree and Ph.D. 
in biophysical chemistry. Dr. Williams has taught 
at Swarthmore College, Wesleyan University, 
Princeton University, and is now a senior lecturer 


her research group are 
studying shorter nucleic 
acids, with the goal of 
determining how condi- 
tions such as the presence 
of ions in the cellular 
solutions affect the struc- 
tures of those nucleic 
acids. This is significant 
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at Barnard College. 





the genetic machinery of cells. Dr. Williams and 





Figure 1.2 

The polymer cellulose, which consists 
of B-b-glucose monomers. (Source: 
http://en.wikipedia.org/wiki/ 
File:Cellulose_spacefilling_model.jog) 


because ion concentrations Alison Williams. 


Dr. Williams’s primary interest is to under- in cells vary depending on 
stand the thermodynamic and kinetic behavior of the type of cell and its growth rate. Dr. Williams’s 
nucleic acid structure. Nucleic acids, in the form of work in this area and related areas should shed 
the huge polymers DNA and RNA, are central to light on many important biological processes. 








able. Research at the library will show that paper is made of cellulose obtained 
from wood pulp and that the finished paper is “sized” to give it a smooth sur- 
face that prevents ink from “fuzzing.” The agent typically used for sizing is 
alum [Al,(SO4)3], which is the cause of the eventual decomposition of the pa- 
per. This happens as follows: In the presence of moisture, the Al?* ions from 
alum become hydrated, forming Al(H,O),?*. The Al(H»O),3* ion acts as an 
acid because the very strong Al’*—O bond causes changes in the O—H bonds 
of the attached water molecules, thus allowing H* ions to be produced by the 
following reaction: 


Al(H,O0).3* = — [Al(OH)(H2O),]2* + H* 


Therefore, paper sized with alum contains significant numbers of H* ions. This 
is important because the H* assists in the breakdown of the polymeric cellulose 
structure of paper. Cellulose is composed of glucose molecules (C,H,2O«<) 
bonded together to form long chains. A segment of cellulose is shown in Fig. 
1.2. When the long chains of glucose units in cellulose are broken into shorter 
pieces, the structural integrity of the paper fails and it crumbles. 

Although library research helps you to understand the fundamentals of the 
problem, now the tough part (and the most interesting part) begins. Can you 
find a creative solution to the problem? Can the paper in existing books be 
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treated to stop the deterioration in a way that is economical, permanent, and 


safe? 


The essence of the problem seems to be the H* present in the paper. How 


can it be removed or at least rendered harmless? 


Your general knowledge of chemistry tells you that some sort of base (a 
substance that reacts with H*) is needed. One of the most common and least 
expensive bases is sodium hydroxide. Why not dip the affected books in a solu- 
tion of sodium hydroxide and remove the H* by the reaction: HX + OH” > 
H,O? This seems to be a reasonable first idea, but as you consider it further 
and discuss it with your colleagues, several problems become apparent: 


1. The NaOH(aq) is a strong base and is therefore quite corrosive. It will 
destroy the paper by breaking down the cellulose just as acid does. 


2. The book bindings will be destroyed by dipping the books in water, and 
the pages will stick together after the books dry. 


3. The process will be very labor-intensive, requiring the handling of indi- 


vidual books. 


Some of these difficulties can be addressed. For example, a much weaker 
base than sodium hydroxide could be used. Also, the pages could be removed 
from the binding, soaked one at a time, dried, and then rebound. In fact, this 
process is used for some very rare and valuable books, but the labor involved 
makes it very expensive—much too expensive for the miles of books in the 
New York Public Library. Obviously, this process is not what your company 


is seeking. 


You need to find a way to treat large numbers of books without disassem- 
bling them. How about using a gaseous base? The books could be sealed in a 
chamber and the gaseous base allowed to permeate them. The first candidate 
that occurs to you is ammonia, a readily available gaseous base that reacts with 


Hi to form NH," : 


NH; + H* — > NH,* 
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This seems like a very promising idea, so you decide to construct a pilot treat- 
ment chamber. To construct this chamber, you need some help from cowork- 
ers. For example, you might consult a chemical engineer for help in the design 
of the plumbing and pumps needed to supply ammonia to the chamber. You 
might also consult a mechanical engineer about the appropriate material to use 
for the chamber and then discuss the actual construction of the chamber with 
machinists and other personnel from the company’s machine shop. In addi- 
tion, you probably would consult a safety specialist and possibly a toxicologist 
about the hazards associated with ammonia. 

Before the chamber is built, you also have to think carefully about how to 
test the effectiveness of the process. How could you evaluate, in a relatively 
short time, how well the process protects paper from deterioration? At this 
stage, you would undoubtedly do more library research and consult with 
other experts, such as a paper chemist your company hires as an outside 
consultant. 

Assume now that the chamber has been constructed and that the initial 
tests look encouraging. At first the H* level is greatly reduced in the treated 
paper. However, after a few days the H* level begins to rise again. Why? The 
fact that ammonia is a gas at room temperature (and pressure) is an advantage 
because it allows you to treat many books simultaneously in a dry chamber. 
However, the volatility of ammonia works against you after the treatment. The 
process 


NH,* ——> NH3;f + H* 


allows the ammonia to escape after a few days. Thus this treatment is too tem- 
porary. Even though this effort failed, it was still useful because it provided an 
Opportunity to understand what is required to solve this problem. You need a 
gaseous substance that permanently reacts with the paper and that also 
consumes H”~, 

In discussing this problem over lunch, a colleague suggests the compound 
diethyl zinc [(C,Hs),Zn], which is quite volatile (boiling point = 117°C) and 
which reacts with water (moisture is present in paper) as follows: 


(CjHs5),Zn ar H,O —> ZnO + 2C3H, 


The C,H, (ethane) is a gas that escapes, but the white solid, ZnO, becomes an 
integral part of the paper. The important part of ZnO is the oxide ion, O2-, 
which reacts with H* to form water: 


Oe + 2H* —> H,O 


Thus the ZnO is a nonvolatile base that can be placed in the paper by a gaseous 
substance. This process seems very promising. However, the major disadvan- 
tage of this process (there are always disadvantages) is that diethyl zinc is very 
flammable and great care must be exercised in its use. This leads to another 
question: Is the treatment effective enough to be worth the risks involved? As 
it turns out, the Library of Congress used diethyl zinc until 1994, but the pro- 
cess was discontinued because of its risks. Since then, a process known as 
Bookkeeper has been used. In this process, the book is immersed into a suspen- 
sion of magnesium oxide (MgO). Small particles (submicron) of MgO are de- 
posited in the pages, and these neutralize the acid and, like ZnO formed from 
diethyl zinc, become an integral part of the paper. The advantages are the sim- 
plicity of the application and the safety of the method. 

The type of problem solving illustrated by investigation of the acid decom- 
position of paper is quite typical of that which a practicing chemist confronts 


Figure 1.3 

Schematic diagram of the strategy for 
solving the problem of the acid decom- 
position of paper. 
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daily. The first step in successful problem solving is to identify the exact nature 
of the problem. Although this may seem trivial, it is often the most difficult and 
most important part of the process. Poor problem solving often results from a 
fuzzy definition of the problem. You cannot efficiently solve a problem if you 
do not understand the essence of the problem. Once the problem is well de- 
fined, then solutions can be advanced, usually by a process of intelligent trial 
and error. This process typically involves starting with the simplest potential 
solution and iterating to a final solution as the feedback from earlier attempts 
is used to refine the approach. Rarely, if ever, is the solution to a complex 
problem obvious immediately after the problem is defined. The best solution 
becomes apparent only as the results from various trial solutions are evaluated. 
A schematic summarizing the approach for dealing with the acid decomposi- 
tion of paper is shown in Fig. 1.3. 





The Scientific Method 


Science is a framework for gaining and organizing knowledge. Science is not 
simply a set of facts but is also a plan of action—a procedure for processing 
and understanding certain types of information. Scientific thinking is useful in 
all aspects of life, but in this text we will use it to understand how the chemical 
world operates. The process that lies at the center of scientific inquiry is called 
the scientific method. There are actually many scientific methods depending on 
the nature of the specific problem under study and on the particular investiga- 
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See Appendix A1.6 for conventions 
regarding the use of significant figures 
in connection with measurements and 
the calculations involving measure- 
ments. Appendix 2 discusses methods 
for converting among various units. 


This portrayal of the classical scientific 
method probably overemphasizes the 
importance of observations in current 
scientific practice. Now that we know a 
great deal about the nature of matter, 
scientists often start with a hypothesis 
that they try to refute as they push 
forward the frontiers of science. See 
the writings of Karl Popper for more 
information on this view. 





tor involved. However, it is useful to consider the following general framework 
for a generic scientific method: 


Steps in the Scientific Method 


1 Making observations. Observations may be qualitative (the sky is blue; 
water is a liquid) or quantitative (water boils at 100°C; a certain chemistry 
book weighs 2 kilograms). A qualitative observation does not involve a 
number. A quantitative observation (called a measurement) involves both 
a number and a unit. 


2 Formulating hypotheses. A hypothesis is a possible explanation for the 
observation. 


3 Making predictions. The hypothesis then is used to make a prediction that 
can be tested by performing an experiment. 


4 Performing experiments. An experiment is carried out to test the hypoth- 
esis. This involves gathering new information that enables a scientist to 
decide whether the hypothesis is correct—that is, whether it is supported 
by the new information learned from the experiment. Experiments always 
produce new observations, and this brings the process back to the begin- 
ning again. 


To understand a given phenomenon, these steps are repeated many times, 
gradually accumulating the knowledge necessary to provide a possible expla- 
nation of the phenomenon. 

As scientists observe nature, they often see that the same observation ap- 
plies to many different systems. For example, innumerable chemical changes 
have shown that the total observed mass of the materials involved is the same 
before and after the change. Such generally observed behavior is formulated 
into a statement called a natural law. For example, the observation that the 
total mass of materials is not affected by a chemical change in those materials 
is called the law of conservation of mass. This law tells us what happens, but 
it does not tell us why. To try to explain why, we continue to make observa- 
tions, formulate hypotheses, and test these against observations. 

Once a set of hypotheses that agree with the various observations is ob- 
tained, the hypotheses are assembled into a theory. A theory, which is often 
called a model, is a set of tested hypotheses that gives an overall explanation of 
some natural phenomenon. 

It is very important to distinguish between observations and theories. An 
observation is something that is witnessed and can be recorded. A theory is an 
interpretation—a possible explanation of why nature behaves in a particular 
way. For example, in Chapter 2 we will read about Dalton’s atomic theory, in 
which John Dalton proposed that a chemical reaction is a reorganization of 
atoms in reacting substances to produce new substances. As we discussed, we 
know that mass is conserved (it is a natural law), and we can explain it by 
claiming that all matter is made of nonchanging atoms (the theory). 

Theories inevitably change as more information becomes available. For ex- 
ample, we will also see in Chapter 2 that with further experimentation and 
observations, the atomic theory came to include subatomic particles—electrons, 
protons, and neutrons. The “indivisible” atom of Dalton is not indivisible after 
all. We see the idea of changing theories in all realms of science. For example, 
the motions of the sun and stars have remained virtually the same over the thou- 
sands of years during which humans have been observing them, but our expla- 
nations—our theories—for these motions have changed greatly since ancient 
times. 


1.3 The Scientific Method 
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How important are conversions from one unit to 
another? If you ask the National Aeronautics and 
Space Administration (NASA), very important! In 
1999 NASA lost a $125 million Mars Climate 
Orbiter because of a failure to convert from 
English to metric units. 

The problem arose because two teams working 
on the Mars mission were using different sets of 
units. NASA’s scientists at the Jet Propulsion Lab- 
oratory in Pasadena, California, assumed that the 
thrust data for the rockets on the orbiter they 
received from Lockheed Martin Astronautics in 
Denver, which built the spacecraft, were in metric 
units. In reality, the units were English. As a result 
the orbiter dipped 100 kilometers lower into the 
Mars atmosphere than planned and the friction 
from the atmosphere caused the craft to burn up. 

NASA’s mistake refueled the controversy over 
whether Congress should require the United States 
to switch to the metric system. About 95% of the 
world now uses the metric system, and the United 
States is slowly switching from English to metric. 
For example, the automobile industry has adopted 
metric fasteners and we buy our soda in 2-liter 
bottles. 





NASA 


Artist's conception of the lost Mars Climate Orbiter. 


Units can be very important. In fact, they can 
mean the difference between life and death on 
some occasions. In 1983, for example, a Canadian 
jetliner almost ran out of fuel when someone 
pumped 22,300 pounds of fuel into the aircraft 
instead of 22,300 kilograms. Remember to watch 
your units! 








Figure 1.4 
The various parts of the scientific 
method. 


The point is that scientists do not stop asking questions just because a 
given theory seems to account satisfactorily for some aspect of natural behav- 
ior. They continue doing experiments to refine or replace the existing theories. 
This is generally done by using the currently accepted theory to make a predic- 
tion and then performing an experiment (making a new observation) to see 
whether the results bear out this prediction. 

Always remember that theories (models) are human inventions. They rep- 
resent attempts to explain observed natural behavior in terms of human expe- 
riences. A theory is actually an educated guess. We must continue to do experi- 
ments and to refine our theories (making them consistent with new knowledge) 
if we hope to approach a more nearly complete understanding of nature. 

In this section we have described the scientific method as it might ideally 
be applied (Fig. 1.4). However, it is important to remember that science does 
not always progress smoothly and efficiently. For one thing, hypotheses and 
observations are not totally independent of each other, as we have assumed in 
the description of the idealized scientific method. The coupling of observa- 
tions and hypotheses occurs because once we begin to proceed down a given 
theoretical path, our hypotheses are unavoidably couched in the language of 
those theoretical underpinnings. In other words, we tend to see what we ex- 
pect to see and often fail to notice things that we do not expect. Thus the 
theory we are testing helps us because it focuses our questions. However, at 
the very same time, this focusing process may limit our ability to see other 
possible explanations. 
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It is also important to keep in mind that scientists are human. They have 
prejudices; they misinterpret data; they become emotionally attached to their 
theories and thus lose objectivity; and they play politics. Science is affected by 
profit motives, budgets, fads, wars, and religious beliefs. Galileo, for example, 
was forced to recant his astronomical observations in the face of strong reli- 
gious resistance. Lavoisier, the father of modern chemistry, was beheaded be- 
cause of his political affiliations. And great progress in the chemistry of nitro- 
gen fertilizers resulted from the desire to produce explosives to fight wars. The 
progress of science is often affected more by the frailties of humans and their 
institutions than by the limitations of scientific measuring devices. The scien- 
tific methods are only as effective as the humans using them. They do not au- 
tomatically lead to progress. 








Industrial processes require large 
plants for the production of chemicals. 


Industrial Chemistry 


The impact of chemistry on our lives is due in no small measure to the many 
industries that process and manufacture chemicals to provide the fuels, fabrics, 
fertilizers, food preservatives, detergents, and many other products that affect 
us daily. The chemical industry can be subdivided in terms of three basic types 
of activities: 


1. The isolation cf naturally occurring substances for use as raw materials 


2. The processing of raw materials by chemical reactions to manufacture 
commercial products 


3. The use of chemicals to provide services 


A given industry may participate in one, two, or all of these activities. 

Producing chemicals on a large industrial scale is very different from an 
academic laboratory experiment. Some of the important differences are de- 
scribed below. 


a In the academic laboratory, practicality is typically the most important con- 
sideration. Because the amounts of substances used are usually small, haz- 
ardous materials can be handled by using fume hoods, safety shields, and so 
on; expense, although always a consideration, is not a primary factor. How- 
ever, for any industrial process, economy and safety are critical. 


a In industry, containers and pipes are metal rather than glass, and corrosion 
is a constant problem. In addition, because the progress of reactions cannot 
be monitored visually, gauges must be used. 


a In the laboratory, any by-products of a reaction are simply disposed of; in 
industry, they are usually recycled or sold. If no current market exists for a 
given by-product, the manufacturer tries to develop such a market. 


= Industrial processes often run at very high temperatures and pressures and 
ideally are continuous flow, meaning that reactants are added and products 
are extracted continuously. In the laboratory, reactions are run in batches 
and typically at much lower temperatures and pressures. 


The many criteria that must be satisfied to make a process feasible on the 
industrial scale require that great care be taken in the development of each 
process to ensure safe and economical operation. The development of an in- 
dustrial chemical process typically involves the following steps: 


Step 1: A need for a particular product is identified. 


Step 2: The relevant chemistry is studied on a small scale in a laboratory. Vari- 


ous ways of producing the desired material are evaluated in terms of costs and 
potential hazards. 





1.5 Polyvinyl Chloride (PVC): Real-World Chemistry 
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Post-it Notes, a product of the 3M Corporation, 
revolutionized casual written communications and 
personal reminders. Introduced in the United 
States in 1980, these sticky-but-not-too-sticky 
notes have now found countless uses in offices, 
cars, and homes throughout the world. 

The invention of sticky notes occurred over a 
period of about 10 years and involved a great deal 
of serendipity. The adhesive for Post-it Notes was 
discovered by Dr. Spencer F. Silver of 3M in 1968. 
Silver found that when an acrylate polymer mate- 
rial was made in a particular way, it formed cross- 
linked microspheres. When suspended in a solvent 
and sprayed on a sheet of paper, this substance 
formed a “sparse monolayer” of adhesive after the 
solvent evaporated. Scanning electron microscope 
images of the adhesive show that it has an irregu- 


lar surface, a little like the surface of a gravel road. 


In contrast, the adhesive on cellophane tape looks 
smooth and uniform, like a superhighway. The 
bumpy surface of Silver’s adhesive caused it to be 
sticky but not so sticky as to produce permanent 
adhesion because the number of contact points 
between the binding surfaces was limited. 

When he invented this adhesive, Silver had no 
specific ideas for its use, so he spread the word of 
his discovery to his fellow employees at 3M to see 
if anyone had an application for it. In addition, 
over the next several years development was 
carried out to improve the adhesive’s properties. It 
was not until 1974 that the idea for Post-it Notes 
popped up. One Sunday, Art Fry, a chemical engi- 








neer for 3M, was singing in his church choir when 
he became annoyed that the bookmark in his 
hymnal kept falling out. He thought to himself 
that it would be nice if the bookmark were sticky 
enough to stay in place but not so sticky that it 
couldn’t be moved. Luckily, he remembered 
Silver’s glue—and the Post-it Note was born. 

For the next three years, Fry worked to over- 
come the manufacturing obstacles associated with 
the product. By 1977 enough Post-it Notes were 
being produced to supply 3M’s corporate head- 
quarters, where the employees quickly became 
addicted to their many uses. Post-it Notes are now 
available in 62 colors and 25 shapes. 

In the years since their introduction, 3M has 
heard some remarkable stories connected to the 
use of these notes. For example, a Post-it Note was 
applied to the nose of a corporate jet, where it was 
intended to be read by the plane’s Las Vegas 
ground crew. Someone forgot to remove it, 
however. The note was still on the nose of the 
plane when it landed in Minneapolis, having sur- 
vived a takeoff and landing and speeds of 500 
miles per hour at temperatures as low as —S6°F. 
Stories on the 3M website also describe how a 
Post-it Note on the front door of a home survived 
the 140 mile per hour winds of Hurricane Hugo 
and how a foreign official accepted Post-it Notes 
in lieu of cash when a small bribe was needed to 
cut through bureaucratic hassles. 

Post-it Notes have definitely changed the way 
we communicate and remember things. 





Step 3: The data are evaluated by chemists, chemical engineers, business manag- 
ers, safety engineers, and others to determine which possibility is most feasible. 


Step 4: A pilot-plant test of the process is carried out. The scale of the pilot plant 
is between that of the laboratory and that of a manufacturing plant. This test 
has several purposes: to make sure that the reaction is efficient at a larger scale, 
to test reactor (reaction container) designs, to determine the costs of the process, 
to evaluate the hazards, and to gather information on environmental impact. 





1.5 | Polyvinyl Chloride (PVC): 
Real-World Chemistry 


To get a little better feel for how the world of industrial chemistry operates, we 
will now consider a particular product, polyvinyl chloride (PVC), to see what 
types of considerations have been important in making this a successful and 
important consumer product. 
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A scientist inspecting a product being 
formed from polyvinyl plastic. 
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When you put on a nylon jacket, use a polyethylene wash bottle in the lab, 
wear contact lenses, or accidentally drop your telephone (and it doesn’t break), 
you are benefiting from the properties of polymers. Polymers are very large 
molecules that are assembled from small units (called monomers). Because of 
their many useful properties, polymers are manufactured in huge quantities. In 
fact, it has been estimated that more than 50% of all industrial chemists have 
jobs that are directly related to polymers. 

One particularly important polymer is polyvinyl chloride (PVC), which is 
made from the molecule commonly called vinyl chloride: 
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When many of these units are joined together, the polymer PVC results: 
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This can be represented as 
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where 7 is usually greater than 1000. 

Because the development of PVC into a useful, important material is rep- 
resentative of the type of problem solving encountered in industrial chemistry, 
we will consider it in some detail. 

In pure form PVC is a hard, brittle substance that decomposes easily at the 
high temperatures necessary to process it. This makes it almost useless. The 
fact that it has become a high-volume plastic (~10 billion pounds per year 
produced in the United States) is a tribute to chemical innovation. Depending 
on the additives used, PVC can be made rigid or highly flexible, and it can be 


tailored for use in inexpensive plastic novelty items or for use in precision en- 
gineering applications. 
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The development of PVC illustrates the interplay of logic and serendipity, 
as well as the importance of optimizing properties both for processing and for 
applications. PVC production has been beset with difficulties from the begin- 
ning, but solutions have been found for each problem through a combination 
of chemical deduction and trial and error. For example, many additives have 
been found that provide temperature stability so that PVC can be processed as 
a melt (liquid) and so that PVC products can be used at high temperatures. 
However, there is still controversy among chemists about exactly how PVC 
decomposes thermally, and thus the reason these stabilizers work is not well 
understood. Also, there are approximately 100 different plasticizers (softeners) 
available for PVC, but the theory of its plasticization is too primitive to predict 
accurately which compounds might produce even better results. 

PVC was discovered by a German chemical company in 1912, but its brit- 
tleness and thermal instability proved so problematical that in 1926 the com- 
pany stopped paying the fees to maintain its patents. That same year Waldo 
Semon, a chemist at B. F. Goodrich, found that PVC could be made flexible by 
the addition of phosphate and phthalate esters. Semon also found that white 
lead [Pb3(OH)2(CO3)2] provided thermal stability to PVC. These advances led 
to the beginning of significant U.S. industrial production of PVC (~4 million 
pounds per year by 1936). In an attempt to further improve PVC, T. L. 
Gresham (also a chemist at B. F. Goodrich) tried approximately 1000 com- 
pounds, searching for a better plasticizer. The compound that he found (its 
identity is not important here) remains the most common plasticizer added to 
PVC. The types of additives commonly used in the production of PVC are 
listed in Table 1.1. 

Although the exact mechanism of the thermal, heat-induced decomposi- 
tion of PVC remains unknown, most chemists agree that the chlorine atoms 
present in the polymer play an important role. Lead salts are added to PVC 
both to provide anions less reactive than chloride and to provide lead ions to 
combine with the released chloride ions. As a beneficial side effect, the lead 
chloride formed gives PVC enhanced electrical resistance, making lead stabiliz- 
ers particularly useful in producing PVC for electrical wire insulation. 

One major use of PVC is for pipes in plumbing systems. Here, even though 
the inexpensive lead stabilizers would be preferred from an economic stand- 
point, the possibility that the toxic lead could be leached from the pipes into 
the drinking water necessitates the use of more expensive tin and antimony 
compounds as thermal stabilizers. Because about one-half of the annual U.S. 
production of PVC is formed into piping, the PVC formulation used for pipes 
represents a huge market for companies that manufacture additives, and the 
competition is very intense. A recently developed low-cost thermal stabilizer 
for PVC is a mixture of antimony and calcium salts. This mixture has replaced 
stabilizers containing tin compounds that have become increasingly costly in 
recent years. 

Outdoor applications of PVC often require that it contain ultraviolet light 
absorbers to protect against damage from sunlight. For pigmented applications 


Table 1.1 
Types of Additives Commonly Used in the Production of PVC 





Type of Additive Effect 








Plasticizer Softens the material 

Heat stabilizer Increases resistance to thermal decomposition 
Ultraviolet absorber Prevents damage by sunlight 

Flame retardant Lowers flammability 


Biocide Prevents bacterial or fungal attack 
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such as vinyl siding, window frames, and building panels, titanium(IV) oxide 
(TiO>) is usually used. For applications in which the PVC must be transparent, 
other compounds are needed. 

The additives used in PVC in the largest amounts are plasticizers, but one 
detrimental effect of these additives is an increase in flammability. Rigid PVC, 
which contains little plasticizer, is quite flame resistant because of its high chlo- 
ride content. However, as more plasticizer is added for flexibility, the flamma- 
bility increases to the point where fire retardants must be added, the most 
common being antimony(III) oxide (Sb.03). As the PVC is heated, this oxide 
forms antimony(III) chloride (SbCl;), which migrates into the flame, where it 
inhibits the burning process. Because antimony(III) oxide is a white salt, it can- 
not be used for transparent or darkly colored PVC. In these cases sodium anti- 
monate (Na3SbO,), a transparent salt, is used. 

Once the additives have been chosen for a particular PVC application, the 
materials must be blended. This is often done in a dry-blending process, which 
produces a powder that is then used for fabrication of the final product. The 
powdered mixture also can be melted and formed into pellets, which are easily 
shipped to manufacturing plants, where they are remelted and formed into the 
desired products. 

The production of PVC provides a good case study of an industrial pro- 
cess. It illustrates many of the factors that must be taken into account when 
any product is manufactured: effectiveness of the product, cost, ease of pro- 
duction, safety, and environmental impact. The last issue is becoming ever 
more important as our society struggles both to reduce the magnitude of the 
waste stream by recycling and to improve our waste disposal methods. 
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scientific method 
measurement 
natural law 
theory 





OWL ana Ee) chemistry 


Sign in at www.cengage.com/ow/l to: 

e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 


Thinking like a chemist 
a Problem solving often requires trial and error. 
m Practice helps one become a better problem solver. 


Scientific method 

a Make observations. 

a Formulate hypotheses. 
a Make predictions. 

a Perform experiments. 


Difference between a law and a theory 

= A law summarizes what happens; it comes from generally observed 
behavior. 

« A theory is an attempt at an explanation of why nature behaves in a 
ee way; it is subject to modifications over time and sometimes 
ails. 


Three general types of activities in industrial chemistry 

w Isolating naturally occurring substances for use as raw materials 

= Processing raw materials into commercial products via chemical 
reactions 

a Using chemicals to provide services 
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n this chapter we present very briefly many of the fundamental concepts 

and some of the vocabulary of chemistry plus something about how the 

science developed. Depending on your specific background in chemistry, 

much of this material may be review. However, whatever your back- 
ground, read this chapter carefully to be sure this material is fresh in your mind 
as we pursue the study of reaction chemistry in Chapters 3 and 4. 





2.1 
OWL 


Sign in to OWL at www.cengage.com/owl 
to view tutorials and simulations, develop 
problem-solving skills, and complete online 
homework assigned by your professor. 


Fe) Chemistry 


Download mini lecture videos for 
key concept review and exam prep 
from OWL or purchase them 

from www.cengagebrain.com. 





The Priestley Medal is the highest 
honor given by the American Chemical 
Society. It is named for Joseph 
Priestley, who was born in England on 
March 18, 1733. He performed many 
important scientific experiments, one of 
which led to the discovery that a gas 
later identified as carbon dioxide could 
be dissolved in water to produce 
seltzer, Also, as a result of meeting 
Benjamin Franklin in London in 1766, 
Priestley became interested in electric- 
ity and was the first to observe that 
graphite was an electrical conductor. 
However, his greatest discovery 
occurred in 1774, when he isolated 
oxygen by heating mercuric oxide. 

Because of his nonconformist politi- 
cal views, he was forced to leave 
England. He died in the United States 
in 1804. 


The Early History of Chemistry 


Chemistry has been important since ancient times. The processing of natural 
ores to produce metals for ornaments and weapons and the use of embalming 
fluids are two applications of chemical phenomena that were used before 
1000 B.c. 

The Greeks were the first to try to explain why chemical changes occur. By 
about 400 s.c. they had proposed that all matter was composed of four funda- 
mental substances: fire, earth, water, and air. The Greeks also considered the 
question of whether matter is continuous, and thus infinitely divisible into 
smaller pieces, or composed of small indivisible particles. One supporter of the 
latter position was Democritus, who used the term atomos (which later be- 
came atoms) to describe these ultimate particles. However, because the Greeks 
had no experiments to test their ideas, no definitive conclusion about the divis- 
ibility of matter was reached. 

The next 2000 years of chemical history were dominated by a pseudosci- 
ence called alchemy. Alchemists were often mystics and fakes who were ob- 
sessed with the idea of turning cheap metals into gold. However, this period 
also saw important discoveries: Elements such as mercury, sulfur, and anti- 
mony were discovered, and alchemists learned how to prepare the mineral 
acids. 

The foundations of modern chemistry were laid in the sixteenth century 
with the development of systematic metallurgy (extraction of metals from ores) 
by a German, Georg Bauer, and the medicinal application of minerals by the 
Swiss alchemist Paracelsus. 

The first “chemist” to perform truly quantitative experiments was Robert 
Boyle (1627-1691), an Irish scientist, who carefully measured the relationship 
between the pressure and volume of gases. When Boyle published his book The 
Sceptical Chemist in 1661, the quantitative sciences of physics and chemistry 
were born. In addition to his results on the quantitative behavior of gases, 
Boyle’s other major contribution to chemistry consisted of his ideas about the 
chemical elements. Boyle held no preconceived notion about the number of ele- 
ments. In his view a substance was an element unless it could be broken down 
into two or more simpler substances. As Boyle’s experimental definition of an 
element became generally accepted, the list of known elements began to grow, 
and the Greek system of four elements finally died. Although Boyle was an 
excellent scientist, he was not always right. For example, he clung to the alche- 
mist’s views that metals were not true elements and that a way would eventu- 
ally be found to change one metal to another. 

The phenomenon of combustion evoked intense interest in the seventeenth 
and eighteenth centuries. The German chemist Georg Stahl (1660-1734) sug- 
gested that a substance he called phlogiston flowed out of the burning mate- 
rial. Stahl postulated that a substance burning in a closed container eventually 
stopped burning because the air in the container became saturated with phlo- 
giston. Oxygen gas, discovered by Joseph Priestley (1733-1804), an English 
clergyman and scientist, was found to support vigorous combustion and was 
thus supposed to be low in phlogiston. In fact, oxygen was originally called 
“dephlogisticated air.” It is important to note that the observations made by 


Figure 2.1 
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Joseph Priestley did not contradict those made by Georg Stahl. However, 
Priestley’s theory to explain what he saw was vastly different. As we stated in 
Chapter 1, what happens doesn’t change, but our ideas about why a phenom- 
enon occurs can change. Such is the nature of science. 
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Fundamental Chemical Laws 


By the late eighteenth century, combustion had been studied extensively; the 
gases carbon dioxide, nitrogen, hydrogen, and oxygen had been discovered; 
and the list of elements continued to grow. However, it was Antoine Lavoisier 
(1743-1794), a French chemist (Fig. 2.1), who finally explained the true na- 
ture of combustion, thus clearing the way for the tremendous progress that 
was made near the end of the eighteenth century. Lavoisier, like Boyle, re- 
garded measurement as the essential operation of chemistry. His experiments, 
in which he carefully weighed the reactants and products of various reactions, 
suggested that mass is neither created nor destroyed. Lavoisier’s discovery of 
this law of conservation of mass was the basis for the developments in chemis- 
try in the nineteenth century. 

Lavoisier’s quantitative experiments showed that combustion involved 
oxygen (which Lavoisier named), not phlogiston. He also discovered that life 
was supported by a process that also involved oxygen and was similar in many 
ways to combustion. In 1789 Lavoisier published the first modern chemistry 
textbook, Elementary Treatise on Chemistry, in which he presented a unified 
picture of the chemical knowledge assembled up to that time. Unfortunately, 
in the same year the text was published, the French Revolution began. Lavoisier, 
who had been associated with collecting taxes for the government, was exe- 
cuted on the guillotine as an enemy of the people in 1794. 

After 1800, chemistry was dominated by scientists who, following Lavoisi- 
er’s lead, performed careful weighing experiments to study the course of chem- 
ical reactions and to determine the composition of various chemical com- 
pounds. One of these chemists, a Frenchman, Joseph Proust (1754-1826), 
showed that a given compound always contains exactly the same proportion of 
elements by mass. For example, Proust found that the substance copper car- 
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Figure 2.2 

John Dalton (1766-1844), an English- 
man, began teaching at a Quaker 
school when he was 12. His fascina- 
tion with science included an intense 
interest in meteorology (he kept careful 
daily weather records for 46 years), 
which led to an interest in the gases of 
the air and their ultimate components, 
atoms. Dalton is best known for his 
atomic theory, in which he postulated 
that the fundamental differences 
among atoms are their masses. He 
was the first to prepare a table of rela- 
tive atomic weights. 

Dalton was a humble man with 
several apparent handicaps: He was 
poor; he was not articulate; he was not 
a skilled experimentalist; and he was 
color-blind, a terrible problem for a 
chemist. Despite these disadvantages, 
he helped revolutionize the science of 
chemistry. 


bonate is always 5.3 parts copper to 4 parts oxygen to 1 part carbon (by mass). 
The principle of the constant composition of compounds, originally called 
Proust’s law, is now known as the law of definite proportion. 

Proust’s discovery stimulated John Dalton (1766-1844), an English 
schoolteacher (Fig. 2.2), to think about atoms. Dalton reasoned that if ele- 
ments were composed of tiny individual particles, a given compound should 
always contain the same combination of these atoms. This concept explained 
why the same relative masses of elements were always found in a given 
compound. 

But Dalton discovered another principle that convinced him even more of 
the existence of atoms. He noted, for example, that carbon and oxygen form 
two different compounds that contain different relative amounts of carbon and 
oxygen, as shown by the following data: 


Mass of Oxygen That Combines 
with 1 g of Carbon 





Compound I 
Compound II 


il Bieh(s 
2.66 g 


Dalton noted that compound II contained twice as much oxygen per gram of 
carbon as compound I, a fact that could be easily explained in terms of atoms. 
Compound I might be CO, and compound II might be CO3. This principle, 
which was found to apply to compounds of other elements as well, became 
known as the law of multiple proportions: When two elements form a series of 
compounds, the ratios of the masses of the second element that combine with 
1 gram of the first element can always be reduced to small whole numbers. 

These ideas are also illustrated by the compounds of nitrogen and oxygen, 
as shown by the following data: 


Mass of Nitrogen That Combines 
with 1 g of Oxygen 





Compound I BSO52 
Compound II 0.8750 g 
Compound III 0.4375 g 


which yield the following ratios: 
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The significance of these data is that compound I contains twice as much 
nitrogen (N) per gram of oxygen (O) as does compound II and that compound 
Il contains twice as much nitrogen per gram of oxygen as does compound III. 
In terms of the numbers of atoms combining, these data can be explained by 
any of the following sets of formulas: 


Compound I NO NO N,O, 
Compound II NO or NO, or NO, 
Compound III NO, NO, NO, 
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In fact, an infinite number of other possibilities exists. Dalton could not deduce 
absolute formulas from the available data on relative masses. However, the 
data on the composition of compounds in terms of the relative masses of the 
elements supported his hypothesis that each element consisted of a certain type 
of atom and that compounds were formed from specific combinations of 
atoms. 
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These statements are a modern para- 
phrase of Dalton’s ideas 


mass (m): the quantity of matter in 
a body 


weight: m X g 


Dalton’s Atomic Theory 


In 1808 Dalton published A New System of Chemical Philosophy, in which he 
presented his theory of atoms. 


Dalton’s Model 








1. Each element is made up of tiny particles called atoms. 

2. The atoms of a given element are identical; the atoms of different elements are 
different in some fundamental way or ways. 

3. Chemical compounds are formed when atoms combine with one another. A given 
compound always has the same relative numbers and types of atoms. 

4. Chemical reactions involve reorganization of the atoms—changes in the way they 
are bound together. The atoms themselves are not changed in a chemical reaction. 


It is instructive to consider Dalton’s reasoning on the relative masses of the 
atoms of the various elements. In Dalton’s time, water was known to be com- 
posed of the elements hydrogen and oxygen, with 8 grams of oxygen present 
for every 1 gram of hydrogen. If the formula for water were OH, an oxygen 
atom would have to have eight times the mass of a hydrogen atom. However, 
if the formula for water were HO (two atoms of hydrogen for every oxygen 
atom), this would mean that each atom of oxygen is 16 times as heavy as each 
atom of hydrogen (since the ratio of the mass of one oxygen to that of two 
hydrogens is 8 to 1). Because the formula for water was not then known, Dal- 
ton could not specify the relative masses of oxygen and hydrogen unambigu- 
ously. To solve the problem, Dalton made a fundamental assumption: He de- 
cided that nature would be as simple as possible. This assumption led him to 
conclude that the formula for water should be OH. He thus assigned hydrogen 
a mass of 1 and oxygen a mass of 8. 

Using similar reasoning for other compounds, Dalton prepared the first 
table of atomic masses (formerly called atomic weights by chemists, since mass 
is usually determined by comparison to a standard mass—a process called 
weighing*). Many of the masses were later proved to be wrong because of 
Dalton’s incorrect assumptions about the formulas of certain compounds, but 
the construction of a table of masses was an important step forward. 

Although not recognized as such for many years, the keys to determining 
absolute formulas for compounds were provided in the experimental work of 
the French chemist Joseph Gay-Lussac (1778-1850) and by the hypothesis 
of an Italian chemist named Amedeo Avogadro (1776-1856). In 1809 Gay- 
Lussac performed experiments in which he measured (under the same condi- 
tions of temperature and pressure) the volumes of gases that reacted with one 
another. For example, Gay-Lussac found that 2 volumes of hydrogen react 
with 1 volume of oxygen to form 2 volumes of gaseous water and that 1 vol- 





*Technically, weight is the force exerted on an object by gravitational attraction to a body such as 
the earth (weight = mass X acceleration due to gravity). It is mass (the quantity of matter in a 
body), not weight, that chemists use in their measurements, although the two terms are sometimes 
used interchangeably. 


lection, New York 


The Granger 


20 Chapter 2 Atoms, Molecules, and lons 







Joseph Louis Gay-Lussac (1778- 
1850), a French physicist and chemist, 
was remarkably versatile. Although he 
iS now primarily Known for his studies 
on the combining of volumes of gases, 
Gay-Lussac was instrumental in the 
studies of many of the other properties 
of gases. Some of Gay-Lussac’s 
motivation to learn about gases arose 
from his passion for ballooning. !n fact, 
he made ascents to heights of over 

4 miles to collect air samples, setting 
altitude records that stood for approxi- 
mately 50 years. Gay-Lussac also was 
the codiscoverer of boron and the 
developer of a process for manufactur- 
ing sulfuric acid. As chief assayer of the 
French mint, Gay-Lussac developed 
many techniques for chemical analysis 
and invented many types of glassware 
now used routinely in labs. Gay-Lussac 
spent his last 20 years as a lawmaker 
in the French government. 





ume of hydrogen reacts with 1 volume of chlorine to form 2 volumes of hydro- 
gen chloride. 

In 1811 Avogadro interpreted these results by proposing that, at the same 
temperature and pressure, equal volumes of different gases contain the same 
number of particles. This assumption (called Avogadro’s hypothesis) makes 
sense if the distances between the particles in a gas are very great compared 
with the sizes of the particles. Under these conditions the volume of a gas is 
determined by the number of molecules present, not by the size of the indi- 
vidual particles. 

If Avogadro’s hypothesis is correct, Gay-Lussac’s result, 


2 volumes of hydrogen react with 1 volume of oxygen 
—— 2 volumes of water vapor 


can be expressed as follows: 


2 molecules of hydrogen react with 1 molecule of oxygen 
— 2 molecules of water 


These observations can be explained best by assuming that gaseous hydrogen, 
oxygen, and chlorine are all composed of diatomic (two-atom) molecules: Ho, 
O,, and Cl), respectively. Gay-Lussac’s results can then be represented as 
shown in Fig. 2.3. (Note that this reasoning suggests that the formula for water 
is H,O, not OH as Dalton believed.) 

Unfortunately, Avogadro’s interpretations were not accepted by most 
chemists. The main stumbling block seems to have been the prevailing belief 
that only atoms of different elements could attract each other to form mole- 
cules. Dalton and the other prominent chemists of the time assumed that iden- 
tical atoms had no “affinity” for each other and thus would not form diatomic 
molecules. 

Because no general agreement existed concerning the formulas for ele- 
ments such as hydrogen, oxygen, and chlorine or for the compounds formed 
from these elements, chaos reigned in the first half of the nineteenth century. 
Although during this period chemists, such as the Swedish chemist Jons Jakob 
Berzelius (1779-1848), made painstaking measurements of the masses of vari- 
ous elements that combined to form compounds, these results were interpreted 
in many different ways, depending on the assumptions about the formulas of 
the elements and compounds, and this led to many different tables of atomic 
masses. The situation was so confused that 19 different formulas for the com- 





























Figure 2.3 


A representation of combining gases at the molecular level. The spheres represent atoms in 
the molecules, and the boxes represent the relative volumes of the gases. 
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pound acetic acid were given in a textbook written in 1861 by F. August Kekulé 
(1829-1896). In the next section we will see how this mess was finally cleaned 
up, primarily because of the leadership of the Italian chemist Stanislao Canniz- 
zaro (1826-1910). 
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Both gases are at the same tempera- 
ture and pressure. 


Cannizzaro’s Interpretation 


Convinced that chemists had to find a way to agree on a common set of atomic 
masses, the German chemist F. August Kekulé organized the First International 
Chemical Congress held in 1860 at Karlsruhe, Germany. At this meeting the 
young Italian chemist Stanislao Cannizzaro presented his ideas so clearly and 
forcefully, both in formal and informal talks, that a consensus about atomic 
masses began to develop in the chemical community. Cannizzaro was guided 
by two main beliefs: 


1. Compounds contained whole numbers of atoms as Dalton postulated. 


2. Avogadro’s hypothesis was correct—equal volumes of gases under the 
same conditions contain the same number of molecules. 


Applications of Avogadro’s hypothesis to Gay-Lussac’s results of combin- 
ing volumes of gas convinced Cannizzaro that hydrogen gas consisted of H) 
molecules. Thus he arbitrarily assigned the relative molecular mass of hydro- 
gen (H2) to be 2. He then set out to measure the relative molecular masses for 
other gaseous substances. He did so by comparing the mass of 1 liter of a given 
gas with the mass of 1 liter of hydrogen gas (both gases at the same conditions 
of temperature and pressure). For example, the ratio of the masses of 1-liter 
samples of oxygen and hydrogen gas is 16: 

Mass of 1.0 Loxygengas 16 32 


Mass of 1.0 Lhydrogen gas_ 1 2 





Since by Avogadro’s hypothesis both samples of gas contain the same 
number of molecules, the mass of an oxygen molecule (which he assumed to be 
O,) must be 32 relative to a mass of 2 for the H molecule. Since each molecule 
contains two atoms, the relative atomic masses for oxygen and hydrogen are 
then 16 and 1, respectively. Using this same method, Cannizzaro found the 
relative molecular mass of carbon dioxide to be 44 (relative to 2 for Hy»). 
Chemical analysis of carbon dioxide had shown it to contain 27% carbon (by 
mass). This percentage corresponds to (0.27)(44 g), or 12 g, of carbon in 
44 g of carbon dioxide, and 44 g — 12 g = 32 g of oxygen. Recall that the oxy- 
gen atom has a relative mass of 16. Thus if the formula of carbon dioxide 
is assumed to be CO , then the relative mass of carbon is 12 because 
12 + 2(16) = 44. However, if the formula of carbon dioxide is C,O>, then 12 
represents the relative mass of two carbon atoms, giving carbon a relative mass 
of 6. Similarly, the formula C30, for carbon dioxide gives a relative mass of 4 
for carbon. Thus the relative mass of the carbon atom cannot be determined 
from these data without knowing the formula for carbon dioxide. This is ex- 
actly the type of problem that had plagued chemists all along and was the 
reason for so many different mass tables. 

Cannizzaro addressed this problem by obtaining the relative molecular 
masses of many other compounds containing carbon. For example, consider 
the data shown in Table 2.1. Notice from these data that the relative mass of 
carbon present in the compounds is always a multiple of 12. This observation 
strongly suggests that the relative mass of carbon is 12, which in turn would 
mean that the formula for carbon dioxide is CQ). 
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Seeing Atoms 





There are many pieces of evidence that convince us 
that matter is made up of atoms. Some of the most 
compelling evidence comes from scanning probe 
microscopy. This technique employs a microscopic 
tip, which responds to a surface to reveal its archi- 
tecture. The principal methods of scanning probe 
microscopy are scanning tunneling microscopy 
(STM) and atomic force microscopy (AFM). 

The scanning tunneling microscope was 
invented at IBM’s Zurich Research Laboratory in 
Switzerland in the early 1980s by Gerd K. Binning 
and Heinrich Rohrer, who subsequently won the 
Nobel Prize in Physics for their work. STM uses an 
ultrasharp metal tip that is brought to within 
about 1 nm of the surface. A small voltage is 
applied to the tip, which produces current flow 
between the surface and the tip. This tunneling* 
current is strongly dependent on the distance of the 
tip from the surface. A feedback circuit, which 
senses the current flow, keeps the tip at a constant 
distance from the surface. The tip can also be used 
to move atoms around on the surface, as illus- 
trated by the elliptical arrangement of cobalt 
atoms shown in Fig. 2.4. 

AFM is similar in many ways to STM. In 
AFM, the attractive and repulsive forces acting on 
a tiny arm near the surface are measured, and a 
relief map is produced from the results. 

Recently, IBM researcher Leo Gross and his 
coworkers have found that the image produced 
by AFM can be greatly improved by inserting a 
carbon monoxide (CO) molecule at the end of the 
gold AFM tip. This technique enables the AFM 
probe to produce a detailed image of an entire 
molecule such as pentacene (C)2H;4) as depicted in 
Figure 2.5. 





*The term tunneling refers to the ability of electrons from the 
surface to escape even though they do not apparently possess 
enough energy to overcome the large potential energy holding 
them there. This quantum mechanical phenomenon is known 
as tunneling (the electron “tunnels through” the potential 
barrier). 
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Figure 2.4 
Image of a ring of cobalt atoms placed on a copper 
surface. 


Figure 2.5 

Top, A depiction of the EMF tip in which a CO @® mole- 
cule has been added to the tip (consisting of gold atoms). 
The image of the pentacene molecule is shown in blue, 
green, and red. 

Bottom, A ball and stick model of the pentacene (C2.H,.) 
molecule (carbon atoms are black, hydrogen atoms are 
white) 
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Stanislao Cannizzaro (1826-1910). 
Cannizzaro’s work ended the confu- 
sion of atomic mass values. 
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Table 2.1 


Relative Mass Data for Several Gases Containing Carbon 


Percent Relative Mass 














Relative Carbon of Carbon 
Compound Molecular Mass (by Mass) Present 
Methane 16 WS) 2 
Ethane 30 80 24 
Propane 44 82 36 
Butane 58 83 48 


Carbon dioxide 44 Dif, iL? 





EXAMPLE 2.1 


The first four compounds listed in Table 2.1 contain only carbon and hydro- 
gen. Predict the formulas for these compounds. 


Solution Since the compounds contain only carbon and hydrogen, the percent 
hydrogen in each compound (by mass) is 100 — % carbon. We can then find 
the relative mass of hydrogen present as follows: 


percent hydrogen 
100 





Relative mass of hydrogen = x relative molecular mass 


In tabular form the results are as follows: 











Relative Percent Relative Mass 
Compound Molecular Mass Hydrogen of Hydrogen 
Methane 16 25 4 
Ethane 30 20 6 
Propane 44 18 8 
Butane 58 ike! 10 


Combining the preceding results with those from Table 2.1, we find that 
methane contains relative masses of carbon and hydrogen of 12 and 4, respec- 
tively. Using the relative atomic mass values of 12 and 1 for carbon and hydro- 
gen gives a formula of CH, for methane. Similarly, the relative masses of car- 
bon and hydrogen in ethane of 24 and 6, respectively, lead to a formula of 
C,Hg for ethane. Similar reasoning gives formulas for propane and butane of 
C3Hs and C,H, respectively. 


Cannizzaro’s work was so convincing because he collected data on so 
many compounds. Although he couldn’t absolutely prove that his atomic mass 
values were correct (because he had no way to verify absolutely the formulas 
of the compounds), the consistency of the large quantity of data he had col- 
lected eventually convinced virtually everyone that his interpretation made 
sense and that the relative values of atomic mass that he had determined were 
correct. The confusion was finally over. Chemistry had the universal (relative) 
mass standards that it needed. 

It is worthwhile to note that Cannizzaro’s work led to approximate values 
of the relative atomic masses. His goal was not to determine highly precise 
values for atomic masses but rather to pin down the approximate values (for 
example, to show that oxygen’s relative mass was 16 rather than 8). The most 
precise values for atomic masses were determined by quantitative experiments 
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Figure 2.6 
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in which the combining masses of elements were carefully measured, such as in 
the work of Berzelius. 

In the next chapter we will have much more to say about atomic masses, 
including the origin of the very precise values used by today’s chemists. 





2D | Early Experiments to Characterize 
the Atom 


On the basis of the work of Dalton, Gay-Lussac, Avogadro, Cannizzaro, and 
others, chemistry was beginning to make sense. The concept of atoms was 
clearly a good idea. Inevitably, scientists began to wonder about the nature of 
the atom. What is an atom made of, and how do the atoms of the various ele- 
ments differ? 


The Electron 


The first important experiments that led to an understanding of the composi- 
tion of the atom were done by the English physicist J. J. Thomson (1856- 
1940), who studied electrical discharges in partially evacuated tubes called 
cathode-ray tubes (Fig. 2.6) during the period from 1898 to 1903. Thomson 
found that when high voltage was applied to the tube, a “ray” he called a cath- 
ode ray (because it emanated from the negative electrode, or cathode) was 
produced. Because this ray was produced at the negative electrode and was 
repelled by the negative pole of an applied electric field (Fig. 2.7), Thomson 
postulated that the ray was a stream of negatively charged particles, now called 
electrons. From experiments in which he measured the deflection of the beam 
of electrons in a magnetic field, Thomson determined the charge-to-mass ratio 
of an electron: 


2 6510 ee 
m 


where e represents the charge on the electron in coulombs and m represents the 
electron mass in grams. 

One of Thomson’s primary goals in his cathode-ray tube experiments was 
to gain an understanding of the structure of the atom. He reasoned that since 
electrons could be produced from electrodes made of various types of metals, 


A cathode-ray tube. The fast-moving all atoms must contain electrons. Since atoms were known to be electrically 
electrons excite the gas in the tube, neutral, Thomson further assumed that atoms also must contain some positive 
causing a glow between the elec- charge. Thomson postulated that an atom consisted of a diffuse cloud of posi- 
trodes. The green color in the photo is tive charge with the negative electrons embedded randomly in it. This model, 
due to the response of the screen 

(coated with zinc sulfide) to the elec- 


tron beam. 


Source of electrical potential 
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Figure 2.7 
Deflection of cathode rays by an 
applied electric field. 


Applied 
electric field — 









Metal 
electrode 


Metal 





electrode 
Spherical cloud of 
positive charge 
57 Electrons 
Figure 2.8 


Thomson’s plum pudding model. 


shown in Fig. 2.8, is often called the plum pudding model because the electrons 
are like raisins dispersed in a pudding (the positive-charge cloud), as in plum 
A classic English plum pudding. pudding, a favorite English dessert.* 

In 1909 Robert Millikan (1868-1953), working at the University of Chicago, 
performed very clever experiments involving charged oil drops. These experi- 
ments allowed him to determine the magnitude of the electron charge (Fig. 2.9). 
With this value and the charge-to-mass ratio determined by Thomson, Millikan 
was able to calculate the mass of the electron as 9.11 X 10-3! kilogram. 
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Figure 2.9 

A schematic representation of the apparatus Millikan used to determine the charge on the electron. The fall of charged oil droplets due 
to gravity can be halted by adjusting the voltage across the two plates. The voltage and the mass of an oil drop can then be used to cal- 
culate the charge on the oil drop. Millikan’s experiments showed that the charge on an oil drop is always a whole-number multiple of the 


electron charge. 





* Although J. J. Thomson is generally given credit for this model, the idea was apparently first suggested by the English mathematician and physi- 
cist William Thomson (better known as Lord Kelvin and not related to J. J. Thomson). 






Chapter 2 Atoms, Molecules, and lons 





Oeste Vebecitaece Marie Curie: Founder of Radioactivity 








Marie Sklodowska Curie, one of the truly monu- 
mental figures of modern science, was born in 
Warsaw, Poland, on November 7, 1867. Marie 
developed an early interest in chemistry, and it is 
interesting that Dmitri Mendeleev, creator of the 
periodic table and friend of Marie’s father (a high 
school mathematics and physics teacher), predicted 
great success for the young woman when he met 
her in Warsaw. 

To escape political persecution in Poland by the 
Russians, Marie emigrated in 1891 at the age of 24 
to Paris, where she decided to pursue a degree in 
science at the Sorbonne Institute. While studying 
there, Marie met Pierre Curie, a well-respected 
physicist who, among other things, had studied the 
temperature dependence of magnetism, which led 
to the formulation of Curie’s law. Marie and Pierre 
were married in 1895, after which Marie decided 
to pursue a doctorate in physics. As the subject of 
her doctoral thesis, she decided to study the strange 
radiation emitted by uranium ore, which had been 
accidentally discovered by Henri Becquerel. Marie 
was recruited for the task by Becquerel himself. As 
she began her studies, Madame Curie noticed that 
pitchblende produced more radiation than 
uranium, and she became convinced that an as-yet- Marie Sklodowska Curie (1867-1934) in her laboratory. 


unknown element in pitchblende was responsible 
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for this “radioactivity”—a term that she coined. Pierre interrupted his own research—he thought it 
The next step was to identify and isolate the would be for just a few weeks—to collaborate with 
radioactive element or elements in pitchblende. his wife on the project. The Curies actually bor- 
Radioactivity 


In the late nineteenth century, scientists discovered that certain elements pro- 
duce high-energy radiation. For example, in 1896 the French scientist Antoine 
Henri Becquerel accidentally found that the image of a piece of mineral con- 
taining uranium could be produced on a photographic plate in the absence of 
light. He attributed this phenomenon to a spontaneous emission of radiation 
by the uranium, which his student, Marie Curie, called radioactivity. Studies in 
the early twentieth century demonstrated three types of radioactive emission: 
gamma (y) rays, beta (8) particles, and alpha (a) particles. A y ray is high- 
energy “light”; a B particle is a high-speed electron; and an a particle has a 
2+ charge—that is, a charge twice that of the electron and with the opposite 
sign. The mass of an a particle is 7300 times that of an electron. More modes 
of radioactivity are now known, and we will discuss them in Chapter 20. Here 
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rowed money to support themselves and convinced 
the Austrian government to send them 1 ton of 
pitchblende from the mines at Joachimsthal. After 
receiving this S cubic foot pile of “sand” from 
Austria, the Curies worked to chemically digest the 
ore. In this process they worked with batches as 
large as 40 pounds at a time in an improvised lab- 
oratory with a leaky roof. Working through the 
bitter winter of 1896 and all through 1897 (in 
which they had their first daughter, Iréne, who 
also became a prominent scientist), in July 1898 
the Curies finally isolated a previously unknown 
element they named polonium after Marie’s home- 
land. Although most people would be satisfied by 
discovering a new element 400 times more radio- 
active than uranium, the Curies kept working. By 
this time, the 1 ton of pitchblende had been con- 
centrated to an amount that would fit into an ordi- 
nary flask. Marie continued to extract and crystal- 
lize increasingly smaller amounts of material. 
Finally, in November 1898 she obtained crystals of 
the salt of another new element that the Curies 
named radium, which turned out to be 900 times 
more radioactive than uranium. 

For their work the Curies were awarded the 
Nobel Prize in Physics in 1903, sharing the award 
with Henri Becquerel. In 1904, Pierre was awarded 
a chair in physics at the Sorbonne. He was killed 
tragically on the streets of Paris on April 19, 1906, 
when he was knocked down by a cab and the 





wheels of a heavy van passing in the opposite direc- 
tion ran over his head. After mourning for just a 
few weeks, Marie Curie decided to proceed with the 
research on radium. In an unprecedented action, she 
was awarded her late husband’s chair and became 
the first woman to teach at the Sorbonne. 

Marie Curie worked tirelessly to develop radio- 
activity as a new discipline in physics. With the 
help of five assistants, she studied the effects of 
radioactivity and developed the atomic theory of 
its origin. In 1911, Marie was awarded her second 
Nobel Prize, this time in chemistry, for the chemi- 
cal processes discovered in the identification of 
radium and polonium and for the subsequent char- 
acterization of those elements. During World 
War I, she trained doctors in the new methods of 
radiology and, after learning to drive, personally 
transported medical equipment to hospitals. After 
the war, Madame Curie assumed leadership of the 
newly built Radium Institute in Paris. In 1920, a 
campaign was mounted in the United States to 
produce 1 gram of radium for Marie to support 
her research. She traveled to the United States to 
receive the precious vial of radium at the White 
House in 1921. 

Marie Curie continued her studies of radioac- 
tivity until just before her death of leukemia in 
1934. She was truly one of the greatest scientists of 
the twentieth century. 








we will consider only a particles because they were used in some crucial early 
experiments. 


The Nuclear Atom 


In 1911 Ernest Rutherford (Fig. 2.10), who performed many of the pioneering 
experiments to explore radioactivity, carried out an experiment to test Thom- 
son’s plum pudding model. The experiment involved directing @ particles at a 
thin sheet of metal foil, as illustrated in Fig. 2.11. Rutherford reasoned that if 
Thomson’s model were accurate, the massive a particles should crash through 
the thin foil like cannonballs through gauze, as shown in Fig. 2.12(a). He ex- 
pected the a particles to travel through the foil with, at the most, very minor 
deflections in their paths. The results of the experiment were very different 
from those Rutherford anticipated. Although most of the a particles passed 


Portrait of Ernest Rutherford, 1932 by Oswald Hornby Birley, Royal Society, London, 


UK/Bridgeman Art Library 
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Figure 2.10 

Ernest Rutherford (1871-1937) was 
born on a farm in New Zealand. In 
1895 he placed second in a scholar- 
ship competition to attend Cambridge 
University but was awarded the schol- 
arship when the winner decided to stay 
home and get married. As a scientist in 
England, Rutherford did much of the 
early.work on characterizing radioactiv- 
ity. He named the a and B particles 
and the y ray and coined the term half- 
life to describe an important attribute of 
radioactive elements. His experiments 
on the behavior of a particles striking 
thin metal foils led him to postulate the 
nuclear atom. He also invented the 
name proton for the nucleus of the 
hydrogen atom. He received the Nobel 
Prize in Chemistry in 1908. 





Chapter 2 Atoms, Molecules, and lons 


Most particles 
pass straight 
through foil 


Some @ particles 
are scattered 





Source of Beam of 


@ particles 


@ particles 





Thin 
metal foil 


Screen to detect 
scattered @ particles 


Figure 2.11 
Rutherford’s experiment on a-particle bombardment of metal foil. (Gold foil was used in the 
original experiments because it can be hammered into extremely thin sheets.) 


straight through, many of the particles were deflected at large angles, as shown 
in Fig. 2.12(b), and some were reflected, never hitting the detector. This out- 
come was a great surprise to Rutherford. (He wrote that this result was com- 
parable to shooting a howitzer at a piece of paper and having the shell reflected 
back.) 

Rutherford knew from these results that the plum pudding model for the 
atom could not be correct. The large deflections of the @ particles could be 
caused only by a center of concentrated positive charge that contains most of 
the atom’s mass, as illustrated in Fig. 2.12(b). Most of the a particles pass di- 
rectly through the foil because the atom is mostly open space. The deflected 
a particles are those that had a “close encounter” with the massive positive 
center of the atom, and the few reflected a particles are those that made a “di- 
rect hit” on the much more massive positive center. 

In Rutherford’s mind these results could be explained only in terms of a 
nuclear atom—an atom with a dense center of positive charge (the nucleus) 
and electrons moving around the nucleus at a distance that is large relative to 
the nuclear radius. 


Diffuse 
positive 
charge 


Electrons scattered 


throughout ee 
—~@ 
3 
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Figure 2.12 


(a) The expected results of the metal foil experiment if Thomson’s model were correct. 
(b) Actual results. 
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2.6 | The Modern View of Atomic 
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Figure 2.13 
A nuclear atom viewed in cross 
section. 


The chemistry of an atom arises from 
its electrons. 


Structure: An Introduction 


In the years since Thomson and Rutherford, a great deal has been learned 
about atomic structure. Because much of this material will be covered in detail 
in later chapters, only an introduction will be given here. The simplest view of 
the atom is that it consists of a tiny nucleus with a diameter of about 107 !? cm 
and electrons that move about the nucleus at an average distance of about 107° 
cm away from it (Fig. 2.13). 

As we will see later, the chemistry of an atom mainly results from its 
electrons. For this reason chemists can be satisfied with a relatively crude 
nuclear model. The nucleus is assumed to contain protons, which have a 
positive charge equal in magnitude to the electron’s negative charge, and 
neutrons, which have virtually the same mass as a proton but no charge. 
The masses and charges of the electron, proton, and neutron are shown in 
TLable,2:2; 

Two striking things about the nucleus are its small size, compared with the 
overall size of the atom, and its extremely high density. The tiny nucleus ac- 
counts for almost all of the atom’s mass. Its great density is dramatically dem- 
onstrated by the fact that a piece of nuclear material about the size of a pea 
would have a mass of 250 million tons! 

As with any theory in science, although it provides answers to questions, it 
also brings about more questions. An important question to consider at this 
point is, “If all atoms are composed of these same components, why do differ- 
ent atoms have different chemical properties?” The answer to this question lies 
in the number and the arrangement of the electrons. The electrons constitute 
most of the atomic volume and thus are the parts that “intermingle” when at- 
oms combine to form molecules. Therefore, the number of electrons possessed 
by a given atom greatly affects its ability to interact with other atoms. As a 
result, the atoms of different elements, which have different numbers of pro- 
tons and electrons, show different chemical behavior. 

A sodium atom has 11 protons in its nucleus. Since atoms have no net 
charge, the number of electrons must equal the number of protons. Therefore, 
a sodium atom has 11 electrons moving around its nucleus. It is always true 
that a sodium atom has 11 protons and 11 electrons. However, each sodium 
atom also has neutrons in its nucleus, and different types of sodium atoms exist 
that have different numbers of neutrons. For example, consider the sodium 
atoms represented in Fig. 2.14. These two atoms are isotopes, or atoms with 


Table 2.2 


The Mass and Charge of the Electron, 
Proton, and Neutron 








Particle Mass Charge* 
Electron 9.11 10m kg le 
Proton Meneame Ake 1+ 
Neutron 167210 Zeke None 








proton is 1.60 X 1077 C. 
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Figure 2.14 Nucleus Nucleus 
Two isotopes of sodium. Both have 
11 protons and 11 electrons, but 
they differ in the number of neu- 
trons in their nuclei. Sodium-23 is 
the only naturally occurring form of 
sodium. Sodium-24 does not occur 
naturally but can be made 


\ 11 protons 
J 12 neutrons 





artificially. 
11 electrons 11 electrons 
24 
1/Na 1iNa 

the same number of protons but different numbers of neutrons. Note that the 

symbol for one particular type of sodium atom is written 
Mass number Mass number —_ 

5X < Element +3Na <— Element symbol 

Atomic number gl Atomic number 


where the atomic number, Z (number of protons), is written as a subscript and 
the mass number, A (the total number of protons and neutrons), is written as 
a superscript. (The particular atom represented here is called “sodium-23.” It 
has 11 electrons, 11 protons, and 12 neutrons.) Because the chemistry of an 
atom arises from its electrons, isotopes show almost identical chemical proper- 
ties. In nature most elements contain a mixture of isotopes. 





Cul | Molecules and Ions 


From a chemist’s viewpoint, the most interesting characteristic of an atom is 
its ability to combine with other atoms to form compounds. It was John Dal- 
ton who first recognized that chemical compounds were collections of atoms, 
but he could not determine the structure of atoms or their means for binding 
to one another. During the twentieth century, scientists have learned that at- 
oms have electrons and that these electrons participate in the bonding of one 
atom to another. We will discuss bonding thoroughly in Chapters 13 and 14; 
here we will consider some definitions that will be useful in the next few 
chapters. 

The forces that hold atoms together in compounds are called chemical 
bonds. One way that atoms can form bonds is by sharing electrons. These 
bonds are called covalent bonds, and the resulting collection of atoms is called 
a molecule. Molecules can be represented in several different ways. The sim- 
plest method is the chemical formula, in which the symbols for the elements 
are used to indicate the types of atoms present and subscripts are used to indi- 
cate the relative numbers of atoms. For example, the formula for carbon diox- 
ide is CO2, meaning, of course, that each molecule contains 1 atom of carbon 
and 2 atoms of oxygen. 

Familiar examples of molecules that contain covalent bonds are hydrogen 
(H2), water (H,O), oxygen (Oz), ammonia (NH3), and methane (CH4). More 
information about a molecule is given by its structural formula, in which the 
individual bonds are shown (indicated by lines). Structural formulas may or 
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Figure 2.15 

Space-filling model of the methane 
molecule. This tyoe of model shows 
both the relative sizes of the atoms in 
the molecule and their spatial 
relationships. 
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may not indicate the actual shape of the molecule. For example, water might 
be represented as 


H—O—H or O 


The structure on the right shows the actual shape of the water molecule, based 
on experimental evidence. Other examples of structural formulas are 


H 
i aN. i ’ ; R 
HON or Hof HCH or H to 
i i 
Ammonia Methane 


In the actual structures on the right, the central atom and the solid lines are 
understood to be in the plane of the page. Atoms connected to the central atom 
by dashed lines are behind the plane of the page, and atoms connected to the 
central atom by wedges are in front of the plane of the page. 

In a compound composed of molecules, the individual molecules move 
around as independent units. For example, a methane molecule is represented 
in Fig. 2.15 using a space-filling model. These models show the relative sizes of 
the atoms, as well as their relative orientation in the molecule. Figure 2.16 
shows other examples. Ball-and-stick models are also used to represent mole- 
cules. The ball-and-stick model of methane is shown in Fig. 2.17. 

A second type of chemical bonding results from attractions among ions. 
An ion is an atom or group of atoms that has a net positive or negative charge. 
The best-known ionic compound is common table salt, or sodium chloride, 
which forms when neutral chlorine and sodium react. 





—_— 
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Figure 2.17 

Ball-and-stick model of methane. 
Figure 2.16 
Space-filling models of various 
molecules. 


Ken O’Donoghue/Photograph 
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Figure 2.18 

Ball-and-stick models of the ammo- 
nium ion (NH4*) and the nitrate ion 
(NO3_). 
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To see how ions are formed, consider what happens when an electron is 
transferred from sodium to chlorine (the neutrons in the nuclei will be ignored): 


Neutral sodium 
atom (Na) 


Sodium ion 
(Na*) 


— Minus | electron ——> 





10 electrons 


11 electrons 


With one electron stripped off, the sodium with its 11 protons and only 10 elec- 
trons has become a positive ion with a net 1+ charge. A positive ion is called a 
cation. The process can be represented in shorthand form as 


Naas Naleacs 


If an electron is added to chlorine, 


Chloride ion 
(Clip) 


Neutral chlorine 
atom (Cl) 


Plus | electron-———> 








17 electrons | 


18 electrons 


the 18 electrons produce a net 1— charge; the chlorine has become an ion with 
a negative charge—an anion. This process is represented as 


Gate. ——> Gls 


Because anions and cations have opposite charges, they attract each other. 
This force of attraction between oppositely charged ions is called ionic bond- 
ing. As shown in Fig. 2.19, sodium metal and chlorine gas (a green gas com- 
posed of Cl, molecules) react to form solid sodium chloride, which contains 
many Na* and Cl ions packed together. The solid forms beautiful, colorless 
cubic crystals. 

A solid consisting of oppositely charged ions is called an ionic solid, or 
(often) a salt. Ionic solids can consist of simple ions, as in sodium chloride, or 
of polyatomic (many-atom) ions, as in ammonium nitrate (NH4NO3;), which 
contains ammonium cations (NH,*) and nitrate anions (NO;~). The ball-and- 
stick models of these ions are shown in Fig. 2.18. 
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Figure 2.19 

Sodium metal (which is so soft it can be cut with a knife and which consists of individual 
sodium atoms) reacts with chlorine gas (which contains Clo molecules) to form solid sodium 
chloride (which contains Na* and Cl” ions packed together). 
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2.8 | An Introduction to the Periodic Table 


Figure 2.20 

The periodic table continues to expand 
as new elements are synthesized in 
particle accelerators. 


Alkaline 
| earth metals 





In a room where chemistry is taught or practiced, a chart called the periodic 
table is almost certain to be found hanging on the wall. Recall that this chart 
shows all the known elements and provides a good deal of information about 
each. As your knowledge of chemistry increases, the periodic table will become 
more and more useful to you. In this section we will remind you about its fun- 
damental aspects. 

A simple version of the periodic table is shown in Fig. 2.20. The letters 
given in the boxes are the symbols for the elements, and the number shown 
above each symbol is the atomic number (number of protons) for that element. 
Most of the elements are metals. Metals have characteristic physical properties 
such as efficient conduction of heat and electricity, malleability (they can be 
hammered into thin sheets), ductility (they can be pulled into wires), and (of- 
ten) a lustrous appearance. Chemically, metal atoms tend to Jose electrons to 
form positive ions. For example, copper is a typical metal. It is lustrous (al- 
though it tarnishes readily); it is an excellent conductor of electricity (it is 
widely used in electrical wires); and it is readily formed into various shapes 
such as pipes for water systems. Copper is also found in many salts, such as the 
beautiful blue copper sulfate, in which copper is present as Cu2* ions. Copper 
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is a member of the transition metals—the metals shown in the center of the 
periodic table. 

The relatively few nonmetals appear in the upper right-hand corner of the 
table (to the right of the heavy line in Fig. 2.20), except hydrogen, a nonmetal 
that is grouped with the metals. The nonmetals typically lack the physical 
properties that characterize the metals. Chemically, they tend to gain electrons 
to form anions in reactions with metals. Nonmetals often bond to each other 
by forming covalent bonds. For example, chlorine is a typical nonmetal. Under 
normal conditions, it exists as Cl, molecules; it reacts with metals to form salts 
containing Cl~ ions (NaCl, for example); and it forms covalent bonds with 
nonmetals (for example, hydrogen chloride gas, or HCl). 

The periodic table is arranged so that elements in the same vertical col- 
umns (called groups or families) have similar chemical properties. For exam- 
ple, all of the alkali metals, members of Group 1A—lithium (Li), sodium (Na), 
potassium (K), rubidium (Rb), cesium (Cs), and francium (Fr)—are very active 
elements that readily form ions with a 1+ charge when they react with non- 
metals. The members of Group 2A—beryllium (Be), magnesium (Mg), calcium 
(Ca), strontium (Sr), barium (Ba), and radium (Ra)—are called the alkaline 
earth metals. They all form ions with a 2+ charge when they react with non- 
metals. The halogens, the members of Group 7A—fluorine (F), chlorine (Cl), 
bromine (Br), iodine (I), and astatine (At)—all form diatomic molecules. Fluo- 
rine, chlorine, bromine, and iodine all react with metals to form salts contain- 
ing ions with a 1— charge (F-, Cl-, Br’; and I"). The members of Group 
8A—helium (He), neon (Ne), argon (Ar), krypton (Kr), xenon (Xe), and radon 
(Rn)—are known as the noble gases. They all exist under normal conditions as 
monatomic (single-atom) gases and have little chemical reactivity. 

The horizontal rows of elements in the periodic table are called periods. 
Horizontal row one is called the first period (it contains H and He), row two 
is called the second period (elements Li through Ne), and so on. 

We will learn much more about the periodic table as we continue with our 
study of chemistry. Meanwhile, when an element is introduced in this text, you 
should always note its position on the periodic table. 
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Naming Simple Compounds 


When chemistry was an infant science, there was no system for naming com- 
pounds. Names such as sugar of lead, blue vitriol, quicklime, Epsom salts, milk 
of magnesia, gypsum, and laughing gas were coined by early chemists. Such 
names are called common names. As chemistry grew, it became clear that using 






Chemical Insights 


Chapter 2 Atoms, Molecules, and lons 





Hassium Fits Right In 





Hassium, element 108, does not exist in nature but 
must be made in a particle accelerator. It was first 
created in 1984 and can be made by shooting 
magnesium-26 (7$Mg) atoms at curium-248 
(738Cm) atoms. The collisions between these atoms 
produce some hassium-265 ({§3Hs) atoms. The 
position of hassium in the periodic table (see Fig. 
2.20) in the vertical column containing iron, ruthe- 
nium, and osmium suggests that hassium should 
have chemical properties similar to these metals. 
However, it is not easy to test this prediction— 
only a few atoms of hassium can be made at a 
given time and they last for only about 9 seconds. 
Imagine having to get your next lab experiment 
done in 9 seconds! 

Amazingly, a team of chemists from the Law- 
rence Berkeley National Laboratory in California, 


the Paul Scherrer Institute and the University of 
Bern in Switzerland, and the Institute of Nuclear 
Chemistry in Germany have done experiments to 
characterize the chemical behavior of hassium. For 
example, they have observed that hassium atoms 
react with oxygen to form a hassium oxide com- 
pound of the type expected from its position on 
the periodic table. The team has also measured 
other properties of hassium, including the energy 
released as it undergoes nuclear decay to another 
atom. 

This work would have surely pleased Dmitri 
Mendeleev, who originally developed the periodic 
table and showed its power to predict chemical 
properties. 











The systematic naming of organic 
compounds will be discussed in 
Chapter 21. 


A monatomic cation has the same 
name as its parent element. 





common names for compounds would lead to unacceptable chaos. More than 
4 million chemical compounds are currently known. Memorizing common 
names for these compounds would be an impossible task. 

The solution, of course, is to adopt a system for naming compounds in 
which the name tells something about the composition of the compound. After 
learning the system, a chemist given a formula should be able to name the 
compound, or given a name should be able to construct the compound’s for- 
mula. In this section we will specify the most important rules for naming com- 
pounds other than organic compounds (those based on chains of carbon 
atoms). 

We will begin with the systems for naming inorganic binary compounds— 
compounds composed of two elements—which we classify into various types 
for easier recognition. We will consider both ionic and covalent compounds. 


Binary Compounds (Type |; lonic) 


Binary ionic compounds contain a positive ion (cation), always written first in 
the formula, and a negative ion (anion). In the naming of these compounds, the 
following rules apply: 


1. The cation is always named first and the anion second. 


2. A monatomic (meaning from one atom) cation takes its name from the 
name of the element. For example, Na* is called sodium in the names of 
compounds containing this ion. 


3. A monatomic anion is named by taking the first part of the element name 
and adding -ide. Thus the Cl~ ion is called chloride. 


Some common monatomic cations and anions and their names are given in 
Table 223: 


In formulas of ionic compounds, simple 
ions are represented by the element 
symbol: Cl means Cl-, Na means Na‘, 
and so on. 


Type Il binary ionic compounds contain 
a metal that can form more than one 
type of cation. 


A compound containing a metal that 
forms multiple cations must have a 
Roman numeral in its name. 
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Table 2.3 


Common Monatomic Cations and Anions 





Cation Name Anion Name 
He Hydrogen Fe Hydride 
bye" Lithium F- Fluoride 
Nat Sodium Cla Chloride 
IK Potassium Be Bromide 
so Cesium le lodide 
Be?* Beryllium a Oxide 
Mg?* Magnesium Set Sulfide 
Ga** Calcium N?- Nitride 
Ba** Barium p3- Phosphide 
A+ Aluminum 

Ag* Silver 

Der Zinc 








A Type I binary ionic compound contains a metal that forms only one type 
of cation. The rules for naming Type I compounds are illustrated by the fol- 
lowing examples: 


Compound Ions Present Name 


NaCl Naor Cle Sodium chloride 
KI Keri Potassium iodide 
CaS Car Se= Calcium sulfide 
Li;N [a SNe Lithium nitride 
CsBr Cs ORE Cesium bromide 
MgO Mezi@?s Magnesium oxide 


Binary Compounds (Type II; lonic) 


In the ionic compounds considered previously (Type I), the metal involved forms 
only a single type of cation. That is, sodium forms only Na*, calcium forms only 
Ca**, and so on. However, as we will see in more detail later in the text, many 
metals can form more than one type of positive ion and thus form more than one 
type of ionic compound with a given anion. For example, the compound FeCl, 
contains Fe?* ions, and the compound FeCl; contains Fe** ions. In cases such as 
these, the charge on the metal ion must be specified. The systematic names for 
these two iron compounds are iron(II) chloride and iron(II) chloride, respec- 
tively, where the Roman numeral indicates the charge of the cation. 

Another system for naming these ionic compounds that is seen in the older 
literature was used for metals that form only two ions. The ion with the higher 
charge has a name ending in -ic, and the one with the lower charge has a name 
ending in -ous. In this system, for example, Fe** is called the ferric ion, and 
Fe2* is called the ferrous ion. The names for FeCl; and FeCl, are then ferric 
chloride and ferrous chloride, respectively. 

Table 2.4 gives both names for many common Type II cations. The system 
that uses Roman numerals will be used exclusively in this text. 

Note that the use of a Roman numeral in a systematic name is required 
only in cases in which more than one ionic compound forms between a given 
pair of elements. This case most commonly occurs for compounds containing 
transition metals, which often form more than one cation. Elements that form 
only one cation do not need to be identified by a Roman numeral. Common 
metals that do not require Roman numerals are the Group 1A elements, which 
form only 1+ ions; the Group 2A elements, which form only 2+ ions; and 
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(top) Copper(l) chloride. 
(bottom) Copper(|l) chloride. 





Various chromium compounds dis- 
solved in water. From left to right: 
CrClo, KoCreO7, Cr(NOs)s, CrCls, 
KoCrO,. 





Table 2.4 


Common Type II Cations 








Systematic Alternate 
lon Name Name 
Fe3+ Iron(III) Ferric 
Fe2* Iron(II) Ferrous 
Ci Copper(II) Cupric 
Car Copper(I) Cuprous 
€o** Cobalt(II) Cobaltic 
Go2* Cobalt(II) Cobaltous 
Sat? Tin(IV) Stannic 
Sue” Tin(II) Stannous 
Peas Lead(IV) Plumbic 
Phe Lead(II) Plumbous 
bees Mercury(II) Mercuric 
Hear" Mercury(I) Mercurous 





*Note that mercury(I) ions always occur bound 
together to form Hg)**. 


aluminum, which forms only Al?+. Common transition metals that do not re- 
quire a Roman numeral (because they form only one ion) are zinc (Zn*~) and 
silver (Ag*). 

When a metal ion that forms more than one type of cation is present, the 
charge on the metal ion must be determined by balancing the positive and 
negative charges of the compound. To make this determination, you must be 
able to recognize the common cations and anions and know their charges (see 
Tables 2:3 and 2.5). 

The following flowchart is useful when you are naming binary ionic 
compounds: 






- 
seeteei 





EXAMPLE 2.2 


Give the systematic name of each of the following compounds. 


a. CoBr, b. CaCl, c. ALO; d. CrCl; 

Solution 

Compound Name Comment 

a. CoBr Cobalt(II) bromide Cobalt is a transition metal that requires 


a Roman numeral. The two Br~ ions 
must be balanced by a Co?* cation. 


lonic compounds that contain poly- 


atomic ions are not binary compounds. 


In binary covalent compounds, the 
element names follow the same rules 
as those for binary ionic compounds. 
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b. CaCl, Calcium chloride Calcium, an alkaline earth metal, forms 
only the Ca?* ion. A Roman numeral is 
not necessary. 

c. ALO; Aluminum oxide Aluminum forms only Al’*. A Roman 
numeral is not necessary. 

d- CrCl; Chromium(III) Chromium is a transition metal that 

chloride must have a Roman numeral. CrCl, 


contains Cr?*. 


lonic Compounds with Polyatomic lons 


We have not yet considered ionic compounds that contain polyatomic ions. 
For example, the compound ammonium nitrate (NH4NO3) contains the poly- 
atomic ions NH4* and NO; . Polyatomic ions are assigned special names that 
must be memorized to name the compounds containing them. The most im- 
portant polyatomic ions and their names are listed in Table 2.5. 

Note in Table 2.5 that several series of anions contain an atom of a given 
element and different numbers of oxygen atoms. These anions are called oxy- 
anions. When there are two members in such a series, the name of the one with 
the smaller number of oxygen atoms ends in -ite, and the name of the one with 
the larger number ends in -ate—for example, sulfite (SO3*~) and sulfate 
(SO,°-). When more than two oxyanions make up a series, hypo- (less than) 
and per- (more than) are used as prefixes to name the members of the series 
with the fewest and the most oxygen atoms, respectively. The best example 
involves the oxyanions containing chlorine, as shown in Table 2.5. 


Binary Compounds 
(Type lil; Covalent— Contain Two Nonmetals) 


Binary covalent compounds are formed between two nonmetals. Although 
these compounds do not contain ions, they are named very similarly to binary 
ionic compounds. 


Table 2.5 


Common Polyatomic lons 








Ion Name Ion Name 
NH,* Ammonium COs Carbonate 
NO.” Nitrite HCO;3— Hydrogen carbonate 
NO;- Nitrate (bicarbonate is a widely 
sO2- Sulfite used common name) 
oe ult 
C,H30,— Acet 
SOF Sulfate ae . i; ie ag 
ESOus Hydrogen sulfate = re gt cen? 
(bisulfate is a widely Cr,07° Dichromate 
used common name) Cron Chromate 
OH- Hydroxide O77 Peroxide 
CN- Cyanide 
POR Phosphate CIO= Hypochlorite 
HPO,?~ Hydrogen phosphate ClO.~ Chlorite 
H,PO,4- Dihydrogen phosphate ClO37 Chlorate 





Perchlorate 
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Prefixes Used to Indicate Number 
in Chemical Names 


Prefix 


mono- 
di- 

tri- 
tetra- 
penta- 
hexa- 
hepta- 
octa- 


Number Indicated 


ONDA BWNY FH 


Figure 2.21 


A flowchart 


for naming binary 


compounds. 


In the naming of binary covalent compounds, the following rules apply: 


1. The first element in the formula is named first, using the full element name. 
2. The second element is named as if it were an anion. 

Prefixes are used to denote the numbers of atoms present. These prefixes 
are given in Table 2.6. 


4. The prefix mono- is never used for naming the first element. For example, 
CO is called carbon monoxide, not monocarbon monoxide. 


ies) 


To see how these rules apply, we will now consider the names of the sev- 
eral covalent compounds formed by nitrogen and oxygen: 


Compound — Systematic Name Common Name 
N,O Dinitrogen monoxide _—_ Nitrous oxide 
NO Nitrogen monoxide Nitric oxide 
NO, Nitrogen dioxide 

NO; Dinitrogen trioxide 

N,O4 Dinitrogen tetroxide 

N20; Dinitrogen pentoxide 








Notice from the preceding examples that to avoid awkward pronuncia- 
tions, we often drop the final o or a of the prefix when the element begins with 
a vowel. For example, N04 is called dinitrogen tetroxide, not dinitrogen tetra- 
oxide; and CO is called carbon monoxide, not carbon monooxide. 

Some compounds are always referred to by their common names. The two 
best examples are water and ammonia. The systematic names for H,O and 
NH; are never used. 

The rules for naming binary compounds are summarized in Fig. 2.21. No- 
tice that prefixes to indicate the number of atoms are used only in Type III bi- 
nary compounds (those containing two nonmetals). An overall strategy for 
naming compounds is summarized in Fig. 2.22. 






Type Wl: 
_ Use prefixes. 


Figure 2.22 
Overall strategy for naming chemical 
compounds. 


a. Na,SO, 

b. KHPO, 
c. Fe(NQO3)3 
d. Mn(OH), 


Solution 

Compound 
a. Na,SO,4 
b. KH2PO, 


Cc. Fe(NO3)3 


d. Mn(OH), 


ce. Na2SO; 
f Na»CO; 
g. NaHCO; 


bAcsClo, 
i. NaOCl 
j. Na SeOx, 


k. KBrO; 





OWL INTERACTIVE EXAMPLE 2.3 
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Give the systematic name of each of the following compounds. 


ec. Na,SO; 1, NaOGl 

f. Na,CO;3 j. Na »SeO4 

g. NaHCO, k. KBrO; 

h. EsClOx 

Name Comment 


Sodium sulfate 


Potassium dihydrogen 
phosphate 


Iron(III) nitrate 


Manganese(II) 
hydroxide 


Sodium sulfite 
Sodium carbonate 


Sodium hydrogen 
carbonate 


Cesium perchlorate 
Sodium hypochlorite 


Sodium selenate 


Potassium bromate 


Transition metal that requires a 
Roman numeral. Fe** ion balances 
three NO37 ions. 


Transition metal that requires a 
Roman numeral. Mn2* ion bal- 
ances two OH ions. 


Often called sodium 
bicarbonate. 


Atoms in the same group, such as 
sulfur and selenium, often form 
similar ions that are named simi- 
larly. Thus SeQ,2~ is selenate, 
like SO4?~ (sulfate). 


As above BrO;~ is bromate, like 
ClO;~ (chlorate). 





Chapter 2. Atoms, Molecules, and lons 





SO veiertitye Playing Tag 








Bombs have become the favorite weapons of ter- 
rorists, producing massive destruction from a rela- 
tively small, cheap device. Because of the devasta- 
tion caused by a typical bomb, definitive evidence 
to solve the crime is often difficult to find. To aid 
in the forensic investigation of a bombing, law 
enforcement agencies have suggested that explosive 
materials be “tagged” so that their source can be 
readily identified. One method for tagging explo- 
sives was developed in the 1970s by Richard 
Livesag, a research chemist at 3M Corporation. 
Called Microtaggant, the tagging material consists 
of irregularly shaped particles approximately 

0.1 millimeter in diameter. Examined under a 
microscope, the tiny specks reveal a laminated 
structure of 10 layers of melamine plastic, a chemi- 
cally unreactive substance that is very difficult to 
destroy. The colored layers of the chips act as a 
kind of bar code, identifying the manufacturer, the 
date of production, and the name of the distributor 
of the explosive. Fluorescent and magnetic materi- 
als added to the chips aid in their detection at the 
scene of an explosion. 

Although it seems that the tagging of explosives 
should be noncontroversial, this has not proved to 
be the case. Manufacturers of explosive materials 
and gun owners’ associations have opposed the use 
of taggants, arguing that the added substances 
produce instabilities in the explosives. Also, manu- 








facturers fear that they will be held liable for the 
damage caused by misuse of their products. Thus, 
at this stage, only Switzerland routinely uses 
Microtaggant to label explosives, and the Swiss 
claim to have solved nearly 600 bombing cases 
since 1984 using the taggant evidence. 

A different tagging method has been pioneered 
by Isotag of Houston, Texas. Isotag labels explo- 
sives by inserting unusual atomic isotopes of the 
atoms present in the ions or molecules of the 
explosive substance. The isotopic labeling is done 
in a way that makes the tagged substances dis- 
tinctly different from naturally occurring sub- 
stances. For example, if labeled ammonium nitrate 
were used in a bomb, residue at the scene could be 
collected and analyzed with a mass spectrometer to 
show the unique isotopic patterns present, which 
could be used to trace the origin of the compound. 
Although Isotag claims its system to be safe and 
effective, manufacturers of fertilizers containing 
ammonium nitrate are reluctant to allow tagging 
because of fears of liability. 

The U.S. Antiterrorism and Effective Death 
Penalty Act of 1996 authorized a thorough study 
of taggants. The results of this study and the 
outcome of the political struggle over taggants will 
determine whether the United States will follow 
Switzerland and require taggants for some or all 
explosive substances. 





Formulas from Names 


So far we have started with the chemical formula of a compound and decided 
on its systematic name. The reverse process is also important. For example, 
given the name calcium hydroxide, we can write the formula as Ca(OH),, since 
we know that calcium forms only Ca?* ions and that, since hydroxide is OH~, 
two of these anions will be required to give a neutral compound. Similarly, the 
name iron(II) oxide implies the formula FeO, since the Roman numeral II indi- 
cates the presence of Fe** and the oxide ion is O2>. 


WWL INTERACTIVE EXAMPLE 2.4 


Given the following systematic names, write the formula for each compound. 


a. Ammonium sulfate 


b. Vanadium(V) fluoride 


c. Dioxygen difluoride e. Gallium oxide 


d. Rubidium peroxide 
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Microtrace, LLC 





The multilayered plastic particles of Microtaggants (left) can produce over 37 million unique codes that can be used to 
identify substances. The tiny size of the taggants is shown (right) compared with the “R” on a dime. 


Although taggants for explosives have proved 
controversial, approximately 500 consumer items 
already contain Microtaggants to authenticate 
brand-name products and discourage counterfeit- 
ing. For example, taggants are found in shampoo, 
paint, and carpet adhesives. The latter application 
enables business owners to check that a requested 
brand-name glue has been used to secure carpet 
rather than cheaper off-brand substitutes. Isotag 
markets taggants for substances such as gasoline 





Microtrace, LLC 


and perfume, in which the plastic Microtaggant 
chips are impractical. For instance, isotopic 
tagging of perfumes enables a manufacturer to 
protect its product against dilution by an unethical 
distributor who might seek to increase profits by 


selling a diluted perfume. 


So chemical taggants represent an increasing 
market. However, the question of whether explo- 
sives will be tagged remains a technical and politi- 


cal question mark. 








Solution 
Name 


a. Ammonium 
sulfate 


b. Vanadium(V) 
fluoride 


c. Dioxygen 


difluoride 


d. Rubidium 
peroxide 





Chemical Formula 
(NH4)2SO4 


VF; 


OF, 


Rb,O> 





Comment 


Two ammonium ions (NH4"*) are 
required for each sulfate ion 
(SO,2—) to achieve charge balance. 


The compound contains V°* ions 
and requires five F~ ions for 
charge balance. 


The prefix di- indicates two of 
each atom. 


Since rubidium is in Group 1A, 
it forms only 1+ ions. Thus two 
Rb* ions are needed to balance 
the 2— charge on the peroxide ion 


(O,?7). 


Table 2.7 


Names of Acids That Do Not Contain 


Oxygen 
Acid 


HF 
IRIOI| 
HBr 
HI 
HCN 
H,S 


Table 2.8 


Name 


Hydrofluoric acid 
Hydrochloric acid 
Hydrobromic acid 
Hydroiodic acid 
Hydrocyanic acid 
Hydrosulfuric acid 


Names of Some Oxygen-Containing 


Acids 
Acid 


HNO; 
HNO, 
H,SO, 
H)SO3 
H3PO, 
HC,H30) 


Figure 2.23 


A flowchart for naming acids. The acid 


Name 


Nitric acid 
Nitrous acid 
Sulfuric acid 
Sulfurous acid 
Phosphoric acid 
Acetic acid 


has one or more H* ions attached to 


an anion. 
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Comment 


Gallium in Group 3A, like alu- 
minum, forms only 3+ ions. Two 
Ga?* ions are required to balance 
the charge on three O77 ions. 


Chemical Formula 
Ga,O; 


Name 


e. Gallium oxide 


Acids 


When dissolved in water, certain molecules produce a solution containing free 
H+ ions (protons). These substances, acids, will be discussed in detail in Chap- 
ters 4, 7, and 8. Here we will simply present the rules for naming acids. 

An acid can be viewed as a molecule with one or more H* ions attached to 
an anion. The rules for naming acids depend on whether the anion contains 
oxygen. If the anion does not contain oxygen, the acid is named with the prefix 
hydro- and the suffix -ic. For example, when gaseous HC] is dissolved in water, 
it forms hydrochloric acid. Similarly, HCN and HS dissolved in water are 
called hydrocyanic and hydrosulfuric acid, respectively. 

When the anion contains oxygen, the acid name is formed from the root 
name of the anion with a suffix of -ic or -ous. If the anion name ends in -ate, 
the acid name ends with -ic (or sometimes -ric). For example, H.SO, contains 
the sulfate anion (SO,*~) and is called sulfuric acid; H3PO, contains the phos- 
phate anion (PO,?~) and is called phosphoric acid; and HC,;H3Q, contains the 
acetate ion (C2H3O,_) and is called acetic acid. If the anion has an -ite ending, 
the acid name ends with -ous. For example, H»SO3, which contains sulfite 
(SO37-), is named sulfurous acid; HNO:, which contains nitrite (NO27), is 
named nitrous acid. The application of these rules can be seen in the names of 
the acids of the oxyanions of chlorine: 


Acid Anion Name 

HClO, Perchlorate Perchloric acid 
HClO, Chlorate Chloric acid 
HClO, Chlorite Chlorous acid 
HClO Hypochlorite | Hypochlorous acid 


The names of the most important acids are given in Tables 2.7 and 2.8. An 
overall strategy for naming acids is shown in Fig. 2.23. 





ue -ite 


anion or element root 
+ -ous 


(root)ous acid 





Key Terms 


For Review 


For Review 





Section 2.2 

law of conservation of mass 
law of definite proportion 
law of multiple proportions 


Section 2.3 
atomic masses 
Avogadro’s hypothesis 


Section 2.5 
cathode ray 
electrons 
radioactivity 
nuclear atom 
nucleus 


Section 2.6 
protons 
neutrons 
isotopes 
atomic number 
mass number 


Section 2.7 
chemical bonds 
covalent bonds 
molecule 

chemical formula 
structural formula 
space-filling model 
ball-and-stick models 
ion 

cation 

anion 

ionic bonding 
polyatomic ion 
Section 2.8 
periodic table 
metals 

nonmetals 

groups (families) 
alkali metals 
alkaline earth metals 
halogens 

noble gases 
periods 


Section 2.9 

binary compounds 

binary ionic compounds 
oxyanions 

binary covalent compounds 





OWL and Fe) Chemistry 


Sign in at www.cengage.com/ow/l to: 

e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 

Fundamental laws 

= Conservation of mass 

a Definite proportion 

a Multiple proportions 


Dalton’s atomic theory 

a All elements are composed of atoms. 

a All atoms of a given element are identical. 

a Chemical compounds are formed when atoms combine. 


Early atomic experiments 

a» Thomson model: electrons in a diffuse cloud of positive charge 
a Millikan experiment: determined mass of electron 

a Rutherford experiment: nuclear atom 


Atomic structure 
= Small dense nucleus contains protons and neutrons. 
a Protons—positive charge 
= Neutrons—no charge 
u Electrons reside outside the nucleus in the relatively large remaining 
atomic volume. 
a Electrons—negative charge, small mass (1/1840 of proton) 
= Isotopes have the same atomic number but different mass numbers. 


Formation of molecules 
« Atoms combine to form molecules by sharing electrons to form cova- 
lent bonds. 
= Molecules are described by chemical formulas. 
a Chemical formulas show number and type of atoms. 
= Structural formula 
a Ball-and-stick model 
a Space-filling model 


Formation of ions 

a Cation—formed by a loss of an electron, positive charge 
a Anion—formed by gain of an electron, negative charge 

a Ionic bonds—formed by interaction of cations and anions 


Periodic table 

= Elements are organized in order of increasing atomic number. 
= Elements with similar properties are in columns, or groups. 

a Metals are in the majority and tend to form cations. 

=» Nonmetals tend to form anions. 


Naming of compounds 

a Binary compounds 
= Type I—contain a metal that always forms the same cation 
a Type II—contain a metal that can form more than one cation 
a Type [1I—contain two nonmetals 

=» Compounds containing a polyatomic ion 

a Acids 
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Discussion Questions 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


ihe 


You may have noticed that when water boils, you can see 
bubbles that rise to the surface of the water. What is in- 
side these bubbles? Explain. 

a. air 

. hydrogen and oxygen gas 

. oxygen gas 

. water vapor 

e. carbon dioxide gas 


[ok Yo) Jer 


. Which of the following is true about an individual atom? 


a. An individual atom should be considered a solid. 

b. An individual atom should be considered a liquid. 

c. An individual atom should be considered a gas. 

d. The state of the atom depends on which element it is. 

e. An individual atom cannot be considered a solid, 
liquid, or gas. 

Justify your choice, and for those you did not choose, ex- 

plain why they are incorrect. 


. How would you go about finding the number of “chalk 


molecules” it takes to write your name on the board? Ex- 
plain what you would need to do and provide a sample 
calculation. 


. These questions concern the work of J. J. Thomson: 
_a. From what you know of Thomson’s work, which par- 


ticles do you think he would believe are most impor- 
tant in the formation of compounds (chemical 
changes) and why? 

b. Of the remaining two subatomic particles, which do 
you place second in importance for forming com- 
pounds and why? 

c. Propose three models that explain Thomson’s findings 
and evaluate them. Include Thomson’s findings. 


. Heat is applied to an ice cube in a closed container until 


only steam is present. Draw a representation of this pro- 
cess, assuming you can see it at an extremely high level of 
magnification. What happens to the size of the molecules? 
What happens to the total mass of the sample? 


. You have a chemical in a sealed glass container filled with 


air. The setup is sitting on a balance, as shown. The chem- 

ical is ignited by means of a magnifying glass focusing 

sunlight on the reactant. After the chemical has com- 

pletely burned, which of the following is true? Explain 

your answer. 

a. The balance will read less than 250.0 g. 

b. The balance will read 250.0 g. 

c. The balance will read greater than 250.0 g. 

d. Cannot be determined without knowing the identity 
of the chemical. 








10. 


iil. 


ee 


13% 


14. 


IS. 


16. 


live 


. The vitamin niacin (nicotinic acid, CsH;NO2) can be iso- 


lated from a variety of natural sources such as liver, yeast, 
milk, and whole grain. It also can be synthesized from 
commercially available materials. From a nutritional 
point of view, which source of nicotinic acid is best for use 
in a multivitamin tablet? Why? 


. One of the best indications of a useful theory is that it 


raises more questions for further experimentation than it 
originally answered. Is this true of Dalton’s atomic the- 
ory? Give examples. 


. Dalton assumed that all atoms of the same element are 


identical in all their properties. Explain why this assump- 
tion is not valid. 


How does Dalton’s atomic theory account for each of the 
following? 

a. the law of conservation of mass 

b. the law of definite proportion 

c. the law of multiple proportions 


What refinements had to be made in Dalton’s atomic the- 
ory to account for Gay-Lussac’s results on the combining 
volumes of gases? 


Which (if any) of the following can be determined by 
knowing the number of protons in a neutral element? Ex- 
plain your answer. 

a. the number of neutrons in the neutral element 

b. the number of electrons in the neutral element 

c. the name of the element 


The average mass of a carbon atom is 12.011. Assuming 
you were able to pick up only one carbon atom, the 
chance that you would randomly get one with a mass of 
12.011 is 


ae Oor ae 12OLLS: 

b. 0.011%. e. greater than 50%. 

c. about 12%. f. None of these is true. 
Explain. 


Which of the following explain how an ion is formed? 
Explain your answer. 

a. adding or subtracting protons to/from an atom 

b. adding or subtracting neutrons to/from an atom 

c. adding or subtracting electrons to/from an atom 


The formula of water is HyO. Which of the following is 

indicated by this formula? Explain your answer. 

a. the mass of hydrogen is twice that of oxygen in each 
molecule 

b. there are two hydrogen atoms and one oxygen atom 
per water molecule 

c. the mass of oxygen is twice that of hydrogen in each 
molecule 

d. there are two oxygen atoms and one hydrogen atom 
per water molecule 


Why do we call Ba(NO3), barium nitrate, but we call 
Fe(NQO3), iron(II) nitrate? 


Why is calcium dichloride not the correct systematic name 


for CaCl? 


Exercises 


Exercises 47 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Development of the Atomic Theory 


18. 


19. 


iP) 
iP) 


No 
ws) 


Explain the law of conservation of mass, the law of defi- 
nite proportion, and the law of multiple proportions. 


A reaction of 1 L of chlorine gas (Cly) with 5 L of fluorine 
gas (Fz) yields 2 L of a gaseous product. All gas volumes 
are at the same temperature and pressure. What is the for- 
mula of the gaseous product? 


20. When mixtures of gaseous H and gaseous Cl, react, a 


product forms that has the same properties regardless of 

the relative amounts of H; and Cl, used. 

a. How is this result interpreted in terms of the law of 
definite proportion? 

b. When a volume of H) reacts with an equal volume of 
Cl, at the same temperature and pressure, what 
volume of product having the formula HCl is formed? 


. Observations of the reaction between nitrogen gas and 


hydrogen gas show us that 1 volume of nitrogen reacts 
with 3 volumes of hydrogen to make 2 volumes of gas- 
eous product, as shown below: 





Determine the formula of the product and justify your 
answer. 


. The three most stable oxides of carbon are carbon mon- 


oxide (CO), carbon dioxide (CO ), and carbon suboxide 
(C30). The molecules can be represented as 





Explain how these molecules illustrate the law of multiple 
proportions. 


. Hydrazine, ammonia, and hydrogen azide all contain only 


nitrogen and hydrogen. The mass of hydrogen that com- 
bines with 1.00 g of nitrogen for each compound is 1.44 x 
10-! g, 2.16 x 107! g, and 2.40 x 10° g, respectively. 
Show how these data illustrate the law of multiple 
proportions. 


24. Consider 100.0-g samples of two different compounds 


consisting only of carbon and oxygen. One compound 
contains 27.2 g of carbon, and the other has 42.9 g of 


i 
nN 


carbon. How can these data support the law of multiple 
proportions if 42.9 is not a multiple of 27.2? Show that 
these data support the law of multiple proportions. 


. Early tables of atomic weights (masses) were generated by 


measuring the mass of a substance that reacts with 1.00 g 
of oxygen. Given the following data and taking the atomic 
mass of hydrogen as 1.00, generate a table of relative 
atomic masses for oxygen, sodium, and magnesium. 





Mass That Combines Assumed 
Element with 1.00 g Oxygen Formula 
Hydrogen 0.126 g HO 
Sodium 2.875 g NaO 
Magnesium 1.500 g MgO 


How do your values compare with those in the periodic 
table? How do you account for any differences? 


The Nature of the Atom 


26. 


28. 


What evidence led to the conclusion that cathode rays had 
a negative charge? Is there a difference between a cathode 
ray and a B particle? 


. From the information in this chapter on the mass of the 


proton, the mass of the electron, and the sizes of the nu- 
cleus and the atom, calculate the densities of a hydrogen 
nucleus and a hydrogen atom. 


A chemistry instructor makes the following claim: “Con- 
sider that if the nucleus were the size of a grape, the elec- 
trons would be about 1 mile away on average.” Is this 
claim reasonably accurate? Provide mathematical support. 


29. A chemist in a galaxy far, far away performed the Mil- 


30. 


likan oil drop experiment and got the following results for 

the charge on various drops. What is the charge of the 

electron in zirkombs? 
2.56 X 10~! zirkombs 
3.84 X 10° zirkombs 


7.68 X 10- zirkombs 
6.40 X 1078 zirkombs 


Do the proton and the neutron have exactly the same 
mass? How do the masses of the proton and the neutron 
compare with the mass of the electron? Which particles 
make the greatest contribution to the mass of an atom? 
Which particles make the greatest contribution to the 
chemical properties of an atom? 


. Consider Ernest Rutherford’s a-particle bombardment 


experiment illustrated in Fig. 2.11. How did the results of 
this experiment lead Rutherford away from the plum pud- 
ding model of the atom to propose the nuclear model of 
the atom? 
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Distinguish between the following terms. 
a. molecule versus ion 

b. covalent bonding versus ionic bonding 
c. molecule versus compound 

d. anion versus cation 


What is the distinction between atomic number and mass 
number? Between mass number and atomic mass? 


a. Classify the following elements as metals or 


nonmetals. 
Mg Si Rn 
Ti Ge Eu 
Au B Am 
Bi At Br 


b. The distinction between metals and nonmetals is 
really not a clear one. Some elements, called metal- 
loids, are intermediate in their properties. Which of 
these elements would you reclassify as metalloids? 
What other elements in the periodic table would you 
expect to be metalloids? 


. a. List the noble gas elements. Which of the noble gases 


has only radioactive isotopes? (This situation is indi- 
cated on most periodic tables by parentheses around 
the mass of the element. See inside front cover.) 

b. Which lanthanide element and which transition 
element have only radioactive isotopes? 


Consider the elements of the carbon family: C, Si, Ge, Sn, 
and Pb. What is the trend in metallic character as one goes 
down a group in the periodic table? What is the trend in 
metallic character going from left to right across a period 
in the periodic table? 


Identify the elements that correspond to the following 
atomic numbers. Label each as either a noble gas, a halo- 
gen, an alkali metal, an alkaline earth metal, a transition 
metal, a lanthanide metal, or an actinide metal. 


al, Uy em; 
b. 4 i, SY 
© ©3 HS) 
al, 72 


The number of protons in an atom determines the identity 
of the atom. What does the number and arrangement of 
the electrons in an atom determine? What does the num- 
ber of neutrons in an atom determine? 


For lighter, stable isotopes, the ratio of the mass number 
to the atomic number is close to a certain value. What is 
the value? What happens to the value of the mass number 
to atomic number ratio as stable isotopes become heavier? 


Write the atomic symbol (2X) for each of the isotopes de- 
scribed below. 

a. number of protons = 27, number of neutrons = 31 

b. the isotope of boron with mass number 10 

c. Z=12,A = 23 

d. atomic number 53, number of neutrons = 79 

e. Z = 9, number of neutrons = 10 

f. number of protons = 29, mass number 65 


4] 


. How many protons, neutrons, and electrons are in each of 
the following atoms or ions? 





a. 3Mg d. Co Bs Seles 
b.. 3Me77 ee) h. $3Ni 
ee on f. 2S8e ih it 
42. Complete the following table. 
Number of | Number of 
Protons in Neutronsin Number of Net 
Symbol — Nucleus Nucleus Electrons Charge 
*2U = = ils es 
in 20 20 pL 2+ 
aes a3 28 20 pS 
39 ee) Re! mae =e 
mar: 3 44 36 es 
ee 15 16 ie 3= 
43. What is the symbol for an ion with 63 protons, 60 elec- 
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trons, and 88 neutrons? If an ion contains 50 protons, 68 
neutrons, and 48 electrons, what is its symbol? 


What is the symbol of an ion with 16 protons, 18 neu- 
trons, and 18 electrons? What is the symbol for an ion 
that has 16 protons, 16 neutrons, and 18 electrons? 


. Would you expect each of the following atoms to gain or 


lose electrons when forming ions? What ion is the most 
likely in each case? 

a. Ra e; P e. Bt 

b. In de Fe f. Rb 


For each of the following atomic numbers, use the peri- 
odic table to write the formula (including the charge) for 
the simple ion that the element is most likely to form in 
ionic compounds. 
anl3 c. 56 
b. 34 ( wd 


e. 87 
iy Ob) 


Nomenclature 
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. The compounds AICI;, CrCl;, and ICl; have similar for- 


mulas, yet each follows a different set of rules to name it. 
Name these compounds, and then compare and contrast 
the nomenclature rules used in each case. 


Each of the following compounds has three possible 

names listed for it. For each compound, what is the cor- 

rect name and why aren’t the other names used? 

a. NO: nitrogen oxide, nitrogen(I) oxide, dinitrogen 
monoxide 

b. Cu,O: copper oxide, copper(I) oxide, dicopper 
monoxide 

c. Li,O: lithium oxide, lithium(I) oxide, dilithium 
monoxide 
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Name each of the following compounds. 


a. @F Cc, 
@s @: 
Oc 
b. d 
e@ 8 Ean a a 
a @N ig 20 


Name the following compounds. 


a. NaClO, e.SF¢ i. NaOH 

b. Mg;3(PO,4)> te Na»HPO, }. Meg(OH)> 

Cc. AL (SO4)3 g. NaH,PO, k. Al(OH); 

d. SF, h. Li;N l. Ag CrO4 
. Name each of the following compounds. 

aul f. SyNq 

b. Cul, g. SeBry 

ee Gob h. NaOCl 

d. Na CO; I BaCrO4 

e. NaHCO; j. NH,NO; 


2. Name the following compounds. Assume the potential 


acids are dissolved in water. 


a. HC3H;30; g. H,SO, 
De NH4NO> h. Sr3N> 
Cc. CorS$3 1 AL (SO3)3 
d. ICI j. SnO» 
e. Pb3(PO4)> k. Na»,CrO4 
f. KCIO; l. HClO 


. Write formulas for the following compounds. 


a. Sulfur dioxide h. Tin(IV) fluoride 

b. Sulfur trioxide i. Ammonium hydrogen 

c. Sodium sulfite sulfate 

d. Potassium hydrogen j. Ammonium hydrogen 
sulfite phosphate 


e. Lithium nitride k. Potassium perchlorate 
f. Chromium(III) |. Sodium hydride 
carbonate m. Hypobromous acid 
n 


g. Chromium(II) acetate . Hydrobromic acid 
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54, Write formulas for the following compounds. 


Ge 


a. Sodium oxide h. 
. Sodium peroxide 


Copper(I) chloride 
b i. Gallium arsenide 
c. Potassium cyanide j. Cadmium selenide 
d. Copper(II) nitrate k. Zinc sulfide 

e. Silicon tetrachloride l. Mercury(I) chloride 
f. Lead(II) oxide m. Nitrous acid 

g. Lead(IV) oxide n. Diphosphorus 
(common name lead pentoxide 


dioxide) 


. The common names and formulas for several substances 


are given below. What are the systematic names for these 
substances? 


a. Sugar of lead Pb(C,;H30;), 
b. Blue vitriol CuSO, 

c. Quicklime CaO 

d. Epsom salts MgSO, 

e. Milk of magnesia Mg(OH), 

f. Gypsum CaSO, 

g. Laughing gas N,O 


Each of the following compounds is incorrectly named. 
What is wrong with each name, and what is the correct 
name for each compound? 

. FeCl, iron chloride 

. NOs, nitrogen(IV) oxide 

. CaO, calcium(II) monoxide 

. ALS3, dialuminum trisulfide 

Mg(C,H303)2, manganese diacetate 

. FePOx,, iron(II) phosphide 

. P3Ss, phosphorus sulfide 

Na2O>, sodium oxide 

HNO;, nitrate acid 

. H,S, sulfuric acid 


a 
b 
c 
d 
e 
f 
& 
h. 
i. 
j 


. Name the following acids. 
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What discoveries were made by J. J. Thomson, Henri Bec- 
querel, and Lord Rutherford? How did Dalton’s model of 
the atom have to be modified to account for these 
discoveries? 


- Consider the chemical reaction depicted to the right. La- 


bel as much as you can using the terms atom, molecule, 
element, compound, ionic, gas, and solid. 
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Section 2.3 describes the postulates of Dalton’s atomic 
theory. With some modifications, these postulates hold up 
very well regarding how we view elements, compounds, 
and chemical reactions today. Answer the following ques- 
tions concerning Dalton’s atomic theory and the modifi- 
cations made today. 

a. The atom can be broken down into smaller parts. 
What are the smaller parts? 

b. How are atoms of hydrogen identical to each other, 
and how can they be different from each other? 

c. How are atoms of hydrogen different from atoms of 
helium? How can H atoms be similar to He atoms? 

d. How is water different from hydrogen peroxide 
(H,O,) even though both compounds are composed 
of only hydrogen and oxygen? 

e. What happens in a chemical reaction, and why is 
mass conserved in a chemical reaction? 


A sample of chloroform is found to contain 12.0 g of car- 
bon, 106.4 g of chlorine, and 1.01 g of hydrogen. If a 
second sample of chloroform is found to contain 30.0 g of 
carbon, what is the total mass of chloroform in the second 
sample? 


In a reaction, 34.0 g of chromium(III) oxide reacts with 
12.1 g of aluminum to produce chromium and aluminum 
oxide. If 23.3 g of chromium is produced, what mass of 
aluminum oxide is produced? 


The isotope of an unknown element, X, has a mass num- 
ber of 79. The most stable ion of the isotope has 36 elec- 
trons and forms a binary compound with sodium having 


‘a formula of Na)X. Which of the following statements 


is(are) true? Correct the false statements. 

a. The binary compound formed between X and fluorine 
will be a covalent compound. 

b. The isotope of X contains 38 protons. 

c. The isotope of X contains 41 neutrons. 

d. The identity of X is strontium, Sr. 


For each of the following ions, indicate the total number 
of protons and electrons in the ion. For the positive ions 
in the list, predict the formula of the simplest compound 
formed between each positive ion and the oxide ion. For 
the negative ions in the list, predict the formula of the 
simplest compound formed between each negative ion 
and the aluminum ion. 


a. Fe2* CunScal 
b. Fest f. Poe 
Gaba g. Ber 
al, Cs Ip INP 


An element’s most stable ion forms an ionic compound 
with bromine, having the formula XBrp. If the ion of ele- 
ment X has a mass number of 230 and 86 electrons, what 
is the identity of the element, and how many neutrons 
does it have? 
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The early alchemists used to do an experiment in which 
water was boiled for several days in a sealed glass con- 
tainer. Eventually, some solid residue would begin to ap- 
pear in the bottom of the flask. This result was interpreted 
to mean that some of the water in the flask had been con- 
verted into earth. When Lavoisier repeated this experi- 
ment, he found that the water weighed the same before 
and after heating, and the weight of the flask plus the 
solid residue equaled the original weight of the flask. 
Were the alchemists correct? Explain what really hap- 
pened. (This experiment is described in the article by A. F. 
Scott in Scientific American, January 1984.) 


Elements in the same family often form oxyanions of the 
same general formula. The anions are named in a similar 
fashion. What are the names of the oxyanions of selenium 
and tellurium: SeO,2~, SeO3?-, TeO4~, TeO37~? 


How would you name HBrO,, KIO3, NaBrO2, and HIO? 
Refer to Table 2.5 and the acid nomenclature discussion 
in the text. 


Indium oxide contains 4.784 g of indium for every 
1.000 g of oxygen. In 1869, when Mendeleev first pre- 
sented his version of the periodic table, he proposed the 
formula In,O; for indium oxide. Before that time, it was 
thought that the formula was InO. What values for the 
atomic mass of indium are obtained using these two for- 
mulas? Assume that oxygen has an atomic mass of 16.00. 


The designations 1A through 8A used for certain families 
of the periodic table are helpful for predicting the charges 
on ions in binary ionic compounds. In these compounds, 
the metals generally take on a positive charge equal to the 
family number, and the nonmetals take on a negative 
charge equal to the family number minus 8. Thus the com- 
pound formed from sodium and chlorine contains Na* 
and Cl ions and has the formula NaCl. Predict the for- 
mula and the name of the binary compound formed from 
the following pairs of elements. 


ann Cabanau| e. Ba and I 

b. K and O f. Al and Se 
c. Rb and F g. Cs and P 
d. Mg and $ h. In and Br 


. A binary ionic compound is known to contain a cation 


with 51 protons and 48 electrons. The anion contains 
one-third the number of protons as the cation. The num- 
ber of electrons in the anion is equal to the number of 
protons plus 1. What is the formula of this compound? 
What is the name of this compound? 


Identify each of the following elements. 

a. a member of the same family as oxygen whose most 
stable ion contains 54 electrons 

b. a member of the alkali metal family whose most 
stable ion contains 36 electrons 

c. a noble gas with 18 protons in the nucleus 

d. a halogen with 85 protons and 85 electrons 


BOs 


A certain element has only two naturally occurring iso- 
topes: one with 18 neutrons and the other with 20 neu- 
trons. The element forms 1— charged ions when in ionic 
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compounds. Predict the identity of the element. What 
number of electrons does the 1— charged ion have? 
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Reaction of 2.0 L of hydrogen gas with 1.0 L of oxygen 
gas yields 2.0 L of water vapor. All gases are at the same 
temperature and pressure. Show how these data support 
the idea that oxygen gas is a diatomic molecule. Must we 
consider hydrogen to be a diatomic molecule to explain 
these results? 


. Each of the statements below is true, but Dalton might 


have had trouble explaining some of them with his atomic 

theory. Give explanations for the following statements. 

a. The space-filling models for ethyl alcohol and 
dimethyl! ether are shown below. 


Oc 
@ aw: 
ore 


These two compounds have the same composition by 
mass (52% carbon, 13% hydrogen, and 35% 
oxygen), yet the two have different melting points, 
boiling points, and solubilities in water. 

b. Burning wood leaves an ash that is only a small frac- 
tion of the mass of the original wood. 

c. Atoms can be broken down into smaller particles. 

d. One sample of lithium hydride is 87.4% lithium by 
mass, whereas another sample of lithium hydride is 
74.9% lithium by mass. However, the two samples 
have the same properties. 


You take three compounds, each consisting of two ele- 
ments (X, Y, and/or Z) and decompose them to their re- 
spective elements. To determine the relative masses of X, 
Y, and Z, you collect and weigh the elements, obtaining 
the following data: 


Elements in Compound Masses of Elements 











tee xXcand 1) X=0.4¢g,Y=4.2¢ 
Dee ana Z Y=142,Z=1.0¢g 
Sa xeand) Y Mea 2.0 gy = 7,08 


a. What are the assumptions needed to solve this 
problem? 
b. What are the relative masses of X, Y, and Z? 


ac 
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c. What are the chemical formulas of the three 
compounds? 

d. If you decompose 21 g of compound XY, how much 
of each element is present? 


’. Two elements, R and Q, combine to form two binary 


compounds. In the first compound, 14.0 g of R combines 
with 3.00 g of Q. In the second compound, 7.00 g of R 
combines with 4.50 g of Q. Show that these data are in 
accord with the law of multiple proportions. If the for- 
mula of the second compound is RQ, what is the formula 
of the first compound? 


A single molecule has a mass of 7.31 X 10~*’ g. Provide 
an example of a real molecule that can have this mass. 


. A combustion reaction involves the reaction of a sub- 


stance with oxygen gas. The complete combustion of any 
hydrocarbon (binary compound of carbon and hydrogen) 
produces carbon dioxide and water as the only products. 
Octane is a hydrocarbon found in gasoline. Complete 
combustion of octane produces 8 L of carbon dioxide for 
every 9 L of water vapor (both measured at the same tem- 
perature and pressure). What is the ratio of carbon atoms 
to hydrogen atoms in a molecule of octane? 


You have two distinct gaseous compounds made from ele- 
ment X and element Y. The mass percents are as follows: 


Compound I: 30.43% X, 69.57% Y 
Compound II: 63.64% X, 36.36% Y 


In their natural standard states, element X and element Y 
exist as gases. (Monatomic? Diatomic? Triatomic? That is 
for you to determine.) When you react “gas X” with “gas 
Y” to make the products, you get the following data (all 
at standard pressure and temperature): 


1 volume “gas X” + 2 volumes “gas Y” —> 
2 volumes compound I 


2 volumes “gas X” + 1 volume “gas Y” —> 
2 volumes compound II 


Assume the simplest possible formulas for reactants and 
products in these chemical equations. Then determine the 
relative atomic masses of element X and element Y. 
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Marathon Problem 





81. You have gone back in time and are working with Dalton 
on a table of relative masses. Following are his data: 


0.602 g gas A reacts with 0.295 g gas B 
0.172 g gas B reacts with 0.401 g gas C 
0.320 g gas A reacts with 0.374 g gas C 


a. Assuming simplest formulas (AB, BC, and AC), con- 
struct a table of relative masses for Dalton. 

b. Knowing some history of chemistry, you tell Dalton 
that if he determines the volumes of the gases reacted 


at constant temperature and pressure, he need not 
assume simplest formulas. You collect the following 
data: 


6 volumes gas A + 1 volume gas B —> 4 volumes product 
1 volume gas B + 4 volumes gas C —> 4 volumes product 
3 volumes gas A + 2 volumes gas C —> 6 volumes product 


Write the simplest balanced equations, and find the 
actual relative masses of the elements. Explain your 
reasoning. 


Stoichiometry 
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Atomic Masses 

The Mole 

Molar Mass 

Conceptual Problem Solving 


Percent Composition 
of Compounds 


Determining the Formula 
of a Compound 


Chemical Equations 








Balancing Chemical Equations 


Stoichiometric Calculations: 
Amounts of Reactants and 
Products 


Calculations Involving a 
Limiting Reactant 








National Renewable Energy Laboratory. Photo by 


Jim Yost. 
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OWL 


Sign in to OWL at www.cengage.com/owl 
to view tutorials and simulations, develop 
problem-solving skills, and complete online 
homework assigned by your professor. 


Fe) Chemistry 


Download mini lecture videos for 
key concept review and exam prep 
from OWL or purchase them 

from www.cengagebrain.com. 


hemical reactions have a profound effect on our lives. There are 

many examples: Food is converted to energy in the human body; 

nitrogen and hydrogen are combined to form ammonia, which is 

used as a fertilizer; fuels and plastics are produced from petroleum; 
the starch in plants is synthesized from carbon dioxide and water using energy 
from sunlight; human insulin is produced in laboratories by bacteria; cancer is 
induced in humans by substances from our environment; and so on, in a seem- 
ingly endless list. The central activity of chemistry is to understand chemical 
changes such as these, and the study of reactions occupies a central place in this 
text. We will examine why reactions occur, how fast they occur, and the spe- 
cific pathways they follow. 

In this chapter we will consider the quantities of materials consumed and 
produced in chemical reactions. This area of study is called chemical stoichi- 
ometry. To understand chemical stoichiometry, you must first understand the 
concept of relative atomic masses. 





3.1 





Chemist using a mass spectrometer to 
analyze for copper in blood plasma. 


Figure 3.1 
Schematic diagram of a mass 
spectrometer. 


Atomic Masses 


As we saw in Chapter 2, the first quantitative information about atomic 
masses came from the work of Dalton, Gay-Lussac, Lavoisier, Avogadro, 
Cannizzaro, and Berzelius. By observing the proportions in which elements 
combine to form various compounds, nineteenth-century chemists calculated 
relative atomic masses. The modern system of atomic masses, instituted in 
1961, is based on '*C (carbon-12) as the standard. In this system !*C is 
assigned a mass of exactly 12 atomic mass units (amu), and the masses of all 
other atoms are given relative to this standard. 

The most accurate method currently available for comparing the masses of 
atoms involves the use of the mass spectrometer. In this instrument, dia- 
grammed in Fig. 3.1, atoms or molecules are passed into a beam of high-speed 
electrons. The high-speed electrons knock electrons off the atoms or molecules 
being analyzed and change them to positive ions. An applied electric field then 
accelerates these ions through a magnetic field, which deflects the paths of the 
ions. The amount of path deflection for each ion depends on its mass—the 
most massive ions are deflected the smallest amount—and this deflection 
causes the ions to separate, as shown in Fig. 3.1. A comparison of the positions 
where the ions hit the detector plate gives very accurate values of their relative 
masses. For example, when '*C and °C are analyzed in a mass spectrometer, 
the ratio of their masses is found to be 


Mass !°C 
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Elemental Analysis Catches Elephant Poachers 








In an effort to combat the poaching of elephants 
by controlling illegal exports of ivory, scientists are 
now using the isotopic composition of ivory 
trinkets and elephant tusks to identify the region of 
Africa where the elephant lived. Using a mass 
spectrometer, scientists analyze the ivory for the 
relative amounts of !*C, !3C, !4N, !5N, °6Sr, and 
87Sr to determine the diet of the elephant and thus 
its place of origin. For example, because grasses 
use a different photosynthetic pathway to produce 
glucose than do trees, grasses have a slightly 
different °C/'*C ratio than trees. They have 
different ratios because each time a carbon is 
added in going from simpler to more complex 
compounds, the more massive !3C is disfavored 
relative to '7C since it reacts more slowly. Because 
trees use more steps to build up glucose, they end 
up with a smaller '°C/!?C ratio in their leaves 
relative to grasses, and this difference is then 
reflected in the tissues of elephants. Thus scientists 
can tell whether a particular tusk came from a 
savanna-dwelling (grass-eating) elephant or from a 


tree-browsing elephant. 


Similarly, because the ratios of '°N/!*N and 
87Sr/8°Sr in elephant tusks also vary depending on 
the region of Africa the elephant inhabited, they 
can be used to trace the elephant’s origin. In fact, 






Kennan Ward/Stock Market/Corbis 


A herd of savanna-dwelling elephants. 


using these techniques, scientists have reported 
being able to discriminate between elephants living 
only about 100 miles apart. 

There is now international concern about the 
dwindling elephant populations in parts of Africa, 
where their numbers have decreased dramatically 
over the past several decades. This concern has led 
to bans on the export of ivory from many countries 
in Africa. However, a few nations still allow ivory 
to be exported. Thus, to enforce the trade restric- 
tions, the origin of a given piece of ivory must be 
established. It is hoped that the “isotope signature” 
of the ivory can be used for this purpose. 








Most elements occur in nature as 
mixtures of isotopes; thus atomic 
masses are generally reported as 
average values. It turns out the average 
mass for a given atom varies at 
different geographical locations, and 
the new values are given as intervals to 
reflect this. Carbon, for example, now 
has an Official mass of [12.0096; 
12.0116]. This is not due to uncertainty 
but takes into account variations In 
atomic masses based on location. This 
new system has recently been adopted 
for 10 elements (hydrogen, lithium, 
boron, carbon, nitrogen, oxygen, 
silicon, sulfur, chlorine, and thallium). In 
the text we will continue with the 
standard method of average atomic 
masses for these elements. 


Since the atomic mass unit is defined such that the mass of '*C is exactly 12 
atomic mass units, then on this same scale, 


Mass of °C = (1.0836129)(12 amu) = 13.003355 amu 
t 


Exact number, 
by definition 


The masses of other atoms can be determined in a similar manner. 

The mass for each element is given in the table inside the front cover of this 
book. This value, even though it is actually a mass, is sometimes called (for 
historical reasons) the atomic weight for each element. 

Look at the value of the atomic mass of carbon given in the table. You 
might expect to see 12 since we said the system of atomic masses is based on 
12C, However, the number given for carbon is 12.01 because the carbon found 
on earth (natural carbon) is a mixture of the isotopes '7C, °C, and 4C. All 
three isotopes have six protons, but they have six, seven, and eight neutrons, 
respectively. Because natural carbon is a mixture of isotopes, the atomic mass 
we use for carbon is an average value based on its isotopic composition. 

The average atomic mass for carbon is computed as follows. Chemists 
know that natural carbon is composed of 98.89% '2C atoms and 1.11% 'C 
atoms. The amount of !4C is negligibly small at this level of precision. Using 
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Ion beam intensity at detector 


19 20 2122 


Mass number 


See Appendix A1.5 for a discussion of 
significant figures. 
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Mass spectrum of natural copper. 
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Mass number 
(b) (c) 
Figure 3.2 
The relative intensities of the signals recorded when natural neon is injected into a mass 
spectrometer, represented in terms of (a) “peaks” and (6) a bar graph. The relative areas of 
the peaks are 0.9092 (?°Ne), 0.00257 (?'Ne), and 0.0882 (?*Ne); natural neon is therefore 
90.92% ?°Ne, 0.257% 2'Ne, and 8.82% Ne. (c) A neon sign. 


the masses of !2C (exactly 12 amu) and '3C (13.003355 amu), the average 
atomic mass for natural carbon can be calculated. 


98.89% of 12 amu + 1.11% of 13.0034 amu 
= (0.9889)(12 amu) + (0.0111)(13.0034 amu) = 12.01 amu 


This average mass is often called the atomic weight of carbon. 

Even though natural carbon does not contain a single atom with mass 
12.01, for stoichiometric purposes we consider carbon to be composed of only 
one type of atom with a mass of 12.01. We do this so that we can count atoms 
of natural carbon by weighing a sample of carbon. Let’s consider a nonchemi- 
cal example. It is much easier to weigh out 3000 grams of jelly beans (with an 
average mass of 3 grams per jelly bean) than to count out 1000 of them. Note 
that none of the jelly beans has to have a mass of 3 grams for this method to 
work; only the average mass must be 3 grams. We extend this same principle 
to counting atoms. For natural carbon with an average mass of 12.01 atomic 
mass units, to obtain 1000 atoms would require weighing out 12,010 atomic 
mass units of natural carbon (a mixture of !*C and 3C). 

As in the case of carbon, the mass for each element given in the table 
inside the front cover of this book is an average value based on the isotopic 
composition of the naturally occurring element. For instance, the mass listed 
for hydrogen (1.008) is the average mass for natural hydrogen, which is a 
mixture of 'H and 7H (deuterium). No atom of hydrogen actually has the 
mass 1.008. 

In addition to being used for determining accurate mass values for indi- 
vidual atoms, the mass spectrometer is used to determine the isotopic composi- 
tion of a natural element. For example, when a sample of natural neon is in- 
jected into a mass spectrometer, the results shown in Fig. 3.2 are obtained. The 
areas of the “peaks” or the heights of the bars indicate the relative numbers of 


22 22 22 
T0Ne, 16Ne, and t6Ne atoms. 


Copper is a very important metal used for water pipes, electrical wiring, roof 
coverings, and other materials. When a sample of natural copper is vaporized 
and injected into a mass spectrometer, the results shown in Fig. 3.3 are ob- 
tained. Use these data to compute the average mass of natural copper. (The 
mass values for Cu and ®Cu are 62.93 amu and 64.93 amu, respectively.) 





Ken O'Donoghue/Photograph © Cengage 


Learning. All rights reserved. 
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Solution As shown by the graph, of every 100 atoms of natural copper, on av- 
erage 69.09 are Cu and 30.91 are ®Cu. Thus the average mass of 100 atoms 
of natural copper is 


(69.09 atoms) (62.93 Sal + (30.9 atoms) (64.93 ree = 6355 amu 
atom atom 

The average mass per atom is 
6355 amu 


Teen = 63.55 amu/atom 


This mass value is used in calculations involving the reactions of copper and is 
the value given in the table inside the front cover of this book. 





3.2. 


The SI definition of the mole is the 
amount of a Substance that contains 
as many entities as there are in exactly 
0.012 kg (12 g) of carbon-12. 





Figure 3.4 

Proceeding clockwise from the top, 
samples containing 1 mole each of 
copper, aluminum, iron, sulfur, iodine, 
and (in the center) mercury. 


The mass of 1 mole of an element is 
equal to its atomic mass in grams. 


The Mole 


Because samples of matter typically contain so many atoms, a unit of mea- 
sure called the mole has been established for use in counting atoms. For our 
purposes it is most convenient to define the mole (abbreviated mol) as the 
number equal to the number of carbon atoms in exactly 12 grams of pure 
!2C. Modern techniques that allow us to count atoms very precisely have 
been used to determine this number as 6.022137 X 107° (6.022 X 1073 will 
be sufficient for our purposes). This number is called Avogadro’s number to 
honor his contributions to chemistry. One mole of something consists of 
6.022 X 107? units of that substance. Just as a dozen eggs is 12 eggs, a mole 
of eggs is 6.022 X 107? eggs. 

The magnitude of the number 6.022 X 10? is very difficult to imagine. To 
give you some idea, 1 mole of seconds represents a span of time 4 million times 
as long as the earth has already existed, and 1 mole of marbles is enough to 
cover the entire earth to a depth of 50 miles! However, since atoms are so tiny, 
a mole of atoms or molecules is a perfectly manageable quantity to use in a 
reaction (see Fig. 3.4). 

How do we use the mole in chemical calculations? Recall that Avogadro’s 
number is defined as the number of atoms in exactly 12 grams of '7C. Thus 
12 grams of !*C contains 6.022 X 1073 atoms. Also, a 12.01-gram sample of 
natural carbon contains 6.022 <X 107? atoms (a mixture of !7C, !3C, and 
'4C atoms, with an average mass of 12.01). Since the ratio of the masses of the 
samples (12 g/12.01 g) is the same as the ratio of the masses of the individual 
components (12 amu/12.01 amu), the two samples contain the same number 
of components. 

To be sure this point is clear, think of oranges with an average mass of 0.5 
pound each and grapefruit with an average mass of 1.0 pound each. Any two 
sacks for which the sack of grapefruit weighs twice as much as the sack of 
oranges will contain the same number of pieces of fruit. The same idea extends 
to atoms. Compare natural carbon (average mass of 12.01) and natural helium 
(average mass of 4.003). A sample of 12.01 grams of natural carbon contains 
the same number of atoms as 4.003 grams of natural helium. Both samples 
contain 1 mole of atoms (6.022 X 1079). Table 3.1 gives more examples that 
illustrate this basic idea. 

Thus the mole is defined such that a sample of a natural element with a 
mass equal to the element’s atomic mass expressed in grams contains 1 mole of 
atoms. This definition also fixes the relationship between the atomic mass unit 
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Refer to Appendix 2 for a discussion of 
units and the conversion from one unit 
to another. 














Table 3.1 
Comparison of 1-Mole Samples of Various Elements 

Element Number of Atoms Mass of Sample (g) 
Aluminum 6.022 2107? 26.98 

Gold 6,022 102 19 G27 

Iron 6022) 10% Sst) 
Sulfur 6.022% 10 32.07 
Boron 6.022 x 1077 10.81 


Xenon 6.022 ~ 107? 131.30 





and the gram. Since 6.022 10?’ atoms of carbon (each with a mass of 12 
amu) have a mass of 12 grams, then 
12 amu 


(6.022 < 10? atoms) 
atom 


=12¢ 
and 6.022 < 1073 amu = 1 g 


Exact 
number 


OWL INTERACTIVE EXAMPLE 3.2 


Americium is an element that does not occur naturally. It can be made in very 
small amounts in a device called a particle accelerator. Compute the mass in 
grams of a sample of americium containing six atoms. 


Solution From the table inside the front cover of this book, note that one am- 
ericium atom has a mass of 243 amu. Thus the mass of six atoms is 


6 atoms X 243 2 = 1.46 x 103 amu 
atom 


From the relationship 6.022 X 1073 amu = 1 g, the mass of six americium 
atoms in grams is 
1g 


146 TO a 
ii yee Dlx 102 ae 


= 2.42 x 1071¢ 


This relationship can be used to derive the factor needed to convert between 
atomic mass units and grams. 

To perform chemical calculations, you must understand what the mole 
means and how to determine the number of moles in a given mass of a sub- 
stance. These procedures are illustrated in Example 3.3. 


OWL INTERACTIVE EXAMPLE 3.3 


A silicon chip used in an integrated circuit of a microcomputer has a mass of 
5.68 mg. How many silicon (Si) atoms are present in this chip? 


Solution The strategy for doing this problem is to convert from milligrams of sili- 
con to grams of silicon, then to moles of silicon, and finally to atoms of silicon: 








1¢gSi ; 
5.68 Si X = 5.68 x 10° 
mg Si 1000 mg Si 5.68: X 107 ge 51 
ewe 1 mol Si 
5.68 X 107° g Si X —————- = 2. aa i 
g Si 28.09 g Si 2.02 Xol.057, molSi 
6.022 x 107 
2.02 X 10-4 mol Si x ee OD ane 


1 mol Si 


Always check to see if your answer.is 
sensible. 
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It always makes sense to think about orders of magnitude as you do a 
calculation. In Example 3.3, the 5.68-milligram sample of silicon is clearly 
much less than 1 mole of silicon (which has a mass of 28.09 grams), so the final 
answer of 1.22 X 107° atoms (compared with 6.022 x 1073 atoms) is at least 
in the right direction. Paying careful attention to units and making sure the 
answer is sensible can help you detect an inverted conversion factor or a num- 
ber that was incorrectly entered in your calculator. 





3.3 


The average atomic mass for carbon to 
five significant digits is 12.011 


The average atomic mass for hydrogen 
to five significant digits is 1.0079 and 
that for oxygen is 15.999 





Molar Mass 


A chemical compound is, ultimately, a collection of atoms. For example, meth- 
ane (the major component of natural gas) consists of molecules that each con- 
tain one carbon atom and four hydrogen atoms (CH,). How can we calculate 
the mass of 1 mole of methane; that is, what is the mass of 6.022 < 107? CH, 
molecules? Since each CH, molecule contains one carbon atom and four hy- 
drogen atoms, 1 mole of CH, molecules consists of 1 mole of carbon atoms 
and 4 moles of hydrogen atoms. The mass of 1 mole of methane can be found 
by summing the masses of carbon and hydrogen present: 


Mass of 1 mol of C AL 2A ONL oe 
Mass of 4molofH =4 X 1.008 g 
Mass of 1 molof CH, = 16.043 g 


OWL INTERACTIVE EXAMPLE 3.4 


Isopentyl acetate (C7H;402), the compound responsible for the scent of ba- 
nanas, can be produced commercially. Interestingly, bees release about 1 pg 
(1 X 10° g) of this compound when they sting to attract other bees to join the 
attack. How many molecules of isopenty] acetate are released in a typical bee 
sting? How many atoms of carbon are present? 


Solution Since we are given a mass of isopentyl acetate and want the number 
of molecules, we must first compute the molar mass. 


7 mol C X 12.011 -2— = 84.077gC 
mol 

14 mol H x 1.0079 = = 14.111gH 
mol 

2 mol O x 15.999 = = 31.998 ¢0 
mol gues eevee? 


Mass of 1 mol of C7H,4O2 = 130.186 g 


Thus 1 mole of isopentyl acetate (6.022 X 107° molecules) has a mass of 
130.186 g. 

To find the number of molecules released in a sting, we must first deter- 
mine the number of moles of isopentyl acetate in 1 X 10° g: 


1 mol C7H,40> 


ee = 8 Oe Hil nO 
130.186 g C>H,40> yint as Gan tpes 


i) 3 10° g C7H 402 x 


Since 1 mol is 6.022 X 1073 units, we can determine the number of molecules: 


6.022 X 103 molecules 
1 mol C7H 4402 





§ X 10-? mol C7H,,0, = 5 x 10! molecules 
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Chemical Insights 





Measuring the Masses of Large 
Molecules or Making Elephants Fly 





When a chemist produces a new molecule, one cru- 
cial property for making a positive identification is 
the molecule’s mass. There are many ways to 
determine the molar mass of a compound, but one 
of the fastest and most accurate methods involves 
mass spectrometry. This method requires that the 
substance be put into the gas phase and ionized. 
The deflection that the resulting ion exhibits as it 
is accelerated through a magnetic field can be used 
to obtain a very precise value of its mass. One 
drawback of this method is that it is difficult to use 
with large molecules because they are difficult to 
vaporize. That is, substances that contain large 
molecules typically have very high boiling points, 
and these molecules are often damaged when they 
are vaporized at such high temperatures. A case in 
point involves proteins, an extremely important 
class of large biologic molecules that are quite 
fragile at high temperatures. Typical methods used 
to obtain the masses of protein molecules are slow 
and tedious. 

Mass spectrometry has not previously been 
used to obtain protein masses because proteins 


decompose at the temperatures necessary to 
vaporize them. However, a relatively new tech- 
nique called matrix-assisted laser desorption has 
been developed that allows mass spectrometric 
determination of protein molar masses. In this 
technique, the large “target” molecule is embedded 
in a matrix of smaller molecules. The matrix is 
then placed in a mass spectrometer and blasted 
with a laser beam, which causes its disintegration. 
Disintegration of the matrix frees the large target 
molecule, which is then swept into the mass 
spectrometer. One researcher involved in this 
project likened this method to an elephant on top 
of a tall building: “The elephant must fly if the 
building suddenly turns into fine grains of sand.” 

This technique allows scientists to determine 
the masses of huge molecules. So far, researchers 
have measured proteins with masses up to 350,000 
daltons (1 dalton is equal to 1 atomic mass unit). 
This method probably will be extended to even 
larger molecules such as DNA and could be a revo- 
lutionary development in the characterization of 
biomolecules. 











To show the correct number of 
significant figures in each calculation, 
we round off after each step. In your 
calculations, always carry extra 
significant figures through to the end; 
then round off. 


A substance’s molar mass (molecular 
weight) is the mass in grams of 1 mole 
of the substance. 





To determine the number of carbon atoms present, we must multiply the num- 
ber of molecules by 7 (each molecule of isopentyl acetate contains seven car- 
bon atoms): 


7 carbon atoms 


5 X 10! molecules X 
molecule 


= 4 x 10!* carbon atoms 


Note: In keeping with our practice of always showing the correct number of 
significant figures, we have rounded off after each step. However, if extra dig- 
its are carried throughout this problem, the final answer rounds to 3 X 10!°. 


Since the number 16.043 represents the mass of 1 mole of methane mole- 
cules, it makes sense to call it the molar mass for methane. However, tradition- 
ally, the term molecular weight has been used to describe the mass of 1 mole of 
a substance. Thus the terms molar mass and molecular weight mean exactly 
the same thing: the mass in grams of 1 mole of a compound. The molar mass 
of a known substance is obtained by summing the masses of the component 
atoms, as we did for methane. 

Some substances exist as a collection of ions rather than as separate mol- 
ecules. An example is ordinary table salt, sodium chloride (NaCl), which is 
composed of an array of Na* and Cl- ions. There are no NaCl molecules pres- 
ent. However, in this text, for convenience, we will apply the term molar mass 
to both ionic and molecular substances. Thus we will refer to 58.44 
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(22.99 + 35.45) as the molar mass for NaCl. In some texts the term formula 
weight is used for ionic compounds instead of the terms molar mass and 
molecular weight. 





3.4 | 


Conceptual Problem Solving 


One of the great rewards of studying chemistry is to become a good problem 
solver. Being able to solve complex problems is a talent that will serve you well 
in all walks of life. It is our purpose in this text to help you learn to solve prob- 
lems in a flexible, creative way based on understanding the fundamental ideas 
of chemistry. We call this approach conceptual problem solving. 

The ultimate goal is to be able to solve new problems (that is, problems 
you have not seen before) on your own. In this text we will provide problems 
and offer solutions by explaining how to think about the problems. Although 
the answers to these problems are important, it is perhaps even more impor- 
tant to understand the process—the thinking necessary to get the answer. 
While studying the solution, it is crucial that you interactively think through 
the problem with us. Do not skip the discussion and jump to the answer. Make 
sure that you understand each step in the process. 

A main goal in conceptual problem solving is to get the “big picture”—a 
real understanding of the situation. This approach to problem solving looks 
within the problem for a solution. In essence, we ask a series of questions as we 
proceed and use our knowledge of fundamental principles to answer these 
questions; we then let the problem (and our questions) guide us as we solve it. 

The following organizing principles will be useful to us as we proceed to 
solve a problem: 


uw First, we need to read the problem and decide on the final goal. Then we sort 
through the facts given, focusing on the key words and, when appropriate, 
drawing a diagram of the problem. In this part of the analysis we need to 
state the problem as simply as possible. The questions we ask at first are 
general and similar regardless of the problem. They are basically of the type 
“What are we trying to solve?” and “What does this mean?” 


a We need to work backward from the final goal to decide where to start. Our 
questions become more specific depending on the given problem, such as, 
“What are the reactants and products?” “What is the balanced equation?” 
“What do we mean by molar mass?” and so on. Our understanding of the 
fundamental principles of chemistry will enable us to answer each of these 
questions and will eventually lead us to the final solution. 


= After getting an answer we should check to see whether it is reasonable. The 
extent to which we can do this varies with the type of problem. If we are 
computing mass percents of elements in a compound, do they add up to 
100%? Do we get a negative answer for a mass? Sometimes it is more diffi- 
cult to judge if an answer is reasonable. However, once we get the solution 
of the problem, we should ask, “Does it make sense?” 


In summary, instead of looking outside the problem using a memorized 
scheme, we will look inside the problem and let the problem help us as we 
proceed to a solution. Learning this approach requires some patience, but the 
reward for learning to solve problems this way is that you become an effective 
solver of any new problem that confronts you in daily life or in your work in 
any field. You will no longer panic when you see a problem that is different in 
some ways from those you have solved in the past. Although you might be 
frustrated at times as you learn this method, we guarantee that it will pay 
dividends later and should make your experience with chemistry a positive one 
that will prepare you for any career you choose. 
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We will model this approach with the examples in this text, beginning with 
Example 3.5. We will continue this approach throughout the examples in 
Chapters 3 and 4. We will not, however, discuss all example problems through- 
out the text to this extent because we expect you to take an increasingly active 
role in this process. As the problems become more complicated, the method of 
conceptual problem solving becomes more important, and it is crucial that you 
work through these on your own before reading the solution. 





3.0 


Percent Composition of Compounds 


So far we have discussed the composition of a compound in terms of the num- 
bers of its constituent atoms. It is often useful to know a compound’s composi- 
tion in terms of the masses of its elements. We can obtain this information from 
the formula of the compound by comparing the mass of each element present in 
1 mole of the compound with the total mass of 1 mole of the compound. 

For example, consider ethanol, which has the formula C;H;OH. The mass 
of each element present and the molar mass are obtained through the following 
procedure: 


Mass of C = 2 mol x 12.011 nei = 24.022 g 
mo 


Mass of H= 6 mol X 1.0082 = 6.048 ¢ 
mol 


Mass of O = 1 mol x 15.999 2 = 15.999 g 
moly wes sere 


Mass of 1 mol of C,H;OH = 46.069 g 


The mass percent (often called the weight percent) of carbon in ethanol can be 
computed by comparing the mass of carbon in 1 mole of ethanol with the total 
mass of 1 mole of ethanol and multiplying the result by 100%: 

mass of C in 1 mol C;H;OH 


M t of C = y 
ass percent o fats of | mol HOH 100% 


24.022 g 
= —— X Oe 
cei one 


52.144% 


The mass percents of hydrogen and oxygen in ethanol are obtained in a similar 
manner: 


mass of H in 1 mol C;H;OH 








Mass Cori = ; % 
econ mass of 1 mol C,H;OH oaks 
6.048 g 
= —— X Ge 
46.069 ¢ ns 
= 13.13% 
Mass percent of O = —“*° Seen xX 100% 


mass of 1 mol C;H;OH 


apple 7 
46.069 g 


= 34.728% 


x 100% 


Notice that the percentages add to 100% if rounded to two decimal places; this 
is the check of the calculations. 


Phil Degginger/Stone/Getty Images 


The Nobel Foundation 





Penicillin is isolated from a mold. 





Dorothy Hodgkin (1910-1994) was 
born in Cairo, Egypt. She became 
interested in chemistry and in crystals 
at about the age of 10, and on her 
16th birthday she received a book by 
the Nobel Prize-winning physicist 
William Bragg. The subject of the book 
was how to use X rays to analyze 
crystals, and from that point on, her 
career path was set. 

Dr. Hodgkin used X-ray analysis for 
three important discoveries. In 1945 
she determined the structure of 
penicillin, which helped manufacturers 
create penicillin. In 1954 she deter- 
mined the structure of vitamin By, 
which led to her winning the Nobel 
Prize in Chemistry in 1964. Although 
both of these are important and useful 
discoveries, Dr. Hodgkin considered 
her greatest scientific achievement to 
be the discovery of insulin (1969), now 
used in the treatment of diabetes. 
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OWL INTERACTIVE EXAMPLE 3.5 


Penicillin, the first of a now large number of antibiotics (antibacterial agents), was 
discovered accidentally by the Scottish bacteriologist Alexander Fleming in 1928, 
but he was never able to isolate it as a pure compound. This and similar antibiotics 
have saved millions of lives that might have been lost to infections. Penicillin F has 
the formula C4H29N.SO4. Compute the mass percent of each element. 


Solution As we discussed in Section 3.4, your solution to a problem should 
begin with questions, the first of which is: 


a What is the problem asking us to solve? 


In this case you are asked to determine the mass percent of each element in 
penicillin F. This leads directly to the next question: 


a What does this mean? 


The mass percent for a given element in a compound is the mass of the element in 
the compound as a percentage of the mass of the compound. We know the for- 
mula for penicillin F is Cjg4H29N2SO4. The mass percent of carbon, for example, is 


Mass percent of carbon = 
Mass of carbon in 1 mole of Cy4H )9N,SO4 


x 100% 
Mass of 1 mole of Cy4Ha9N.$O,4 


Notice how we are letting the problem guide us. The original problem was to 
find the mass percent of each element in a compound. By using the definition 
of mass percent, we see that we will solve for each element individually. We 
also have changed the problem to two new and more specific questions: 


1. What is the mass of carbon in 1 mole of penicillin F? (the numerator above) 
2. What is the mass of 1 mole of penicillin F? (the denominator above) 

From the discussion in Section 3.3, we see that the second question is asking 
for the molar mass of penicillin F. This shows us that although allowing the 


problem to guide us is important, we also need knowledge of fundamental 
principles. The molar mass of penicillin F is computed as follows: 


C: 14 mol X 12.011 = = 168.15 g 
mol 

H: 20 mol x 1.008 2 = 20.16 g 
mol 

N: 2 mol x 14.007 = 28.014 g 
mol 

S: 1 mol x 32.07 & = 32.07¢ 
mol 

O: 4 mol X 15.999 = 63.996 ¢ 
no 


Mass of 1 mol of C;4H29N2SO,4 = 312.39 g 


Notice that in solving for the molar mass of penicillin F, we also solved for the 
mass of each element in 1 mole of the compound. With these masses we can 
determine the mass percent of each element: 


168.15'3 GC 


X 100% = 53.827% 
MALY (23 Cy4H29N2$O4 





Mass percent of C = 
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20.16 gH 


X 100% = 6.453% 
Sy Pepe, fas Cy4Hr9N2$O4 





Mass percent of H = 


28.014 gN 
Bi 230 ye C14H29N7SO4 





Mass percent of N = x 100% = 8.968% 


3207.2 $ 


x 100% = 10.27% 
51232 2 Cy4H29N2SO4 








Mass percent of S = 


63.996 gO 
CHVASY, fe Cy4H29N2SO4 





Mass percent of O = X 100% = 20.486% 


Finally, we can check that the answer is reasonable because the percentages 
add up to 100%. 
Let’s summarize the approach: 


1. We started with the general question, “What are we trying to solve?” 


2. Once we decided on the answer to question 1, we explained what this 
meant, in this case with a formula. 


3. We let the answers guide us to new questions, which were more specific to 
the problem (such as, “What is the mass of 1 mole of C)4H29N2SO4?”). 


4. We answered these specific questions using knowledge of fundamental prin- 
ciples. 


5. We came to the solution. 


This approach will guide you in solving problems throughout the text- 
book. No matter how complicated the problems become, you should always 
know specifically what you are trying to solve and then ask (and answer) ques- 
tions to get to the solution. Your knowledge is important as well, and in chem- 
istry this knowledge builds. Solving this particular problem, for example, 
would not have been possible without knowing what a chemical formula 
means and without an understanding of molar mass. 





3.6 


Figure 3.5 

A schematic diagram of the combustion 
device used to analyze substances for 
carbon and hydrogen. The sample is 
burned in the presence of excess 
oxygen, which converts all of its carbon 
to carbon dioxide and all of its hydrogen 
to water. These compounds are 
collected by absorption using appropri- 
ate materials, and their amounts are 
determined by measuring the increase 
in weights of the absorbents. 


Determining the Formula of a Compound 


When a new compound is prepared, one of the first items of interest is its for- 
mula. The formula is often determined by taking a weighed sample of the 
compound and either decomposing it into its component elements or reacting 
it with oxygen to produce substances such as CO;, HO, and N>, which are 
then collected and weighed. A device for doing this type of analysis is shown in 
Fig. 3.5. The results of such analyses provide the mass of each type of element 
in the compound, which can be used to determine the mass percent of each 
element present. 

We will see how information of this type can be used to compute the for- 
mula of a compound. Suppose a substance has been prepared that is composed 
of carbon, hydrogen, and nitrogen. When 0.1156 gram of this compound is 
reacted with oxygen, 0.1638 gram of carbon dioxide (CO) and 0.1676 gram 
of water (H2O) are collected. Assuming that all of the carbon in the compound 


Furnace 


CO,, H,O, O5, and other gases 


O, and 
other gases 











CO, absorber 
such as NaOH 





H,0 absorber 
such as Mg(ClO,4)> 
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is converted to CO, we can determine the mass of carbon originally present in 
the 0.1156-gram sample. To do so, we must use the fraction (by mass) of car- 
bon in COQ). The molar mass of CO) is 12.011 g/mol plus 2(15.999) g/mol, or 
44.009 g/mol. The fraction of carbon present by mass (12.011 grams C/44.009 
grams CO ) can now be used to determine the mass of carbon in 0.1638 gram 


of CO): 


101 e.C 


0.1638 g CO x 
qe GAA 009 COF 





= 0.04470 ¢ C 


Remember that this carbon originally came from the 0.1156-gram sample of 
the unknown compound. Thus the mass percent of carbon in this compound is 


0.04470 g C 
0.1156 g compound 





x 100% = 38.67% C 


The same procedure can be used to find the mass percent of hydrogen in 
the unknown compound. We assume that all of the hydrogen present in the 
original 0.1156 gram of compound was converted to H,O. The molar mass of 
H,0 is 18.015 grams, and the fraction of hydrogen by mass in HO is 2.016 
grams H/18.015 grams HO. Therefore, the mass of hydrogen in 0.1676 gram 
of H,O is 


2.016 gH 


Oulet6 eh Gs eee 
Biel eae 1 Sate ©) 


= 0.01876 gH 


And the mass percent of hydrogen in the compound is 


0.01876 gH 
0.1156 g compound 





xX 100% = 16.23% H 


The unknown compound contains only carbon, hydrogen, and nitrogen. 
So far, we have determined that it is 38.67% carbon and 16.23% hydrogen. 
The remainder must be nitrogen: 


100.00% — (38.67% + 16.23%) = 45.10% N 
ah “0 
Ye G % H 

We have determined that the compound contains 38.67% carbon, 16.23% hy- 
drogen, and 45.10% nitrogen. Next, we use these data to obtain the formula. 

Since the formula of a compound indicates the numbers of atoms in the 
compound, we must convert the masses of the elements to numbers of atoms. 
The easiest way to do this is to work with 100.00 grams of the compound. In 
the present case 38.67% carbon by mass means 38.67 grams of carbon per 
100.00 grams of compound; 16.23% hydrogen means 16.23 grams of hydro- 
gen per 100.00 grams of compound; and so on. To determine the formula, we 
must calculate the number of carbon atoms in 38.67 grams of carbon, the 
number of hydrogen atoms in 16.23 grams of hydrogen, and the number of 
nitrogen atoms in 45.10 grams of nitrogen. We can do this as follows: 


1 mol C 








; x = 3.220 mol C 
38.67 gC 12.011 gC 3 mo 
1 mol H 
: H X = 16.10 mol H 
16.23 g 1.008 gH mo 
1 mol N 
x ———— = 3.220 mol N 
STE O07 a N sat 


Thus 100.00 grams of this compound contains 3.220 moles of carbon atoms, 
16.10 moles of hydrogen atoms, and 3.220 moles of nitrogen atoms. 
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Figure 3.6 

Examples of substances whose 
empirical and molecular formulas differ. 
Notice that molecular formula = 
(empirical formula),, where x is an 
integer. 


Molecular formula = (empirical formula), 
where x is an integer. 





CoH, = (CH), Sg = (S)g CH 206 = (CH20), 


We can find the smallest whole-number ratio of atoms in this compound 
by dividing each of the mole values above by the smallest of the three: 


5970 
: —————— — 
c 3.220 
1g. 
oe 00. z 
0a 
x 3.220 =4 


Thus the formula of this compound can be written CH;N. This formula is 
called the empirical formula. It represents the simplest whole-number ratio of 
the various types of atoms in a compound. 

If this compound is molecular, then the formula might well be CHsN. It 
might also be C,H9N2, or C3H15N3, and so on—that is, some multiple of the 
simplest whole-number ratio. Each of these alternatives also has the correct 
relative numbers of atoms. Any molecule that can be represented as (CH;N),, 
where x is an integer, has the empirical formula CH;N. To be able to specify 
the exact formula of the molecule involved, the molecular formula, we must 
know the molar mass. 

Suppose we know that this compound with empirical formula CH;N has 
a molar mass of 31.06. How do we determine which of the possible choices 
represents the molecular formula? Since the molecular formula is always a 
whole-number multiple of the empirical formula, we must first find the em- 
pirical formula mass for CH;N: 


1C: 1 x 12.011 g = 12.011 ¢ 
5H: 5X 1.008g = 5.040¢ 
1N: 1 X 14.007 g = 14.007 ¢ 


Formula mass of CH;N = 31.058 g 


This value is the same as the known molar mass of the compound. Thus, in this 
case, the empirical formula and the molecular formula are the same; this sub- 
stance consists of molecules with the formula CH;N. It is quite common for 
the empirical and molecular formulas to be different; some examples in which 
this is the case are shown in Fig. 3.6. 


WWL INTERACTIVE EXAMPLE 3.6 


A white powder is analyzed and found to contain 43.64% phosphorus and 
56.36% oxygen by mass. The compound has a molar mass of 283.88 g. What 
are the compound’s empirical and molecular formulas? 


Ken O'Donoghue/Photograph © Cengage Learning. All rights 


reserved. 


Figure 3.7 

The structural formula of P4049. Note 
that some of the oxygen atoms act as 
“bridges” between the phosphorus 
atoms. This compound has a great 
affinity for water and is often used as a 
desiccant, or drying agent. 
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Solution 


a What are we trying to solve? 


In this problem we are asked to solve for the empirical and molecular formulas 
for a compound. 


a What does this mean? 


The empirical formula is the simplest whole-number ratio of the atoms in the 
compound, and the molecular formula is the actual formula for the compound. 
In both cases the formula will look like P,O,, and we are trying to solve for x 
and y. 

We know x and y represent numbers of atoms (or relative moles of 
atoms), but we are given mass percents of the elements in the compound. So 
now we have a new question: 


= How can we convert a mass percent of an element to the moles of atoms? 


We know we can convert mass to moles of atoms using atomic masses. So, we 
must convert a mass percent to a mass, and a mass to a number. 

One way—although not the only way—is to realize that mass percents 
have the same value as masses if we assume 100.00 g of the sample. Thus, in 
100.00 g of this compound, there are 43.64 g of phosphorus and 56.36 g of 
oxygen. If we convert these masses to moles, the ratio of the numbers of moles 
of each element represents the ratio of x to y in the formula. In terms of moles, 
in 100.00 g of compound we have 


1 mol P 


43.642. 1 409 ey 
Posy a De 
1 mol O 
x ———— = 3.52 | 
56.36¢g0 15.999 gO 3.523 M00) 


These numbers give us a ratio of moles of atoms of P/O, but the empirical for- 
mula is the simplest whole-number ratio of these atoms. Dividing both mole 
values by the smaller one gives 


1.409 ey ss) 

TUCTe a tae ee ee 
This yields the formula PO2,;. Since compounds must contain whole numbers 
of atoms, the empirical formula should contain only whole numbers. To ob- 
tain the simplest set of whole numbers, we multiply both numbers by 2 to give 
the empirical formula P)Os. 

To obtain the molecular formula, we must compare the empirical formula 

mass with the molar mass. The empirical formula mass for POs is 141.94. 


Molar mass _ 283.88 


Empirical formula mass 141.94 








The molecular formula is (P205)2, or P4O4o. 


= Does the answer make sense? 


The molar mass of the compound is a whole-number multiple of the empirical 
molar mass, which should make us more confident about the answer. The 
structural formula of this interesting compound is given in Fig. 3.7. 


In Example 3.6 we found the molecular formula by comparing the em- 
pirical formula mass with the molar mass. There is an alternative way to 
obtain the molecular formula. The molar mass and the percentages (by mass) 
of each element present can be used to compute the moles of each element 
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Computer-generated molecule of 
caffeine. 





present in one mole of compound. These numbers of moles then represent 
directly the subscripts in the molecular formula. This procedure is illustrated 
in Example 3.7. 


OWL INTERACTIVE EXAMPLE 3.7 


Caffeine, a stimulant found in coffee, tea, chocolate, and some medications, 
contains 49.48% carbon, 5.15% hydrogen, 28.87% nitrogen, and 16.49% 
oxygen by mass and has a molar mass of 194.2. Determine the molecular for- 
mula of caffeine. 


Solution 


a What are we trying to solve? 
In this problem we are asked to solve for the molecular formula for caffeine. 


w What does this mean? 


The molecular formula will look like C,H,N-Oz, where a, b, c, and d are whole 
numbers. We need to solve for a, b, c, and d. 

This problem is similar to Example 3.6, but in this case, we are going to 
determine the molecular formula without the empirical formula. 


= How can we use percent by mass data of an element and the molar mass? 


By multiplying the molar mass of the compound by the individual percents by 
mass of each element, we can determine the mass of each element in 1 mole 
(194.2 g) of caffeine: 


49.48 gC ., 194.2 2 96.09 ¢C 

















100.0 g caffeine mol mol caffeine 
asl . 194.28 2. 10.06.41 
100.0 g caffeine mol mol caffeine 
28.87 ZN Re 2s _. 190 EN 
100.0 g caffeine mol mol caffeine 
16.49gO 194.28 _ 32.0280 
100.0 g caffeine mol mol caffeine 


We have masses and we need moles, which we can compute using atomic 
masses. 











C: 96.09 gC 1 mol C _ 8.000 mol C 
: mol caffeine 12.011gC mol caffeine 
H: 10.0¢gH 1 mol H _ 9.92 mol H 
mol caffeine 1.008gH  molcaffeine 
N. 56.07 gN 1 mol N _ 4.002 mol N 
; mol caffeine 14.01gN mol caffeine 
O: 32.02 30: lmolO _ 2.001 mol O 





mol caffeine ~ 16.00gO mol caffeine 


Rounding the numbers to integers gives the molecular formula for caffeine: 
CgHioN4O2. 


= Does the answer make sense? 


The answers to the number of moles should be whole numbers, because, unlike 
the first part of the solution to Example 3.6, we are solving for the actual number 
of moles of each element in 1 mole of the compound. There is not much round- 
ing needed to get whole numbers for the subscripts. This is a good sign. 


Numbers very close to whole numbers, 
such as 9.92 and 1.08, should be 
rounded to whole numbers. Numbers 
such as 2.25, 4.38, and 2.72 should 
not be rounded to whole numbers. 
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The methods for obtaining empirical and molecular formulas are summa- 
rized below. 


Determination of the Empirical Formula 


1 Since mass percent gives the number of grams of a particular element per 
100 grams of compound, base the calculation on 100 grams of compound. 
Each percent will then represent the mass in grams of that element present 
in the compound. 


2 Determine the number of moles of each element present in 100 grams of 
compound using the atomic weights (masses) of the elements present. 

3 Divide each value of the number of moles by the smallest of the values. If 
each resulting number is a whole number (after appropriate rounding), 


these numbers represent the subscripts of the elements in the empirical 
formula. 


4 If the numbers obtained in the previous step are not whole numbers, multi- 
ply each number by an integer so that the results are all whole numbers. 


Determination of the Molecular Formula 
Method 1 


1 Obtain the empirical formula. 
2 Compute the empirical formula mass. 


3 Calculate the ratio: 
Molar mass 
Empirical formula mass 
4 The integer from the previous step represents the number of empirical for- 
mula units in one molecule. When the empirical formula subscripts are 
multiplied by this integer, we obtain the molecular formula. 


Method 2 

1 Using the mass percents and the molar mass, determine the mass of each 
element present in 1 mole of compound. 

2 Determine the number of moles of each element present in 1 mole of com- 
pound. 

3 The integers from the previous step represent the subscripts in the mo- 
lecular formula. 





am 


Chemical Equations 
Chemical Reactions 


A chemical change involves reorganization of the atoms in one or more sub- 
stances. For example, when the methane (CH) in natural gas combines with 
oxygen (QO) in the air and burns, carbon dioxide (CO) and water (HO) are 
formed. This process is represented by a chemical equation with the reactants 
(here methane and oxygen) on the left side of an arrow and the products (car- 
bon dioxide and water) on the right side: 


(Glek an O, so CO, ate H,O 


Reactants Products 


Courtesy, SaskEnergy 
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A flare in a natural gas field is an 
example of a chemical reaction. 


a ie er 


Figure 3.8 
The reaction between methane and oxygen to give water and carbon dioxide. Note that no 
atoms have been gained or lost in the reaction. The reaction simply reorganizes the atoms. 


Notice that the atoms have been reorganized. Bonds have been broken and new 
ones formed. Remember that in a chemical reaction, atoms are neither created nor 
destroyed. All atoms present in the reactants must be accounted for among the 
products. In other words, there must be the same number of each type of atom on 
the product side as there is on the reactant side of the arrow. Making sure that this 
rule is followed is called balancing a chemical equation for a reaction. The equa- 
tion just shown for the reaction between CH, and O) is not balanced. As we will 
see in the next section, the equation can be balanced to produce 


CH, te 20, = CO, at 2H,O 


This reaction is shown graphically in Fig. 3.8. We can check whether the equa- 
tion is balanced by comparing the number of each type of atom on both sides: 


CH, + 20, — CO; + ZH;0 

lal t Tt ff 
1C 4H | 1¢ 4H 
40 20 RO 


The Meaning of a Chemical Equation 


The chemical equation for a reaction provides two important types of informa- 
tion: the nature of the reactants and products and the relative numbers of each. 
The reactants and products in a specific reaction must be identified by experi- 
ment. Besides specifying the compounds involved in the reaction, the equation 
often includes the physical states of the reactants and products: 


State Symbol 
Solid (s) 
Liquid (1) 
Gas (g) 

( 


Dissolved in water (in aqueous solution) 


For example, when hydrochloric acid in aqueous solution is added to solid 
sodium hydrogen carbonate, the products carbon dioxide gas, liquid water, 
and sodium chloride (which dissolves in the water) are formed: 


HCl(aq) + NaHCO3(s) —> CO,(g) + H,O(/) + NaCl(aq) 


The relative numbers of reactants and products in a reaction are indicated 
by the coefficients in the balanced equation. (The coefficients can be determined 
since we know that the same number of each type of atom must occur on both 
sides of the equation.) For example, the balanced equation 


CH4(g) + 202(g) —+ COd2(g) + 2H,O(g) 


can be interpreted in several equivalent ways, as shown in Table 3.2. Note that 
the total mass is 80 grams for both reactants and products. We should expect 
this result, since chemical reactions involve only a rearrangement of atoms. 
Atoms, and therefore mass, are conserved in a chemical reaction. 
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Table 3,2 








Reactants ————- Products 

CH,(g) + 202(g) —— CO (g) + 2H2O(g) 

1 molecule CH, 1 molecule CO, 

+ 2 molecules O, + 2 molecules H,O 

1 mole of CHy molecules 1 mole of CO, molecules 

+ 2 moles of O> molecules + 2 moles of HO molecules 
6.022 x 1073 CH, molecules 6.022 x 1023 CO, molecules 

+ 2(6.022 x 1073) O, molecules + 2(6.022 x 1073) H)O molecules 
16 g CH, + 2(32 g) Op —— 44 g CO, + 2(18 g) HO 

80 g reactants —_—— 80 g products 








From this discussion you can see that a balanced chemical equation gives 
you a great deal of information. 





3.8 


In balancing equations, start with the 
most complicated molecule 


Balancing Chemical Equations 


An unbalanced chemical equation is of limited use. Whenever you see an 
equation, you should ask yourself whether it is balanced. The principle that 
lies at the heart of the balancing process is that atoms are conserved in a 
chemical reaction. The same number of each type of atom must be found 
among the reactants and products. Also, remember that the identities of the 
reactants and products of a reaction are determined by experimental obser- 
vation. For example, when liquid ethanol is burned in the presence of suffi- 
cient oxygen gas, the products will always be carbon dioxide and water. 
When the equation for this reaction is balanced, the identities of the reactants 
and products must not be changed. The formulas of the compounds must 
never be changed when balancing a chemical equation. That is, the subscripts 
in a formula cannot be changed, nor can atoms be added or subtracted from 
a formula. 

Most chemical equations can be balanced by inspection—that is, by trial 
and error. It is always best to start with the most complicated molecules (those 
containing the greatest number of atoms). For example, consider the reaction 
of ethanol with oxygen, given by the unbalanced equation 


C,HsOH(/) + O2(g) —> CO2(g) + H20(g) 


The most complicated molecule here is C;H;OH. We will begin by balancing 
the products that contain the atoms in C,H;OH. Since C,H;OH contains two 
carbon atoms, we place a 2 before the CO) to balance the carbon atoms: 


C,HsOH(!) + O2(g) —> 2CO2(g) + H,O(g) 


2 C atoms 2 C atoms 


Since C)H;5OH contains six hydrogen atoms, the hydrogen atoms can be bal- 
anced by placing a 3 before the HO: 


C,H;sOH(/) + O2(g) — > 2COz2(g) + 3H2,0(g) 


(5+1)H (6Px< 2H 


Last, we balance the oxygen atoms. Note that the right side of the preceding 
equation contains seven oxygen atoms, whereas the left side has only three. 
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Chromate and dichromate compounds 
are suspected carcinogens (cancer- 
inducing agents) and should be 
handled carefully. 








We can correct this by putting a 3 before the O2 to produce the balanced 
equation: 

C)H;OH(/) + 302(g) ——> 2CO2(g) + 3H2O0(g) 

10 60 (2242) 30 


Now we check: 


C,H;OH(!) + 302(g) —~ 2CO2(g) + 3H20(g) 
2 C atoms 2 C atoms 
6 H atoms 6 H atoms 
7 O atoms 7 O atoms 


The balanced equation can be represented by space-filling models as follows: 





Writing and Balancing the Equation for a Chemical Reaction 


1 Determine what reaction is occurring. What are the reactants, the prod- 
ucts, and the states involved? 


2 Write the unbalanced equation that summarizes the preceding infor- 
mation. 


3 Balance the equation by inspection, starting with the most complicated 
molecule(s). Determine what coefficients are necessary to ensure that the 
same number of each type of atom appears on both reactant and product 
sides. Do not change the identities (formulas) of any of the reactants or 
products. 


WWL INTERACTIVE EXAMPLE 3.8 


Chromium compounds exhibit a variety of bright colors. When solid ammo- 
nium dichromate, (NH4).Cr2O;, a vivid orange compound, is ignited, a spec- 
tacular reaction occurs, as shown in the two photographs on the next page. 
Although the reaction is somewhat more complex, let’s assume here that the 
products are solid chromium(III) oxide, nitrogen gas (consisting of N> mole- 
cules), and water vapor. Balance the equation for this reaction. 


Solution From the description given, the reactant is solid ammonium dichro- 
mate, (NH4):Cr2O;(s), and the products are nitrogen gas, N>(g); water vapor, 
H,O(g); and solid chromium(III) oxide, Cr.O3(s). The formula for chromium 
(III) oxide can be determined by recognizing that the Roman numeral III means 
that Cr?* ions are present. For a neutral compound the formula must then be 
Cr,O3, since each oxide ion is O2>. 

The unbalanced equation is 


(NH4)2Cr2O7(s) —» Cr203(s) + No(g) + H2O(g) 


Photographs © Cengage Learning. All rights reserved. 
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Note that nitrogen and chromium are balanced (two nitrogen atoms and two 
chromium atoms on each side), but hydrogen and oxygen are not. A coefficient 
of 4 for H)O balances the hydrogen atoms: 


(NH4)2Cr2O7(s) —> Cr2O3(s) + No(g) + 4H2O(g) 
(4X 2)H (4* 2)H 


Note that in balancing the hydrogen, we have also balanced the oxygen since 
there are seven oxygen atoms in the reactants and in the products. 


Check: ON) Cre Os DN, 8 HL Grea O 


Reactant atoms Product atoms 


The equation is balanced. 





3.9 | Stoichiometric Calculations: 


Before doing any calculations involvin 
a chemical reaction, be sure the 
equation for the reaction is balanced 





Decomposition of ammonium 
dichromate. 





Amounts of Reactants and Products 


Recall that the coefficients in chemical equations represent numbers of mole- 
cules, not masses of molecules. However, in the laboratory or chemical plant, 
when a reaction is to be run, the amounts of substances needed cannot be de- 
termined by counting molecules directly. Counting is always done by weigh- 
ing. In this section we will see how chemical equations can be used to deal with 
masses of reacting chemicals. 

To develop the principles involved in dealing with the stoichiometry of reac- 
tions, we will consider the combustion of propane (C3Hs), a hydrocarbon used 
for gas barbecue grills and often used as a fuel in rural areas where natural gas 
pipelines are not available. Propane reacts with oxygen to produce carbon diox- 
ide and water. We will consider the question, “What mass of oxygen will react 
with 96.1 grams of propane?” The first thing that must always be done when 
performing calculations involving chemical reactions is to write the balanced 
chemical equation for the reaction. In this case the balanced equation is 


C3Hg(g) + 5O02(g) —> 3CO2(g) + 4H20(g) 


Recall that this equation means that 1 mole of C3Hg will react with 5 moles of 
O, to produce 3 moles of CO, and 4 moles of HO. To use this equation to 
find the masses of reactants and products, we must be able to convert between 
masses and moles of substances. Thus we must first ask, “How many moles of 
propane are present in 96.1 grams of propane?” The molar mass of propane to 
three significant figures is 44.1 g/mol. The moles of propane can be calculated 
as follows: 


1 mol C3H¢ 


bell 2 (CaAlaly X< 
Sr GACH, 


= 2.18 mol C3H¢ 

Next, we must take into account that each mole of propane reacts with 
5 moles of oxygen. The best way to do this is to use the balanced equation to 
construct a mole ratio. In this case we want to convert from moles of propane 
to moles of oxygen. From the balanced equation we see that 5 moles of O) is 
required for each mole of C3Hg, so the appropriate ratio is 





_ 5 mol O; 
1 mol C3Hg, 
which can be used to calculate the number of moles of O2 required: 
5 mol O) 
: 1 C3Hg X ae HUY 1O, 
2.18 mol C3H¢ We aCe mol O, 
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Chemical Insights 





High Mountains—Low Octane 





The next time you visit a gas station, take a 
moment to note the octane rating that accompa- 
nies the grade of gasoline that you are purchasing. 
The gasoline is priced according to its octane 
rating—a measure of the fuel’s antiknock proper- 
ties. In a conventional internal combustion engine, 
gasoline vapors and air are drawn into the com- 
bustion cylinder on the downward stroke of the 
piston. This air-fuel mixture is compressed on the 
upward piston stroke (compression stroke), and a 
spark from the sparkplug ignites the mix. The 
rhythmic combustion of the air-fuel mix occurring 
sequentially in several cylinders furnishes the 
power to propel the vehicle down the road. 
Excessive heat and pressure (or poor-quality fuel) 
within the cylinder may cause the premature 
combustion of the mixture—commonly known as 
engine “knock” or “ping.” Over time, this engine 
knock can damage the engine, resulting in ineffi- 
cient performance and costly repairs. 

A consumer typically is faced with three 
choices of gasoline, with octane ratings of 87 
(regular), 89 (midgrade), and 93 (premium). But if 
you happen to travel or live in the higher eleva- 








tions of the Rocky Mountain states, you might be 
surprised to find different octane ratings at the 
gasoline pumps. The reason for this provides a 
lesson in stoichiometry. At higher elevations the air 
is less dense—the volume of oxygen per unit 
volume of air is smaller. Most engines are designed 
to achieve a 14:1 oxygen-to-fuel ratio in the 
cylinder prior to combustion. If less oxygen is 
available, then less fuel is required to achieve this 
optimal ratio. In turn, the lower volumes of 
oxygen and fuel result in a lower pressure in the 
cylinder. Because high pressure tends to promote 
knocking, the lower pressure within engine 
cylinders at higher elevations promotes a more 
controlled combustion of the air-fuel mixture, and 
therefore, octane requirements are lower. Although 
consumers in the Rocky Mountain states can 
purchase three grades of gasoline, the octane 
ratings of these fuel blends are different from those 
in the rest of the United States. In Denver, Colo- 
rado, regular gasoline is 85 octane, midgrade is 87 
octane, and premium is 91 octane—2 points lower 
than gasoline sold in most of the rest of the 
country. 








Since the original question asked for the mass of oxygen needed to react 
with 96.1 grams of propane, the 10.9 moles of O; must be converted to grams, 


using the molar mass of O): 


10.9 mol O; X 


1 mol O, mien ee 


Therefore, 349 grams of oxygen is required to burn 96.1 grams of propane. 

This example can be extended by asking, “What mass of carbon dioxide is 
produced when 96.1 grams of propane is combusted with oxygen?” In this 
case we must convert between moles of propane and moles of carbon dioxide. 
This conversion can be done by inspecting the balanced equation, which shows 
that 3 moles of CO, is produced for each mole of C3Hg reacted: 


2.18 mol C3I Lg x 


3 mol CO, 





1 ol cu = 6.54 mol CO, 


Then we use the molar mass of CO, (44.0 g/mol) to calculate the mass of CO, 


produced: 


6.54 mol CO, X 


iti @O} Sian eee 
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The process for finding the mass of carbon dioxide produced from 96.1 
grams of propane is summarized here: 


1 mol C3Hg 





Calculation of Masses of Reactants and Products in Chemical Reactions 


1 Balance the equation for the reaction. 
2 Convert the known masses of the substances to moles. 
3 Use the balanced equation to set up the appropriate mole ratios. 


4 Use the appropriate mole ratios to calculate the number of moles of the 
desired reactant or product. 


5 Convert from moles back to grams if required by the problem. 


WWL INTERACTIVE EXAMPLE 3.9 


Baking soda (NaHCO) is often used as an antacid. It neutralizes excess hydro- 
chloric acid secreted by the stomach: 


NaHC0O;(s) + HCl(aqg) —— NaCl(aq) + H2O(/) + COz(aq) 


Milk of magnesia, which is an aqueous suspension of magnesium hydroxide, is 
also used as an antacid: 


Mg(OH)2(s) + 2HCl(aq) ——~ 2H,O(/) + MgCl(aq) 
Which is the more effective antacid per gram, NaHCO; or Mg(OH)>? 


Solution 


a What are we trying to solve? 


In this problem we are asked to determine which antacid is more effective. 


a What does this mean? 

The more effective antacid will react with (neutralize) more acid. So to answer 

this question, we must answer the following: 

1. How much HCl is neutralized per gram of NaHCO;? 

2. How much HCl is neutralized per gram of Mg(OH))? 

We will then compare the answers and choose the more effective antacid. 

a» How can we determine the amount of base (antacid) that reacts with an 
amount of acid? 


We have balanced chemical equations, which give us the mole ratios of 
NaHCO,/HCI and Mg(OH),/HCl. Thus we must convert 1.00 g of each 


Larry Larimer/PictureQuest/Getty Images 
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Two antacid tablets containing HCOz3 
dissolve to produce COz gas. 


3.10 





antacid to moles of antacid and then to moles of HCl. The antacid that reacts 
with the greater number of moles of HCI is the more effective one. 

Using the molar mass of NaHCO3, we determine the moles of NaHCO; 
in 1.00 g of NaHCO;: 


1 mol NaHCO; 
84.01 g NaHCO; 


Because HCI] and NaHCO; react 1:1, this answer also represents the moles of 
HCl required. Thus 1.00 g of NaHCO; will neutralize 1.19 x 10-* mol HCl. 
Using the molar mass of Mg(OH)», we next determine the moles of Mg(OH), 
in 1.00 g: 


1.00 g NaHCO; = 1,19 x 10>? mol NaHCO; 


1 mol Mg(OH), 
58.32 ¢ Mg(OH), 


Using the balanced equation, we determine the moles of HCI that will react 
with this amount of Mg(OH)): 


1.00 g Mg(OH), X = 1.71 x 10-2 mol Mg(OH), 


2 mol HCl 
1 mol Mg(OH), 


Thus 1.00 g of Mg(OH), will neutralize 3.42 x 10-7 mol HCL. It is a better 
antacid per gram than NaHCO3. 


1.71 X 10°? mol Mg(OH), x = 3.42 x 10°* mol HCl 








Calculations Involving a Limiting Reactant 


When chemicals are mixed together to undergo a reaction, they are often mixed 
in stoichiometric quantities—that is, in exactly the correct amounts so that all 
reactants “run out” (are used up) at the same time. To clarify this concept, let’s 
consider the production of hydrogen for use in the manufacture of ammonia 
by the Haber process. Ammonia, a very important fertilizer itself and a starting 
material for other fertilizers, is made by combining nitrogen from the air with 
hydrogen according to the equation 


N2(g) + 3H2(g) —> 2NH3(g) 


The hydrogen for this process is produced from the reaction of methane with 
water: 


CH,(g) + H.O(g) —~> 3H2(g) + CO(g) 


Now consider the following question: What mass of water is required to react 
with exactly 2.50 X 10° kilograms of methane? That is, how much water will 
just use up all of the 2.50 X 10% kilograms of methane, leaving no methane or 
water remaining? Using the principles developed in the preceding section, we 
can calculate that if 2.50 X 10° kilograms of methane is mixed with 2.81 x 
10° kilograms of water, both reactants will run out at the same time. The 
reactants have been mixed in stoichiometric quantities. 

If, however, 2.50 X 10° kilograms of methane is mixed with 3.00 X 103 
kilograms of water, the methane will be consumed before the water runs out. 
The water will be in excess. In this case the quantity of products formed will 
be determined by the quantity of methane present. Once the methane is con- 
sumed, no more products can be formed, even though some water still re- 
mains. In this situation, because the amount of methane limits the amount of 
products that can be formed, it is called the limiting reactant, or limiting re- 
agent. In any stoichiometry problem it is essential to determine which reac- 
tant is the limiting one to calculate correctly the amounts of products that 
will be formed. 
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Figure 3.9 

Hydrogen and nitrogen react to form 
ammonia according to the equation 
No + BHe — > 2NHs. 








To further explore the idea of a limiting reactant, consider the ammonia 
synthesis reaction: 


N2(g) + 3H2(g) —> 2NHs3(g) 


Assume that 5 N> molecules and 9 H; molecules are placed in a flask. Is this a 
stoichiometric mixture of reactants, or will one of them be consumed before 
the other runs out? From the balanced equation we know that each N; mole- 
cule requires 3 Hy molecules for the reaction to occur: 


Thus the required H/N) ratio is 3H2/1N). In our experiment, we have 9 H) 
and 5 No, ora ratio of 9H,/SN> = 1.8H)/1N>. 

Since the actual ratio (1.8:1) of H2/N> is less than the ratio required by 
the balanced equation (3:1), there is not enough hydrogen to react with all 
the nitrogen. That is, the hydrogen will run out first, leaving some unre- 
acted N> molecules. We can visualize this as shown in Fig. 3.9, which shows 
that 3 of the N> molecules react with the 9 H; molecules to produce 6 NH; 
molecules: 


3N, + 9H, —— 6NH; 


This leaves 2 N> molecules unreacted—the nitrogen is in excess. 

What we have shown here is that in this experiment the hydrogen is the 
limiting reactant. The amount of H) initially present determines the amount 
of NH; that can form. The reaction was not able to use up all the N> mole- 
cules because the H molecules were all consumed by the first 3 N» molecules 
to react. 

In the laboratory or chemical plant we work with much larger quantities 
than the few molecules of the preceding example. Therefore we must use moles 
to deal with limiting reactants. The ideas are exactly the same, except that we 
are using moles of molecules instead of individual molecules. For example, 
suppose 25.0 kilograms of nitrogen and 5.00 kilograms of hydrogen are mixed 
and reacted to form ammonia. How do we calculate the mass of ammonia 
produced when this reaction is run to completion (until one of the reactants is 
completely consumed)? 

As in the preceding example, we must use the balanced equation 


N2(g) + 3H2(g) —> 2NH3(g) 
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Always check to see which reactant is 
limiting. 


to determine whether nitrogen or hydrogen is a limiting reactant and then to 
determine the amount of ammonia that is formed. We first calculate the moles 
of reactants present: 








1000 g No 1molN, _ 5 
; 4 ye = § 93010 mol 
Ae erat: Tria 2 
5 00ieogey x 2000 sila, Uo! iene Sag 10e mol ED 


1 kg H; 2.016 g Hy 


Since 1 mole of N> reacts with 3 moles of Hy, the number of moles of H) that 
will react exactly with 8.93 x 107 moles of Nz is 


3 mol H, 
1 mol Np 


Thus 8.93 X 10? moles of Nz requires 2.68 X 10° moles of H) to react com- 
pletely. However, in this case only 2.48 X 10° moles of H) is present. Thus the 
hydrogen will be consumed before the nitrogen. Therefore, hydrogen is the 
limiting reactant in this particular situation, and we must use the amount of 
hydrogen to compute the quantity of ammonia formed: 


8.93 X 10? mol N, X = 2.68 X 10? mol H, 








SAR herOM el Hye eae 65 <1? mol NEL 
3 mol H, 
165.4 10°smol Ng Os 0 20 ots NE se 
[moENEL 


Note that to determine the limiting reactant, we could have started instead 
with the given amount of hydrogen and calculated the moles of nitrogen re- 
quired: 


1 mol N; 
3 mol H, 


Thus 2.48 X 10% moles of H» requires 8.27 X 10? moles of N>. Since 8.93 x 
10? moles of Nj is actually present, the nitrogen is in excess. The hydrogen will 
run out first, and thus again we find that hydrogen limits the amount of am- 
monia formed. 

A related but simpler way to determine which reactant is limiting is to 
compare the mole ratio of the substances required by the balanced equation 
with the mole ratio of reactants actually present. For example, in this case the 
mole ratio of H) to N» required by the balanced equation is 


3 mol H, 
1 mol N, 





2.48 X 10% mol H) X = $27 < 1 mot No 


That is, 


mol H, 
mol N> 





(required) = > = 3 


In this experiment we have 2.48 X 10° moles of H and 8.93 X 102 moles of 
N>. Thus the ratio 


mol H, Oe a ag 


mol N; Oo 8.93 x 102 — 2.78 


Since 2.78 is less than 3, the actual mole ratio of H> to N) is too small, 
and H) must be limiting. If the actual H/N> mole ratio had been greater 
than 3, then the H) would have been in excess and the N, would have 
been limiting. 
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OWL INTERACTIVE EXAMPLE 3.10 


Nitrogen gas can be prepared by passing gaseous ammonia over solid copper(II) 
oxide at high temperatures. The other products of the reaction are solid copper 
and water vapor. If 18.1 g of NH; is reacted with 90.4 g of CuO, which is the 
limiting reactant? How many grams of N> will be formed? 


Solution 


a What are we trying to solve? 


In this example we are asked to solve two problems: to determine the limiting 
reactant and to determine the mass of N) that will be formed from a given 
amount of reactants. 

We first need to answer the following two questions: What is meant by 
the term limiting reactant? and What do we need to do to solve for an amount 
of N>? 


a What is meant by the term limiting reactant? 


It is the reactant that is completely used up in the reaction. Since a chemical 
equation gives us the mole ratio of the reactants, we can determine how many 
moles of a given reactant we need to have compared with what we actually 
have. To do this we need to have a balanced equation, which we can get from 
the description of the problem. 


2NH3(g) + 3CuO(s) —> No(g) + 3Cu(s) + 3H2O(g) 


To use this equation we have to compare the amounts of reactants in moles to 
the balanced equation, so we must compute the moles of NH; and CuO: 


1 mol NH; 
: SS 1 NH 
18.1 g NH; 17.0 g NH; 06 mo 3 
1 mol CuO 
4 = 14 ol CuO 
90.4 g CuO 79.5 g CuO mol Cu 


We can now use either one of these to determine the number of moles of the 
other reactant that would be required to react completely. For example, if all 
of the NH; reacts, what number of moles of CuO is required? 
3 mol CuO 
1.06 mol NH; X =—~——= = 1.59 mol CuO 
pitoouida Saye tlwaice aes 

Thus 1.59 moles of CuO is required to react with 1.06 moles of NH3. Since 
only 1.14 moles of CuO is actually present, the amount of CuO is limiting. 

We can verify this conclusion by comparing the mole ratio of CuO to NH; 
required by the balanced equation, 


mol CuO 


3 
aOUNEL (required) = rie ie) 


with the mole ratio actually present, 


mol CuO oe lay 
arinee (actual) = 1.06 1.08 


Since the actual ratio is too small (smaller than 1.5), CuO is the limiting 
reactant. 
a What do we need to do to solve for an amount of N>? 


To determine this we need to use the limiting reactant to calculate the moles, 
then mass, of N>. 


80 Chapter 3 Stoichiometry 


Percent yield is important as an 
indicator of the efficiency of a particular 
laboratory or industrial reaction. 








Because CuO is the limiting reactant, we must use the amount of CuO to 
calculate the amount of N> formed: 


1 mol N 


= 0:380 IN 
3 mol CuO L etiae 


1.14 mol CuO X 


Using the molar mass of No, we can calculate the mass of Ny produced: 


x 
0.380 mol Np TEASE 


= 10.6 g Np 

Note: As with most problems, there is more than one way to solve this. We 
could have answered, “What is meant by the term limiting reactant?” with: the 
reactant that limits the amount of product. So, another way to solve this is to 
solve for the number of moles of Ny produced assuming all of the NH; reacts 
and solve again for moles of Nj produced assuming all of the CuO reacts. The 
reactant that results in the smaller amount of product limits the reaction. Once 
we know the limiting reactant, we can solve for the mass of N2 produced. We 
leave this up to you to try. 


The amount of a given product formed when the limiting reactant is com- 
pletely consumed is called the theoretical yield of that product. In Example 
3.10, 10.6 grams of nitrogen is the theoretical yield. This is the maximum 
amount of nitrogen that can be produced from the quantities of reactants used. 
Actually, the amount of product predicted by the theoretical yield is seldom 
obtained because of side reactions (other reactions that involve one or more of 
the reactants or products) and other complications. The actual yield of product 
is often given as a percentage of the theoretical yield. This value is called the 
percent yield: 


Actual yield 


Sarees xe 1 a = ts 
Theoretical yield 00% = percent yield 


For example, if the reaction considered in Example 3.10 actually produced 
6.63 grams of nitrogen instead of the predicted 10.6 grams, the percent yield 
of nitrogen would be 
6.63 g No 
Sa a 000s = 6255 
10.62 N> % = 62.5% 


Solving a Stoichiometry Problem Involving Masses 
of Reactants and Products 

1 Write and balance the equation for the reaction. 

2 Convert the known masses of substances to moles. 


3 By comparing the mole ratio of reactants required by the balanced equa- 
tion with the mole ratio of reactants actually present, determine which 
reactant is limiting. 


4 Using the amount of the limiting reactant and the appropriate mole ratios, 
compute the number of moles of the desired product. 


5 Convert from moles to grams using the molar mass. 


WWL INTERACTIVE EXAMPLE 3.11 


Potassium chromate, a bright yellow solid, is produced by the reaction of solid 
chromite ore (FeCr)O4) with solid potassium carbonate and gaseous oxygen at 
high temperatures. The other products of the reaction are solid iron(II) oxide 
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and gaseous carbon dioxide. In a particular experiment, 169 kg of chromite 
ore, 298 kg of potassium carbonate, and 75.0 kg of oxygen were sealed in a 
reaction vessel and reacted at a high temperature. The amount of potassium 
chromate obtained was 194 kg. Calculate the percent yield of potassium 
chromate. 


Solution 


a What are we trying to solve? 


This problem asks us to determine percent yield. 
a What does this mean? 


actual yield 





Percent yield = x 100% 


theoretical yield 


We are given the actual yield of potassium chromate as 194 kg; thus we have 


194 kg 
theoretical yield 





Percent yield = x 100% 
So we have now changed the problem to, What is the theoretical yield? Once 
we have this, we can solve for percent yield. This leads us to: 


aw What do we mean by theoretical yield? 


The theoretical yield is the amount of product we can expect if the reaction is 
allowed to run to completion. It is the amount of product that we have been 
calculating using the ideas in Sections 3.8 and 3.9. 

We are given the masses (and names) of the three reactants and are told the 
names of the products. First, we will need a balanced chemical equation. 

The unbalanced equation, which can be written from the preceding de- 
scription of the reaction, is 


FeCr,O4(s) = K,CO3(s) ar O2(g) Sa K,CrO,4(s) ci Fe,O3(s) oh CO 2(g) 
The balanced equation is 
4FeCrO4(s) a 8K,CO3(s) SF 7O2(g) a 8K,CrO4(s) =F 2Fe,O3(s) ste 8CO2(g) 


To determine the theoretical yield, we have to decide on which reactant is 
limiting and then use this reactant to compute the mass of the product 
formed. To determine the limiting reactant, we will compare the mole 
ratios of the reactants required by the balanced equation with the actual 
mole ratios. The numbers of moles of the various reactants are obtained as 
follows: 


1000 g FeCr2O4 y 1 mol FeCr,O, 
1 kg FeCrO4 223.84 g FeCr.O, 
= 7.55) * 10* molbeGrO; 


169 kg FeCr,O4 X 





1000 g K,CO; 1 mol K,CO; 
1 kg K,CO; 138.21 g K,CO; 
= 2.16. ~-10? mol K,CO3 





298 kg Ky»CO; X 


1000gO, ., 1 mol QO, 


mo’ 2_ = 2.34 x 103 mol O 
1KE-Ose 4 13200 50) avae 


Now we must determine which of the three reactants is limiting. For the 
reactants K,CO; and FeCr)O, the required mole ratio is 


mol K,CO; 


; 8 
as d)=—=2 
mol FeCr)O4 require’) 4 
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The actual mole ratio is 


mol K,603_ jacryqly = 215% 103 
mol FeCr,04 7.5 KAO? 





= 2.86 


Since the actual mole ratio is greater than that required, the KzCO; is in excess 
compared with FeCr,O,4. Thus either FeCr2O4 or O2 must be limiting. To de- 
termine which of these will limit the amounts of products, we compare the 
required mole ratio, 


mol O, 


7 
SSS ired) = — = 1.75 
mol FeCr,O4 eaueee 4 


with the actual mole ratio, 


mol O> 2.34 x 103 


ce one (actua ) = Tie 5 ete = 3.10 


Thus more K,CO; and Oy, are present than required. These reactants are in 
excess, so FeCr QO, is the limiting reactant. 

We must use the amount of FeCrO, to calculate the maximum amount of 
K,CrO, that can be formed: 


8 mol K,CrO,4 


=4'51 X10 mol KO 
Amore. gps ae ee 


7.55 X 102 mol FeCr,0, X 


Using the molar mass of K,CrO., we can determine the mass: 


194.19 g K,CrO, 


S1ex< 110? K ye 
1.51 X 10° mol K,CrO, 1 mol KCrO, 





= 2.93 X 10° iS K,CrO, 


This value represents the theoretical yield of K,CrO4. The actual yield was 194 
kg, or 1.94 X 10° g. Thus the percent yield is 
1.94 X 10° g K,CrO, 


2.93 X 105 gK,Cro, * 100% = 66.2% 


For Review 





chemical stoichiometry 


Section 3.1 

mass spectrometer 
Section 3.2 

mole 

Avogadro’s number 
Section 3.3 

molar mass 
Section 3.4 
conceptual problem solving 
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molecular weight 
mass percent 
Section 3.6 
empirical formula 
molecular formula 
Section 3.7 
chemical equation 
reactants 

products 


balancing a chemical equation 





OWL ang (SS EUS 

Sign in at www.cengage.com/ow/l to: 

e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 

Stoichiometry 

a Deals with the amounts of substances consumed and/or produced in a 
chemical reaction. 

a We count atoms by measuring the mass of the sample. 

a To relate mass and the number of atoms, the average atomic mass is 
required. 


Mole 

a The number of carbon atoms in exactly 12 g of pure !2C 

w 6.022 X 10? units of a substance 

= The mass of 1 mole of an element = the atomic mass in grams 


Molar mass 

= Mass (g) of 1 mole of a compound or element 

a Obtained for a compound by finding the sum of the average masses of 
its constituents 


Discussion Questions 
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Section 3.9 
mole ratio 


Section 3.10 
stoichiometric quantities 
Haber process 

limiting reactant (reagent) 
theoretical yield 

percent yield 


Percent composition 
a The mass percent on each element in a compound 
mass of element in 1 mole of substance 


Mass ss birt 
' Gers mass of 1 mole of substance ; 





Empirical formula 

a The simplest whole-number ratio of the various types of atoms in a 
compound 

# Can be obtained from the mass percent of elements in a compound 


Molecular formula 
a For molecular substance: 

a The formula of the constituent molecules 

a Always an integer multiple of an empirical formula 
# For ionic substances: 

= The same as the empirical formula 


Chemical reactions 

= Reactants are turned into products. 

w Atoms are neither created nor destroyed. 

a All of the atoms present in the reactants must also be present in the 
products. 


Characteristics of a chemical equation 

a Represents a chemical reaction 

= Reactants on the left side of the arrow; products on the right side 

a When balanced, gives the relative numbers of reactant and product 
molecules or ions 


Stoichiometry calculations 

=» Amounts of reactants consumed and products formed can be deter- 
mined from the balanced chemical equation. 

a The limiting reactant is the one consumed first, thus limiting the 
amount of product that can form. 


Yield 

a The theoretical yield is the maximum amount that can be produced 
from a given amount of the limiting reactant. 

a The actual yield, the amount of product actually obtained, is always 
less than the theoretical yield. 

actual yield (g) 


theoretical yield (g) zen UD 


w Percent yield = 





Discussion Questions 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


1. The following are actual student responses to the ques- 
tion: Why is it necessary to balance chemical equations? 
a. The chemicals will not react until you have added the 
correct mole ratios. 

b. The correct products will not be formed unless the 
right amount of reactants have been added. 

c. A certain number of products cannot be formed 
without a certain number of reactants. 

d. The balanced equation tells you how much reactant 
you need and allows you to predict how much 
product you will make. 


e. A mole-to-mole ratio must be established for the 
reaction to occur as written. 


What is the best choice? For those you did not choose, 
explain why they are incorrect. State the fundamental rea- 
son why an equation for a reaction must be balanced. 


. Consider the equation A + 2B — AB). Imagine that 10 


moles of A is reacted with 26 moles of B. Use a scale from 

0 to 10 to express your level of agreement with each of the 

following statements. Justify and discuss your responses. 

a. There will be some As left over. 

b. There will be some Bs left over. 

c. Because of leftover As, some A molecules will be 
formed. 

d. Because of leftover Bs, some B) molecules will be formed. 
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e. Even if A is not limiting, A, molecules will be formed. 

f. Even if B is not limiting, By molecules will be formed. 

g. Along with the molecule AB, molecules with the 
formula A,B, (other than AB;) will be formed. 


. What information do we get from a formula? From an 


equation? 


. A sample of liquid heptane (C7Hj«) weighing 11.50 g is 


reacted with 1.300 moles of oxygen gas. The heptane is 
burned completely (heptane reacts with oxygen to form 
both carbon monoxide and water and carbon dioxide and 
water). After the reaction is complete, the amount of gas 
present is 1.050 moles (assume that all of the water 
formed is liquid). 

a. How many moles of CO are produced? 

b. How many moles of CO) are produced? 

c. How many moles of O) are left over? 


. Nitrogen (N>) and hydrogen (H;) react to form ammonia 


(NH). Consider the mixture of No(( 4. 
in a closed container as illustrated: 


ad wh eo 


ad 


) and H)(_ )) 











Assuming that the reaction goes to completion, draw a 


- representation of the product mixture. Explain how you 


arrived at this representation. 


. For the preceding question, which of the following equa- 


tions best represents the reaction? 
a. 6N, + 6H, — 4NH; + 4N) 
b. N> ae H, = NH; 

ec Ne 3H = NEG 

d. N, + 3H, — 2NH; 

e. 2N> ate 6H, > 4NH; 


Justify your choice. For those you did not choose, explain 
why they are incorrect. 


. You know that chemical A reacts with chemical B. You 


react 10.0 g A with 10.0 g B. What information do you 
need to have to determine the amount of product that will 
be produced? Explain. 


. A kerosene lamp has a mass of 1.5 kg. You put 0.5 kg of 


kerosene in the lamp. You burn all the kerosene until the 
lamp has a mass of 1.5 kg. What is the mass of the gases 
that are given off? Explain. 


. Consider an iron bar on a balance as shown. 





As the iron bar rusts, which of the following is true? Ex- 
plain your answer. 

a. The balance will read less than 75.0 g. 

b. The balance will read 75.0 g. 


c. The balance will read greater than 75.0 g. 

d. The balance will read greater than 75.0 g, but if the 
bar is removed, the rust scraped off, and the bar 
replaced, the balance will read 75.0 g. 


10. You may have noticed that water sometimes drips from 
an exhaust pipe of a car as it is running. Is this evidence 
that there is at least a small amount of water originally 
present in the gasoline? Explain. 


Questions 11 and 12 deal with the following situation: You 
react chemical A with chemical B to make one product. It 
takes 100 g of A to react completely with 20 g B. 


11. What is the mass of the product? 
a. less than 20 g 
b. between 20 and 100 g 
c. between 100 and 120 g 


12. What is true about the chemical properties of the product? 
a. The properties are more like those of chemical A. 
b. The properties are more like those of chemical B. 
c. The properties are an average of those of chemical A 
and chemical B. 
d. The properties are not necessarily like those of either 
chemical A or chemical B. 


d. exactly 120 g 
e. more than 120 g 


Justify your choice. For those you did not choose, explain 
why they are incorrect. 


13. What is the difference between the empirical and molec- 
ular formulas of a compound? Can they ever be the same? 
Explain. 


14. Atoms of three different elements are represented by O, 
CJ, and A. Which compound is left over when three mol- 
ecules of OA and three molecules of (JLJA react to form 
OLA and OAA? 


15. One way of determining the empirical formula is to burn 
a compound in air and weigh the amounts of carbon diox- 
ide and water given off. For what types of compounds 
does this work? Explain the assumptions that are made. 
Why is the formula an empirical formula and not neces- 
sarily a molecular formula? 





16. In chemistry, what is meant by the term mole? What is the 
importance of the mole concept? 


17, Which (if any) of the following is true regarding the limit- 

ing reactant in a chemical reaction? 

a. The limiting reactant has the lowest coefficient in a 
balanced equation. 

b. The limiting reactant is the reactant for which you 
have the fewest number of moles. 

c. The limiting reactant has the lowest ratio of moles 
available/coefficient in the balanced equation. 

d. The limiting reactant has the lowest ratio of coeffi- 
cient in the balanced equation/moles available. 


Justify your choice. For those you did not choose, explain 
why they are incorrect. 


18. Consider the equation 3A +B + C+D. You react 4 
moles of A with 2 moles of B. Which of the following is 
true? 

a. The limiting reactant is the one with the higher molar 
mass. 

b. A is the limiting reactant because you need 6 moles of 
A and have 4 moles. 
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c. Bis the limiting reactant because you have fewer 
moles of B than A. 

d. B is the limiting reactant because three A molecules 
react with each B molecule. 

e. Neither reactant is limiting. 


Justify your choice. For those you did not choose, explain 


why they are incorrect. 


Chlorine exists mainly as two isotopes, >7Cl and 35Cl. 
Which is more abundant? How do you know? 


Exercises 
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Exercises 85 


According to the law of conservation of mass, mass can- 
not be gained or destroyed in a chemical reaction. Why 
can’t you simply add the masses of two reactants to deter- 
mine the total mass of product? 

The atomic mass of boron (B) is given in the periodic table 
as 10.81, yet no single atom of boron has a mass of 10.81 
amu. Explain. 


Why is the actual yield of a reaction often less than the 
theoretical yield? 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Atomic Masses and the Mass Spectrometer 


23% 


24. 


i) 
nH 


PSY, 


An element X has five major isotopes, which are listed 
below along with their abundances. Calculate the average 
atomic mass, and identify the element. 








Isotope Percent Natural Abundance Mass (amu) 
3) 8.00 45.95269 
ox WB, 46.951764 
oS 73.80 47.947947 
ae §.50 48.947841 
4 5.40 49.944792 


The stable isotopes of iron are **Fe, °°Fe, *7Fe, and °*Fe. 
The mass spectrum of iron looks like the following: 


~ 100 91.75 
5 f See COTTE OY Le 7737) 
s 80 i Re. ee te coe 
a) Ae DR a an a 
2 60 - 
= . ; PE) PEI 
= 40 — 
o ic. t ts Lae, bess OT U 
A 
3 20 ‘ ee A 
ce ae? 2112 0.28 

O = -_ 

54 Don 57s 38 


Mass number 


Use the data on the mass spectrum to estimate the average 
atomic mass of iron and compare it with the value given 
in the table inside the front cover of this book. 


_ The element silver (Ag) has two naturally occurring iso- 


topes: !°?Ag and !°7Ag with a mass of 106.905 amu. Silver 
consists of 51.82% !°7Ag and has an average atomic mass 
of 107.868 amu. Calculate the mass of !”Ag. 


The element europium exists in nature as two isotopes: 
1SIBy has a mass of 150.9196 amu, and '3Eu has a mass 


28. 


30. 


of 152.9209 amu. The average atomic mass of europium 
is 151.96 amu. Calculate the relative abundance of the 
two europium isotopes. 


’. The element rhenium (Re) has two naturally occurring iso- 


topes, Re and !8’Re, with an average atomic mass of 
186.207 amu. Rhenium is 62.60% !87Re, and the atomic 
mass of !8’Re is 186.956 amu. Calculate the mass of !®Re. 
An element consists of 1.40% of an isotope with mass 
203.973 amu, 24.10% of an isotope with mass 205.9745 
amu, 22.10% of an isotope with mass 206.9759 amu, and 
52.40% of an isotope with mass 207.9766 amu. Calcu- 
late the average atomic mass and identify the element. 


. The mass spectrum of bromine (Br2) consists of three 


peaks with the following relative sizes: 


Mass (amu) Relative Size 


157.84 0.2534 
159.84 0.5000 
161.84 0.2466 


How do you interpret these data? 


Naturally occurring tellurium (Te) has the following iso- 
topic abundances: 


Isotope Abundance Mass (amu) 
120Te 0.09% NOME 
ete 2.46% 121.90 
123Te 0.87% 122ES 0) 
VATe 4.61% 123.90 
125Te 6.99% 124.90 
ooh he 18.71% 125.90 
128Te 31.79% 127.90 
130Te 34.48% IDO 


Draw the mass spectrum of H)Te, assuming that the only 
hydrogen isotope present is 'H (mass 1.008). 


. Gallium arsenide (GaAs) has gained widespread use in 


semiconductor devices that interconvert light and electrical 
signals in fiber-optic communications systems. Gallium 
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consists of 60.% °’Ga and 40.% 7!Ga. Arsenic has only one 
naturally occurring isotope, As. Gallium arsenide is a 
polymeric material, but its mass spectrum shows fragments 
with formulas GaAs and Ga)As). What would the distribu- 
tion of peaks look like for these two fragments? 


Moles and Molar Masses 


32. Ascorbic acid, or vitamin C (CsHgQ¢), is an essential vita- 
min. It cannot be stored by the body and must be present in 
the diet. What is the molar mass of ascorbic acid? Vitamin C 
tablets are taken as a dietary supplement. If a typical tablet 
contains 500.0 mg vitamin C, what amount (moles) and 
what number of molecules of vitamin C does it contain? 


33. The molecular formula of acetylsalicylic acid (aspirin), 
one of the most commonly used pain relievers, is CoHgOx. 

a. Calculate the molar mass of aspirin. 

b. A typical aspirin tablet contains 500. mg Cy>HgO4. 
What amount (moles) of CpHsO4 molecules and what 
number of molecules of acetylsalicylic acid are in a 
500.-mg tablet? 


34. Complete the following table. 





Total 
Mass of Moles of Molecules Atoms in 
Sample Sample in Sample Sample 
4.24 g C;H¢ 
0.224 mol 
H,O 
2.71. 10% 
molecules CO 
S.3o ee 1022 
total atoms 
in CH;0H 
sample 


35. What amount (moles) is represented by each of these 
samples? 
a. 20.0 mg caffeine, CsHigN4O2 
b. 2.72 X 102! molecules of ethanol, C)H;OH 
c. 1.50 g of dry ice, CO, 


36. How many atoms of nitrogen are present in 5.00 g of each 
of the following? 
a. glycine, C,HsO.N_ c. calcium nitrate 
b. magnesium nitride d. dinitrogen tetroxide 


37. Consider the following gas samples: 4.0 g of hydrogen gas, 
4.0 g of helium gas, 1.0 mole of fluorine gas, 44.0 g of 
carbon dioxide gas, and 146 g of sulfur hexafluoride gas. 
Arrange the gas samples in order of increasing number of 
total atoms present. 


38. Aspartame is an artificial sweetener that is 160 times 
sweeter than sucrose (table sugar) when dissolved in wa- 
ter. It is marketed as NutraSweet. The molecular formula 
of aspartame is Cy4H)gN)Os. 

a. Calculate the molar mass of aspartame. 

b. How many moles of molecules are in 10.0 g of 
aspartame? 

c. What is the mass in grams of 1.56 moles of aspartame? 


Sy) 
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d. How many molecules are in 5.0 mg of aspartame? 

. How many atoms of nitrogen are in 1.2 g of aspartame? 

f, What is the mass in grams of 1.0 X 10? molecules of 
aspartame? 

g. What is the mass in grams of one molecule of aspartame? 


Chloral hydrate (C)H3C1;O2) is a drug formerly used as a 

sedative and hypnotic. It is the compound used to make 

“Mickey Finns” in detective stories. 

a. Calculate the molar mass of chloral hydrate. 

b. How many moles of C,;H3Cl;02 molecules are in 
500.0 g of chloral hydrate? 

c. What is the mass in grams of 2.0 X 10~* mol chloral 
hydrate? 

d. How many chlorine atoms are in 5.0 g chloral hydrate? 

e. What mass of chloral hydrate would contain 1.0 g Cl? 

f. What is the mass of exactly 500 molecules of chloral 
hydrate? 


oO 


In the spring of 1984, concern arose over the presence of 
ethylene dibromide, or EDB, in grains and cereals. EDB 
has the molecular formula C,H,Br> and until 1984 was 
commonly used as a plant fumigant. The federal limit for 
EDB in finished cereal products is 30.0 parts per billion 
(ppb), where 1.0 ppb = 1.0 x 10~? g of EDB for every 
1.0 g of sample. How many molecules of EDB are in 
1.0 lb of flour if 30.0 ppb of EDB is present? 


Percent Composition 
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Anabolic steroids are performance enhancement drugs 
whose use has been banned from most major sporting 
activities. One anabolic steroid is fluoxymesterone 
(CyoH29FO3). Calculate the percent composition by mass 
of fluoxymesterone. 


Calculate the percent composition by mass of the follow- 

ing compounds that are important starting materials for 

synthetic polymers: 

a. C3H4Q> (acrylic acid, from which acrylic plastics are 
made) 

b. C4H¢O> (methyl acrylate, from which Plexiglas is made) 

c. C3H3N (acrylonitrile, from which Orlon is made) 


In 1987 the first substance to act as a superconductor at a 
temperature above that of liquid nitrogen (77 K) was dis- 
covered. The approximate formula of this substance is 
YBazCu307. Calculate the percent composition by mass 
of this material. 


Arrange the following substances in order of increasing 
mass percent of carbon. 
a. caffeine, CgH,j)N4O, 
b. sucrose, Cy2H>.0j; 


c. ethanol, C,H;0H 


. The percent by mass of nitrogen for a compound is found 


to be 46.7%. Which of the following could be this species? 


ae 


Vitamin B,, cyanocobalamin, is essential for human nutri- 
tion. It is concentrated in animal tissue but not in higher 


plants. Although nutritional requirements for the vitamin 
are quite low, people who abstain completely from animal 
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products may develop a deficiency anemia. Cyanocobala- 
min is the form used in vitamin supplements. It contains 
4.34% cobalt by mass. Calculate the molar mass of cyano- 
cobalamin, assuming that there is one atom of cobalt in 
every molecule of cyanocobalamin. 


. Fungal laccase, a blue protein found in wood-rotting fun- 


gi, is 0.390% Cu by mass. If a fungal laccase molecule 
contains four copper atoms, what is the molar mass of 
fungal laccase? 


Portland cement acts as the binding agent in concrete. A 
typical Portland cement has the following composition: 





Formula Name Mass Percent 
Ca3Si105 Tricalcium silicate 50. 
CaySiO, Dicalcium silicate BS 
Ca3Ab0¢ Tricalcium aluminate 1 
Ca>AlFeO, Calcium aluminoferrite 8.0 
CaSO, - 2H,O Calcium sulfate dihydrate 3.5 
Other substances, ile) 


mostly MgO 


Assuming that the impurities contain no Ca, Al, or Fe, 
calculate the mass percent of these elements in this Port- 
land cement. 


Empirical and Molecular Formulas 


49. Express the composition of each of the following com- 


pounds as the mass percent of its elements. 

a. formaldehyde, CH,O c. acetic acid, HC,H30, 
b. glucose, C6H120¢ 

Considering your answers, which type of formula— 


empirical or molecular—can be obtained from elemental 
analysis that gives mass percent composition? Explain. 


50. Give the empirical formula of each of these compounds. 
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. Determine the molecular formulas to which the following 


empirical formulas and molar masses pertain. 
a. SNH (188.35 g/mol) 

b. NPC, (347.64 g/mol) 

c. CoC4O4 (341.94 g/mol) 

d. SN (184.32 g/mol) 


A sample of urea contains 1.121 g N, 0.161 g H, 0.480 g 
C, and 0.640 g O. What is the empirical formula of urea? 


. There are two binary compounds of mercury and oxygen. 


Heating either of them results in the decomposition of the 
compound, with oxygen gas escaping into the atmosphere 
while leaving a residue of pure mercury. Heating 0.6498 g 
of one of the compounds leaves a residue of 0.6018 g. 
Heating 0.4172 g of the other compound results in a mass 
loss of 0.016 g. Determine the empirical formula of each 
compound. 


The compound adrenaline contains 56.79% C, 6.56% H, 
28.37% O, and 8.28% N by mass. What is the empirical 
formula of adrenaline? 


. Acompound contains only carbon, hydrogen, nitrogen, 


and oxygen. Combustion of 0.157 g of the compound 
produced 0.213 g of CO; and 0.0310 g of HO. In an- 
other experiment, 0.103 g of the compound produced 
0.0230 g of NH3. What is the empirical formula of the 
compound? Hint: Combustion involves reacting with 
excess O,. Assume that all the carbon ends up in CO, 
and all the hydrogen ends up in H2O. Also assume that 
all the nitrogen ends up in the NH; in the second 
experiment. 

Maleic acid is an organic compound composed of 41.39% 
C, 3.47% H, and the rest oxygen. If 0.129 mole of maleic 
acid has a mass of 15.0 g, what are the empirical and mo- 
lecular formulas of maleic acid? 


. Determine the molecular formula of a compound that con- 


tains 26.7% P, 12.1% N, and 61.2% Cl, and has a molar 
mass of 580 g/mol. 


Terephthalic acid is an important chemical used in the 
manufacture of polyesters and plasticizers. It contains 
only C, H, and O. Combustion of 19.81 mg terephthalic 
acid produces 41.98 mg CO, and 6.45 mg HO. If 0.250 
mole of terephthalic acid has a mass of 41.5 g, determine 
the molecular formula of terephthalic acid. 


A compound contains only carbon, hydrogen, and oxy- 
gen. Combustion of 10.68 mg of the compound yields 
16.01 mg CO, and 4.37 mg H;O. The molar mass of the 
compound is 176.1 g/mol. What are the empirical and 
molecular formulas of the compound? 


ABS plastic is a tough, hard plastic used in applications 

requiring shock resistance. (See Chapter 21.) The polymer 

consists of three monomer units: acrylonitrile (C;H3N), 
butadiene (C4H,), and styrene (CsHs). 

a. A sample of ABS plastic contains 8.80% N by mass. It 
took 0.605 g of Br) to react completely with a 1.20-g 
sample of ABS plastic. Bromine reacts 1:1 (by moles) 
with the butadiene molecules in the polymer and 
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nothing else. What is the percent by mass of acryloni- 
trile and butadiene in this polymer? 

b. What are the relative numbers of each of the mono- 
mer units in this polymer? 


Balancing Chemical Equations 
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The reaction of an element X with element Y is repre- 
sented in the following diagram. Which of the equations 
best describes this reaction? 


@ x 
 ) @ y 








a. 3X + 8Y > X3Y¢8 

b. 3X + 6Y > X3Y6 

C XG Ze > XY> 

Gl, SX se BYE SS SOG ae PvE 


Silicon is produced for the chemical and electronics indus- 
tries by the following reactions. Give the balanced equa- 
tion for each reaction. 

: Electric 
ae 1 ©) ((S) eta @1(S) labs 


Sin(s) + CO(g) 

are furnace 

b. Silicon tetrachloride is reacted with very pure 
magnesium, producing silicon and magnesium 


chloride. 
c. NajSiF,(s) + Na(s) —= Si(s) + NaF(s) 


‘Give the balanced equation for each of the following 


chemical reactions. 

a. Glucose (Cg6H,2O¢) reacts with oxygen gas to produce 
gaseous carbon dioxide and water vapor. 

b. Solid iron(II) sulfide reacts with gaseous hydrogen 
chloride to form solid iron(II) chloride and hydrogen 
sulfide gas. 

c. Carbon disulfide liquid reacts with ammonia gas to 
produce hydrogen sulfide gas and solid ammonium 
thiocyanate (NH,SCN). 


Give the balanced equation for each of the following. 

a. The combustion of ethanol (C)H;OH) forms carbon 
dioxide and water vapor. A combustion reaction refers 
to a reaction of a substance with oxygen gas. 

b. Aqueous solutions of lead(II) nitrate and sodium 
phosphate are mixed, resulting in the precipitate 
formation of lead(II) phosphate with aqueous sodium 
nitrate as the other product. 


Balance the following equations. 
a. Cr(s) + Se(s) ——> Cr2S3(s) 
b. NaHCO3(s) “+ NasCO,(s) + CO.(g) + H,O(g) 


Heat 


c. KCIO3(s) ——> KCl(s) + O2(g) 

d. Eu(s) + HF(g) ——> EuF;3(s) + H:(g) 

e. CeH¢(!) + O2(g) ——> CO2(g) + H2O(g) 

Balance each of the following chemical equations. 

a. KOz(s) + H,O(!) > KOH(aq) + O2(g) + H2O2(aq) 
b. Fe,O3(s) + HNO3(aq) > Fe(NO3)3(aq) + H2O(/) 


_ NH;(g) + O2(g) > NO(g) + H2O(e) 
. PCI;(/) + H,O(l) > H3PO.4(aq) + HCI(g) 
. CaO(s) + C(s) > CaC,(s) + COr(g) 

. MoS(s) + O2(g) ~ MoO3(s) + SO2(g) 

, FeCO;(s) aia H,CO3(aq) ae Fe(HCQO3)2(aq) 


ae wnoan 


Reaction Stoichiometry 
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The reusable booster rockets of the U.S. space shuttle use 
a mixture of aluminum and ammonium perchlorate for 
fuel. A possible equation for this reaction is 


3Al(s) + 3NH4C1O4(s) 
== Al,O;(s) fr AICl,(s) = 3NO(g) ZG 6H,O(g) 


What mass of NH4ClO, should be used in the fuel mix- 
ture for every kilogram of Al? 


Nitric acid is produced commercially by the Ostwald pro- 
cess. The three steps of the Ostwald process are shown in 
the following equations: 


4NH3(g) + 5SO2(g) —> 4NO(g) + 6H2O0(g) 
2NO(g) + O2(g) —> 2NOz(g) 


What mass of NH; must be used to produce 1.0 X 10° kg 
of HNO; by the Ostwald process, assuming 100% yield 
in each reaction and assuming the NO produced in the 
third stage is not recycled? 


Over the years, the thermite reaction has been used for 
welding railroad rails, in incendiary bombs, and to ignite 
solid-fuel rocket motors. The reaction is 


Fe,O3(s) ai 2Al(s) == 2Fe(/) ae ALO3(s) 


What masses of iron(II) oxide and aluminum must be 
used to produce 15.0 g of iron? What is the maximum 
mass of aluminum oxide that could be produced? 


The reaction between potassium chlorate and red phos- 
phorus takes place when you strike a match on a match- 
box. If you were to react 52.9 g of potassium chlorate 
(KCIO3) with excess red phosphorus, what mass of tetra- 
phosphorus decoxide (P4049) could be produced? 


KCI1O3(s) + P4(s) —> P4Ojo(s) + KCI(s) (unbalanced) 


7\. The space shuttle environmental control system handles 


excess CO) (which the astronauts breathe out; it is 4.0% 
by mass of exhaled air) by reacting it with lithium hydrox- 
ide (LiOH) pellets to form lithium carbonate (LixCO3) 
and water. If there are seven astronauts on board the shut- 
tle, and each exhales 20. L of air per minute, how long 
could clean air be generated if there were 25,000 g of 
LiOH pellets available for each shuttle mission? Assume 
the density of air is 0.0010 g/mL. 


Bacterial digestion is an economical method of sewage 
treatment. The reaction 


5COn(g) + 5SNH4*(aq) + 7602(g) Batis, 
CsH;ON(s) + 54NO3"(aq) + 52H,O(I) + 109H*(aq) 
Bacterial tissue 


is an intermediate step in the conversion of the nitrogen in 
organic compounds into nitrate ions. How much bacterial 
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tissue is produced in a treatment plant for every 1.0 x 10¢ 
kg of wastewater containing 3.0% NHy,* ions by mass? 
Assume that 95% of the ammonium ions are consumed 
by the bacteria. 


. Phosphorus can be prepared from calcium phosphate by 


the following reaction: 


2Ca3(PO4)2(s) + 6SiO2(s) + 10C(s) 

—> 6CaS103(s) + Py(s) + 10CO(g) 
Phosphorite is a mineral that contains Ca3(PO4)) plus 
other non-phosphorus-containing compounds. What is 
the maximum amount of P, that can be produced from 
1.0 kg of phosphorite if the phosphorite sample is 75% 
Ca3(PO4)2 by mass? Assume an excess of the other 
reactants. 


In the production of printed circuit boards for the elec- 
tronics industry, a 0.60-mm layer of copper is laminated 
onto an insulating plastic board. Next, a circuit pattern 
made of a chemically resistant polymer is printed on the 
board. The unwanted copper is removed by chemical 
etching and the protective polymer is finally removed by 
solvents. One etching reaction is 


Cu(NH3)4Cl,(aq) + 4NH3(aq) + Cu(s) 


2Cu(NH3)4Cl(aq) 


A plant needs to manufacture 10,000 printed circuit 
boards, each 8.0 X 16.0 cm in area. An average of 80.% 
of the copper is removed from each board (density of 
copper = 8.96 g/cm?). What masses of Cu(NH3)4Cl, and 
NH; are needed to do this? Assume 100% yield. 


Limiting Reactants and Percent Yield 
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Consider the reaction between NO(g) and O,(g) repre- 
sented below. 


@ oO, 
W no 
GBN0, 








What is the balanced equation for this reaction and what 
is the limiting reactant? 
Consider the following reaction: 

4NH3(g) + 5O2(g) —> 4NO(g) + 6H20(g) 
If a container were to have 10 molecules of O2 and 10 
molecules of NH; initially, how many total molecules (re- 
actants plus products) would be present in the container 
after this reaction goes to completion? 


. Hydrogen peroxide is used as a cleaning agent in the treat- 


ment of cuts and abrasions for several reasons. It is an 
oxidizing agent that can directly kill many microorgan- 
isms; it decomposes upon contact with blood, releasing 
elemental oxygen gas (which inhibits the growth of an- 
aerobic microorganisms); and it foams upon contact with 
blood, which provides a cleansing action. In the labora- 
tory, small quantities of hydrogen peroxide can be pre- 
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pared by the action of an acid on an alkaline earth metal 
peroxide, such as barium peroxide: 


BaOy(s) + 2HCI(aq) —> H2O,(aq) + BaCl,(aq) 


What amount of hydrogen peroxide should result when 
1.50 g of barium peroxide is treated with 25.0 mL of hy- 
drochloric acid solution containing 0.0272 g of HCl per 
mL? What mass of which reagent is left unreacted? 


Silver sulfadiazine burn-treating cream creates a barrier 
against bacterial invasion and releases antimicrobial 
agents directly into the wound. If 25.0 g of Ag»O is re- 
acted with 50.0 g of CyoHip9N4SO2, what mass of silver 
sulfadiazine (AgCjy)H yN4SO 2) can be produced, assuming 
100% yield? 


Ag)O(s) an 2CioHi9N4SO>(s) ==> 2AgCioHoN4SO (s) af H,O(/) 
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Bornite (Cu3FeS;) is a copper ore used in the production of 
copper. When heated, the following reaction occurs: 


2Cu3FeS3(s) + 702(g) —> 6Cu(s) + 2FeO(s) + 6SO2(g) 


If 2.50 metric tons of bornite is reacted with excess O, 
and the process has an 86.3% yield of copper, how much 
copper is produced? 


DDT, an insecticide harmful to fish, birds, and humans, is 
produced by the following reaction: 
2C,H;Cl IF C,HOCI, === Cy4HoCl, ate H,O 


Chlorobenzene Chloral DDT 


In a government lab, 1142 g of chlorobenzene is reacted 

with 485 g of chloral. 

a. What mass of DDT is formed, assuming 100% yield? 

b. Which reactant is limiting? Which is in excess? 

c. What mass of the excess reactant is left over? 

d. If the actual yield of DDT is 200.0 g, what is the 
percent yield? 


. Hydrogen cyanide is produced industrially from the reac- 


tion of gaseous ammonia, oxygen, and methane: 
2NH3(g) + 302(g) + 2CH4(g) —> 2HCN(g) + 6H2O(g) 


If 5.00 X 10° kg each of NH3, O2, and CH, are reacted, 
what mass of HCN and of HO will be produced, assum- 
ing 100% yield? 

The production capacity for acrylonitrile (C;H3N) in the 

United States exceeds 2 million pounds per year. Acrylo- 

nitrile, the building block for polyacrylonitrile fibers and 

a variety of plastics, is produced from gaseous propylene, 

ammonia, and oxygen: 

2C3H¢(g) + 2NH3(g) + 3O2(g) 

a. What mass of acrylonitrile can be produced from a 
mixture of 1.00 kg of propylene (C3Hg), 1.50 kg of 
ammonia, and 2.00 kg of oxygen, assuming 100% 
yield? 

b. What mass of water is produced, and what masses of 
which starting materials are left in excess? 


Consider the following unbalanced reaction: 
P,(s) + Fo(g) — PF3(g) 


How many grams of F) are needed to produce 120. g of 
PF; if the reaction has a 78.1% yield? 
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84. The aspirin substitute acetaminophen (CgH QO N) is pro- 


duced by the following three-step synthesis: 
I. CsH;503N(s) = 3Ha(g) a HCl(aq) 
Se CsHsONCl(s) = 2H,0(/) 
II. CsHsONCI(s) + NaOH(aq) 
—>» C,H7,ON(s) + H,O(/) + NaCl(aq) 
Il. C;,H7ON(s) + C4H,O3(/) 
=o CgsH,O2N(s) a HC;H;0,(/) 


Additional Exercises 


The first two reactions have percent yields of 87% and 

98% by mass, respectively. The overall reaction yields 

3 moles of acetaminophen product for every 4 moles of 

C,H;03N reacted. 

a. What is the percent yield by mass for the overall 
process? 

b. What is the percent yield by mass of step III? 
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A sample of a hydrocarbon (a compound consisting of 
only carbon and hydrogen) contains 2.59 X 1073 atoms of 
hydrogen and is 17.3% hydrogen by mass. If the molar 
mass of the hydrocarbon is between 55 and 65 g/mol, 
how many moles of compound are present, and what is 
the mass of the sample? 


A binary compound created by the reaction of an un- 
known element E and hydrogen contains 91.27% E and 
8.73% H by mass. If the formula of the compound is 
E3Hg, calculate the atomic mass of E. 


An ionic compound MX; is prepared according to the fol- 
lowing unbalanced chemical equation: 


M+ X, —> MX; 


A 0.105-g sample of Xj contains 8.92 xX 107° molecules. 
The compound MX; consists of 54.47% X by mass. What 
are the identities of M and X, and what is the correct 
name for MX;3? Starting with 1.00 g each of M and X, 
what mass of MX; can be prepared? 


The empirical formula of styrene is CH; the molar mass of 
styrene is 104.14 g/mol. How many H atoms are present 
in a 2.00-g sample of styrene? 


A 0.755-g sample of hydrated copper(II) sulfate 
(CuSO, + xH2O) was heated carefully until it had changed 
completely to anhydrous copper(II) sulfate (CuSO4) with 
a mass of 0.483 g. Determine the value of x. [This number 
is called the “number of waters of hydration” of copper(II) 
sulfate. It specifies the number of water molecules per for- 
mula unit of CuSO, in the hydrated crystal.| 


Many cereals are made with high moisture content so that 
the cereal can be formed into various shapes before it is 
dried. A cereal product containing 58% HO by mass is 
produced at the rate of 1000. kg/h. How much water 
must be evaporated per hour if the final product contains 
only 20.% water? 


When aluminum metal is heated with an element from 
Group 6A of the periodic table, an ionic compound forms. 
When the experiment is performed with an unknown 
Group 6A element, the product is 18.56% Al by mass. 
What is the formula of the compound? 


A salt contains only barium and one of the halide ions. A 
0.158-g sample of the salt was dissolved in water, and an 
excess of sulfuric acid was added to form barium sulfate 
(BaSO,4), which was filtered, dried, and weighed. Its mass 
was found to be 0.124 g. What is the formula of the bari- 
um halide? 


Be 
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A sample of LSD (p-lysergic acid diethylamide, 
C4H30N30) is added to some table salt (sodium chloride) 
to form a mixture. Given that a 1.00-g sample of the mix- 
ture undergoes combustion to produce 1.20 g of CO, 
what is the mass percentage of LSD in the mixture? 


Consider the following unbalanced equation: 

Ca3(PO4)2(s) + H2SO4(aq) —> CaSO,(s) + H3PO,(aq) 
What masses of calcium sulfate and phosphoric acid can 
be produced from the reaction of 1.0 kg of calcium phos- 


phate with 1.0 kg of concentrated sulfuric acid (98% 
H,SO, by mass)? 


5. A 0.4230-g sample of impure sodium nitrate was heated, 


converting all the sodium nitrate to 0.2864 g of sodium 
nitrite and oxygen gas. Determine the percent of sodium 
nitrate in the original sample. 


You have seven closed containers, each with equal 
masses of chlorine gas (Cl,). You add 10.0 g of sodium to 
the first sample, 20.0 g of sodium to the second sample, 
and so on (adding 70.0 g of sodium to the seventh sam- 
ple). Sodium and chlorine react to form sodium chloride 
according to the equation 


2Na(s) + Cl(g) —> 2NaCl(s) 
After each reaction is complete, you collect and measure 


the amount of sodium chloride formed. A graph of your 
results is shown below. 


Mass of NaCl (g) 





Poem 
0 20 40 60 80 
Mass of Sodium (g) 

Anwer the following questions: 

a. Explain the shape of the graph. 

b. Calculate the mass of NaCl formed when 20.0 g of 
sodium is used. 

c. Calculate the mass of Cl, in each container. 

d. Calculate the mass of NaCl formed when 50.0 g of 
sodium is used. 

e. Identify the leftover reactant and determine its mass 
for parts b and d. 
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An iron ore sample contains Fe)O3 plus other impurities. 
A 752-g sample of impure iron ore is heated with excess 
carbon, producing 453 g of pure iron by the following 
reaction: 


Fe,O3(s) + 3C(s) —~> 2Fe(s) + 3CO(g) 


What is the mass percent of Fe) in the impure iron ore 
sample? Assume that FeO; is the only source of iron 
and that the reaction is 100% efficient. 


In using a mass spectrometer, a chemist sees a peak at a 
mass of 30.0106. Of the choices !2C,'!H,, !2C1H,!6O, 
and '*N!°O, which is responsible for this peak? Pertinent 
masses are 'H, 1.007825; '°O, 15.994915; and 14N, 
14.003074. 


Natural rubidium has the average mass 85.4678 amu 
and is composed of isotopes **Rb (mass = 84.9117 amu) 
and *’Rb. The ratio of atoms *Rb/*’Rb in natural ru- 
bidium is 2.591. Calculate the mass of *’Rb. 


Tetrodotoxin is a toxic chemical found in fugu pufferfish, 
a popular but rare delicacy in Japan. This compound has 
an LDs9 (the amount of substance that is lethal to 50.% 
of a population sample) of 10. wg per kg of body mass. 
Tetrodotoxin is 41.38% carbon by mass, 13.16% nitro- 
gen by mass, and 5.37% hydrogen by mass, with the re- 
maining amount consisting of oxygen. What is the em- 
pirical formula of tetrodotoxin? If three molecules of 
tetrodotoxin have a mass of 1.59 X 10-7! g, what is the 
molecular formula of tetrodotoxin? What number of 
molecules of tetrodotoxin would be the LDso dosage for 
a person weighing 165 |b? 


Consider the following data for three binary compounds 
of hydrogen and nitrogen: 


% H (by Mass) % N (by Mass) 





I L775 S22) 
I 12.358 87.42 
Ul 2.34 97.66 
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When 1.00 L of each gaseous compound is decomposed 
to its elements, the following volumes of H2(g) and N>(g) 
are obtained: 





H2(L) Np (L) 
Tea 0550) 
Tenet 00a. Bacl-O0 
Osi dike 


Use these data to determine the molecular formulas of 
compounds I, Il, and II and to determine the relative 
values for the atomic masses of hydrogen and nitrogen. 


A 0.200-g sample of protactinium(IV) oxide is converted 
to another oxide of protactinium by heating in the pres- 
ence of oxygen to give 0.2081 g of the new oxide, Pa,O,. 
Determine the values of x and y. 


A 1.000-g sample of XI, is dissolved in water, and excess 
silver nitrate is added to precipitate all of the iodide as 
Agl. The mass of the dry AglI is found to be 1.375 g. 
Calculate the atomic weight (mass) of X. 


A substance XZ has the composition (by mass) of 
40.0% X and 60.0% Z. What is the composition (by 
mass) of the compound XZ? 


Vitamin A has a molar mass of 286.4 g and has a gen- 
eral molecular formula of C,H,E, where E is an un- 
known element. If vitamin A is 83.86% C and 10.56% H 
by mass, what is the molecular formula of vitamin A? 


Boron consists of two isotopes, '°B and !'B. Chlorine 
also has two isotopes, *°Cl and 3’Cl. Consider the mass 
spectrum of BCl;. How many peaks would be present, 
and what approximate mass would each peak corre- 
spond to in the BC]; mass spectrum? 





107. 


In a mass spectrometer, positive ions are produced when 
a gaseous mixture is ionized by electron bombardment 
produced by an electric discharge. When the electric- 
discharge voltage is low, singly positive ions are pro- 
duced and the following peaks are observed in the mass 
spectrum: 





Mass (amu) Relative Intensity 
32 0.3743 
34 0.0015 
40 1.0000 


When the electric discharge is increased, still only singly 
charged ions are produced, but now the peaks observed 
in the mass spectrum are 





Mass (amu) Relative Intensity 
16 0.7500 
18 0.0015 
40 1.0000 


What does the gas mixture consist of, and what is the 
percent composition by isotope of the mixture? 


108. When the supply of oxygen is limited, iron metal reacts 


with oxygen to produce a mixture of FeO and Fe7O3. In 
a certain experiment, 20.00 g of iron metal was reacted 
with 11.20 g of oxygen gas. After the experiment, the 
iron was totally consumed and 3.24 g of oxygen gas re- 
mained. Calculate the amounts of FeO and Fe,O 3 formed 
in this experiment. 
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Element X forms both a dichloride (XCl,) and a tetra- 
chloride (XCl,). Treatment of 10.00 g of XCl, with 
excess chlorine forms 12.55 g of XCl,. Calculate the 
atomic weight (mass) of X and identify X. 


Zinc and magnesium metal each react with hydrochloric 
acid to make chloride salts of the respective metals and 
hydrogen gas. A 10.00-g mixture of zinc and magnesium 
produces 0.5171 g of hydrogen gas upon being mixed 
with an excess of hydrochloric acid. Determine the per- 
cent magnesium by mass in the original mixture. 


An unknown binary compound containing hydrogen 
(XH,,) has a density as a gas that is 2.393 times that of 
oxygen gas under the same conditions. When 2.23 x 
10° mole of this compound reacts with excess oxygen 
gas, 0.803 g of water is produced. Identify the element X 
in this compound. 


A 2.25-g sample of scandium metal is reacted with ex- 
cess hydrochloric acid to produce 0.1502 g hydrogen 
gas. What is the formula of the scandium chloride pro- 
duced in the reaction? 


When M,S;(s) is heated in air, it is converted to MO,(s). 
A 4.000-g sample of M,S3(s) shows a decrease in mass of 
0.277 g when it is heated in air. What is the average 
atomic mass of M? 


Consider a gaseous binary compound with a molar mass 
of 62.09 g/mol. When 1.39 g of this compound is com- 
pletely burned in excess oxygen, 1.21 g of water is 
formed. Determine the formula of the compound. 


Pure carbon was burned in an excess of oxygen. The gas- 
eous products were 


CO, 72.0 mol% 
E® 16.0 mol% 
O, 12.0 mol% 


How many moles of O) were present in the initial reac- 
tion mixture for every mole of carbon? 


You take 1.00 g of an aspirin tablet (a compound con- 
sisting solely of carbon, hydrogen, and oxygen), burn it 
in air, and collect 2.20 g CO, and 0.400 g HO. You 


Marathon Problems* 


118. 


120. 


2. 


know that the molar mass of aspirin is between 170 and 
190 g/mol. Reacting 1 mole of salicylic acid with 1 mole 
of acetic anhydride (C4HsO3) gives you 1 mole of aspirin 
and 1 mole of acetic acid (C)H,O2). Use this information 
to determine the molecular formula of salicylic acid. 


7. Lanthanum was reacted with hydrogen in a given ex- 


periment to produce the nonstoichiometric compound 
LaH)o. Assuming that the compound contains H, 
La?*, and La?*, calculate the fraction of La?*and La?* 
present. 


A 9.780-g gaseous mixture contains ethane (C,H,) and 
propane (C3Hg). Complete combustion to form carbon di- 
oxide and water requires 1.120 moles of oxygen gas. Cal- 
culate the mass percent of ethane in the original mixture. 


. Consider a mixture of potassium chloride and potassium 


nitrate that is 43.2% potassium by mass. What is the 
percent KCI by mass of the original mixture? 


A 2.077-g sample of an element, which has an atomic 
mass between 40 and 55, reacts with oxygen to form 
3.708 g of an oxide. Determine the formula of the oxide 
and identify the element. 


. Ammonia reacts with O, to form either NO(g) or NO:(g) 


according to these unbalanced equations: 
NH(g) + O2(g) —> NO(g) + H20(g) 
NH3(g) + O2(g) —> NOz/(g) + H2,0(g) 


In a certain experiment, 2.00 moles of NH3(g) and 10.00 
moles of O2(g) are contained in a closed flask. After the 
reaction is complete, 6.75 moles of O2(g) remains. Cal- 
culate the number of moles of NO(g) in the product mix- 
ture. (Hint: You cannot do this problem by adding the 
balanced equations, because you cannot assume that the 
two reactions will occur with equal probability.) 


A gas contains a mixture of NH;(g) and N>H,(g), both 
of which react with O(g) to form NO2(g) and H,O(g). 
The gaseous mixture (with an initial mass of 61.00 g) is 
reacted with 10.00 moles O>, and after the reaction is 
complete, 4.062 moles of O) remains. Calculate the mass 
percent of N>H4(g) in the original gaseous mixture. 





13 


From the information that follows, determine the mass 

of substance C that will be formed if 45.0 g of substance 

A reacts with 23.0 g of substance B. (Assume that the 

reaction between A and B goes to completion.) 

a. Substance A is a gray solid that consists of an 
alkaline earth metal and carbon (37.5% by mass). It 
reacts with substance B to produce substances C and 
D. Forty million trillion formula units of A have a 
mass of 4.26 mg. 





*From James H. Burness, “The Use of “Marathon” Problems as Effective Vehi- 
cles for the Presentation of General Chemistry Lectures,” Journal of Chemical 
Education, 68(11). Copyright © 1991 American Chemical Society. Reprinted by 
permission. 


124. 


b. 47.9 g of substance B contains 5.36 g of hydrogen 

and 42.5 g of oxygen. 

When 10.0 g of substance C is burned in excess 

oxygen, 33.8 g of carbon dioxide and 6.92 g of 

water are produced. A mass spectrum of substance C 

shows a parent molecular ion with a mass-to-charge 

ratio of 26. 

d. Substance D is the hydroxide of the metal in 
substance A. 


a 


Consider the following balanced chemical equation: 


A+ 5B —> 3C+4D 
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a. Equal masses of A and B are reacted. Complete each b. The products of the reaction are carbon dioxide (C) 
of the following with either “A is the limiting and water (D). Compound A has a similar molar 
reactant because ”; “B is the limiting reactant mass to carbon dioxide. Compound B is a diatomic 
because ”; or “We cannot determine the molecule. Identify compound B and support your 
limiting reactant because 4 answer. 

i. If the molar mass of A is greater than the molar c. Compound A is a hydrocarbon that is 81.71% 
mass of B, then carbon by mass. Determine its empirical and 
iu. If the molar mass of B is greater than the molar molecular formulas. 


mass of A, then 
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uch of the chemistry that affects each of us occurs among sub- 

stances dissolved in water. For example, virtually all of the 

chemistry that makes life possible occurs in an aqueous environ- 

ment. Also, various tests for illnesses involve aqueous reactions. 
Modern medical practice depends heavily on analyses of blood and other body 
fluids. In addition to the common tests for sugar, cholesterol, and iron, analy- 
ses for specific chemical markers allow detection of many diseases before more 
obvious symptoms occur. 

Aqueous chemistry is also important in our environment. In recent years 
contamination of the groundwater by substances such as chloroform and ni- 
trates has been widely publicized. Water is essential for life, and the mainte- 
nance of an ample supply of clean water is crucial to all civilization. 

To understand the chemistry that occurs in such diverse places as the hu- 
man body, the groundwater, the oceans, the local water treatment plant, your 
hair as you shampoo it, and so on, we must understand how substances dis- 
solved in water react with one another. 

However, before we can understand solution reactions, we need to discuss 
the nature of solutions in which water is the dissolving medium, or solvent. 
These solutions are called aqueous solutions. In this chapter we will study the 
nature of materials after they are dissolved in water and various types of reac- 
tions that occur among these substances. You will see that the procedures de- 
veloped in Chapter 3 to deal with chemical reactions work very well for reac- 
tions that take place in aqueous solutions. To understand the types of reactions 
that occur in aqueous solutions, we must first explore the types of species pres- 
ent. This requires an understanding of the nature of water. 





Water, the Common Solvent 


Water is one of the most important substances on earth. It is, of course, crucial 
for sustaining the reactions that keep us alive, but it also affects our lives in 
many indirect ways. Water helps moderate the earth’s temperature; it cools 
automobile engines, nuclear power plants, and many industrial processes; it 
provides a means of transportation on the earth’s surface and a medium for the 
growth of a myriad of creatures we use as food; and much more. 

One of the most valuable functions of water involves its ability to dissolve 
many different substances. For example, salt “disappears” when you sprinkle 
it into the water used to cook vegetables, as does sugar when you add it to your 
iced tea. In each case the disappearing substance is obviously still present—you 
can taste it. What happens when a solid dissolves? To understand this process, 
we need to consider the nature of water. Liquid water consists of a collection 
of HO molecules. An individual H,O molecule is “bent” or V-shaped, with an 
H—O-—H angle of about 105°: 


H 105° H 
Nee 
O 


The O—H bonds in the water molecule are covalent bonds formed by 
electron sharing between the oxygen and hydrogen atoms. However, the elec- 
trons of the bond are not shared equally between these atoms. For reasons we 
will discuss in later chapters, oxygen has a greater attraction for electrons than 
does hydrogen. If the electrons were shared equally between the two atoms, 
both would be electrically neutral because, on average, the number of electrons 
around each would equal the number of protons in that nucleus. However, 
because the oxygen atom has a greater attraction for electrons, the shared elec- 
trons tend to spend more time close to the oxygen than to either of the hydro- 
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Figure 4.1 

(top) The water molecule is polar. 
(bottom) The electrons in the water 
molecule are not shared equally 
between hydrogen and oxygen. This 
can be represented with a colored map 
of electrostatic potential. Red areas 
indicate high electron density, and blue 
areas represent low electron density. 
The colors in between indicate varying 
degrees of electron density. 


Figure 4.2 

Polar water molecules interact with the 
positive and negative ions of a salt, 
assisting with the dissolving process. 


gens. Thus the oxygen atom gains a slight excess of negative charge, and the 
hydrogen atoms become slightly positive. This is shown in Fig. 4.1, where 
5 (delta) indicates a partial charge (less than one unit of charge). Because of this 
unequal charge distribution, water is said to be a polar molecule. It is this po- 
larity that gives water its great ability to dissolve compounds. 

A schematic of an ionic solid dissolving in water is shown in Fig. 4.2. Note 
that the “positive ends” of the water molecules are attracted to the negatively 
charged anions and that the “negative ends” are attracted to the positively 
charged cations. This process is called hydration. The hydration of its ions 
tends to cause a salt to “fall apart” in the water, or to dissolve. The strong 
forces present among the positive and negative ions of the solid are replaced by 
strong water-—ion interactions. 

It is very important to recognize that when ionic substances (salts) dissolve 
in water, they break up into the individual cations and anions. For instance, 
when ammonium nitrate (NH4,NO;) dissolves in water, the resulting solution 
contains NH,* and NO;~ ions floating around independently. This process 
can be represented as 


NH,NO3(s) 2" NH,+(aq) + NO3-(aq) 


where (aq) indicates that the ions are hydrated by unspecified numbers of wa- 
ter molecules. 

The solubility of ionic substances in water varies greatly. For example, 
sodium chloride is quite soluble in water, whereas silver chloride (contains Ag* 
and Cl~ ions) is only very slightly soluble. The differences in the solubilities of 
ionic compounds in water typically depend on the relative affinities of the ions 
for each other (these forces hold the solid together) and the affinities of the ions 
for water molecules [which cause the solid to disperse (dissolve) in water]. 
Solubility is a complex issue that we will explore in much more detail in Chap- 
ter 17. However, the most important thing to remember at this point is that 
when an ionic solid does dissolve in water, the ions are dispersed and are as- 
sumed to move around independently. 





Figure 4.3 

(a) The ethanol molecule contains a 
polar O—H bond similar to those in 
the water molecule. (b) The polar water 
molecule interacts strongly with the 
polar O—H bond in ethanol. This is a 
case of “like dissolving like.” 
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Water also dissolves many nonionic substances. Ethanol (C)H;OH), for 
example, is very soluble in water. Wine, beer, and mixed drinks are aqueous 
solutions of alcohol and other substances. Why is ethanol so soluble in water? 
The answer lies in the structure of the alcohol molecule, which is shown in Fig. 
4.3(a). The molecule contains a polar O—H bond like those in water, which 
makes it very compatible with water. The interaction of water with ethanol is 
represented in Fig. 4.3(b). 

Many substances do not dissolve in water. Pure water will not, for exam- 
ple, dissolve animal fat because fat molecules are nonpolar and do not interact 
effectively with polar water molecules. In general, polar and ionic substances 
are expected to be more soluble in water than nonpolar substances. “Like dis- 
solves like” is a useful rule for predicting solubility. We will explore the basis 
for this generalization when we discuss the details of solution formation in 
Chapter 17. 





The Nature of Aqueous Solutions: 
Strong and Weak Electrolytes 


Recall that a solution is a homogeneous mixture. It is the same throughout (the 
first sip of a cup of coffee is the same as the last), but its composition can be 
varied by changing the amount of dissolved substances (one can make weak or 
strong coffee). In this section we will consider what happens when a substance, 
the solute, is dissolved in liquid water, the solvent. 

One useful property for characterizing a solution is its electrical conductiv- 
ity, its ability to conduct an electric current. This characteristic can be checked 
conveniently by using an apparatus like the one shown in Fig. 4.4. If the solu- 
tion in the container conducts electricity, the bulb lights. Some solutions con- 
duct current very efficiently, and the bulb shines very brightly; these solutions 
contain strong electrolytes. Other solutions conduct only a small current, and 
the bulb glows dimly; these solutions contain weak electrolytes. Some solu- 
tions permit no current to flow, and the bulb remains unlit; these solutions 
contain nonelectrolytes. 

The basis for the conductivity properties of solutions was first correctly 
identified by Svante Arrhenius, then a Swedish graduate student in physics, 
who carried out research on the nature of solutions at the University of Upp- 
sala in the early 1880s. Arrhenius came to believe that the conductivity of solu- 
tions arose from the presence of ions, an idea that was at first scorned by the 
majority of the scientific establishment. However, in the late 1890s when at- 
oms were found to contain charged particles, the ionic theory suddenly made 
sense and became widely accepted. 

As Arrhenius postulated, the extent to which a solution can conduct an 
electric current depends directly on the number of ions present. Some materi- 
als, such as sodium chloride, readily produce ions in aqueous solution and are 
thus strong electrolytes. Other substances, such as acetic acid, produce rela- 
tively few ions when dissolved in water and are weak electrolytes. A third class 
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Figure 4.4 

Electrical conductivity of aqueous 
solutions. The circuit will be completed 
and will allow current to flow only 
when there are charge carriers (ions) 
in the solution. Note: Water molecules 
are present but not shown in these 
pictures. (a) A hydrochloric acid solu- 
tion, which is a strong electrolyte, 
contains ions that readily conduct the 
current and give a brightly lit bulb. 

(b) An acetic acid solution, which is a 
weak electrolyte, contains only a few 
ions and does not conduct as much 
current as a strong electrolyte. The 
bulb is only dimly lit. (c) A sucrose 
solution, which is a nonelectrolyte, 
contains no ions and does not 
conduct a current. The bulb remains 
unlit. 


Ken O’Donoghue/Photographs © Cengage Learning. 
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of materials, such as sugar, form virtually no ions when dissolved in water and 
are nonelectrolytes. 


Strong Electrolytes 


We will consider several classes of strong electrolytes: (1) soluble salts, (2) strong 
acids, and (3) strong bases. 

As shown in Fig. 4.2, a salt consists of an array of cations and anions that 
separate and become hydrated when the salt dissolves. Solubility is usually 
measured in terms of the mass (grams) of solute that dissolves per given vol- 
ume of solvent or in terms of the number of moles of solute that dissolve in a 
given volume of solution. Some salts, such as NaCl, KCl, and NH4Cl, are very 
soluble in water. For example, approximately 357 grams of NaCl will dissolve 
in a liter of water at 25°C. On the other hand, many salts are only very slightly 
soluble in water; for example, silver chloride (AgCl) dissolves in water only to 
a slight extent (approximately 2 x 1073 g/L at 25°C). We will consider only 
soluble salts at this point. 

One of Arrhenius’s most important discoveries concerned the nature of 
acids. Acidic behavior was first associated with the sour taste of citrus fruits. 
In fact, the word acid comes directly from the Latin word acidus, meaning 
“sour.” The mineral acids sulfuric acid (H)SO,) and nitric acid (HNO3;), so 
named because they were originally obtained by the treatment of minerals, 
were discovered around 1300. 

Acids were known to exist for hundreds of years before the time of Arrhe- 
nius, but no one had recognized their essential nature. In his studies of solu- 
tions, Arrhenius found that when the substances HCI, HNO3, and H)SO, were 


The Arrhenius definition of an acid: a 
substance that produces H* ions in 
solution. 


Perchloric acid, HCIO,(aq), is another 
strong acid. 
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Figure 4.5 
HCl(aq) is completely ionized. 


Strong electrolytes dissociate com- 
pletely in aqueous solution 
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Figure 4.6 
An aqueous solution of sodium 
hydroxide. 
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dissolved in water, they behaved as strong electrolytes. He postulated that this 
was the result of ionization reactions in water, for example: 
HO 
PG (aq) + Cl-(aq) 


HNO, —2> H*(aq) + NO3-(aq) 


sO, => Hi laq) + HSO,-(ea) 


Thus Arrhenius proposed that an acid is a substance that produces H* ions 
(protons) when it is dissolved in water. 

Studies of conductivity show that when HCl, HNO3, and H)SO, are placed 
in water, virtually every molecule dissociates to give ions. These substances are 
strong electrolytes and are thus called strong acids. All three are very impor- 
tant chemicals, and much more will be said about them as we proceed. How- 
ever, at this point the following facts are important: 


Hydrochloric acid, nitric acid, and sulfuric acid are aqueous solutions and should 
be written in chemical equations as HCl(aq), HNO3(aq), and H)SO,(aq), re- 
spectively, although they often appear without the (aq) symbol. 

A strong acid is one that completely dissociates into its ions. Thus, if 100 mole- 
cules of HCl are dissolved in water, 100 H* ions and 100 Cl ions are pro- 
duced. Virtually no HCI molecules exist in aqueous solution (see Fig. 4.5). 

Sulfuric acid is a special case. The formula H)SO, indicates that this acid can 
produce two H* ions per molecule when dissolved in water. However, only 
the first H* ion is completely dissociated. The second H* ion can be pulled 
off under certain conditions, which we will discuss later. Thus a solution of 
HSO, dissolved in water contains mostly H* ions and HSO,° ions. 


Another important class of strong electrolytes is the strong bases, soluble 
compounds containing the hydroxide ion (OH~) that completely dissociate 
when dissolved in water. Solutions containing bases have a bitter taste and a 
slippery feel. The most common basic solutions are those produced when solid 
sodium hydroxide (NaOH) or potassium hydroxide (KOH) is dissolved in wa- 
ter to produce ions, as follows (Fig. 4.6): 


Weak Electrolytes 


Weak electrolytes are substances that produce relatively few ions when dis- 
solved in water, as shown in Fig. 4.4(b). The most common weak electrolytes 
are weak acids and weak bases. 

The main acidic component of vinegar is acetic acid (HC,H3O2). The for- 
mula is written to indicate that acetic acid has two chemically distinct types of 
hydrogen atoms. Formulas for acids are often written with the acidic hydrogen 
atom or atoms (any that will produce H* ions in solution) listed first. If any 
nonacidic hydrogens are present, they are written later in the formula. Thus the 
formula HC,H;30, indicates one acidic and three nonacidic hydrogen atoms. 
The dissociation reaction for acetic acid in water can be written as follows: 


H,O 
HC,H303(aq) ——> H*(aq) + C)H302-(aq) 


Acetic acid is very different from the strong acids in that only about 1% of its 
molecules dissociate in aqueous solution (Fig. 4.7). Thus, when 100 molecules 


100 Chapter 4 Types of Chemical Reactions and Solution Stoichiometry 


Weak electrolytes dissociate only to a 


small extent in aqueous solution. 
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Figure 4.7 Figure 4.8 

Acetic acid (HC2H2Oz) exists in water The reaction of NH; in water. The NH,~ 
mostly as undissociated molecules. and OH™ ions are formed by reaction 
Only a small percentage of the mole- of an NH3 molecule with an HzO 

cules are ionized. molecule. 


of HC,H;0) are dissolved in water, approximately 99 molecules of HC,H302 
remain intact, and only one H* ion and one C,H3O0)° ion are produced. 
Because acetic acid is a weak electrolyte, it is called a weak acid. Any acid, 
such as acetic acid, that dissociates only to a slight extent in aqueous solution 
is called a weak acid. We will explore weak acids in detail in Chapter 7. 
The most common weak base is ammonia (NH3). When ammonia is dis- 
solved in water, it reacts as follows: 


NH;(aq) + H,O(!) —» NH4*(aq) + OH=(aq) 


The solution is basic since OH™ ions are produced. Ammonia is called a weak 
base because the resulting solution is a weak electrolyte—very few ions are 
present (Fig. 4.8). In fact, for every 100 molecules of NH; that are dissolved, 
only one NH,* ion and one OH ion are produced; 99 molecules of NH; re- 
main unreacted. 


Nonelectrolytes 


Nonelectrolytes are substances that dissolve in water but do not produce any 
ions [Fig. 4.4(c)]. An example of a nonelectrolyte is ethanol (see Fig. 4.3 for the 
structural formula). When ethanol dissolves, entire C)H;OH molecules are dis- 
persed in the water. Since the molecules do not break up into ions, the resulting 
solution does not conduct an electric current. Another common nonelectrolyte 
is table sugar (sucrose, Cy7H»2041), which is very soluble in water but produces 
no ions when it dissolves. 





4.3 | 


The Composition of Solutions 


Chemical reactions often take place when two solutions are mixed. To perform 
stoichiometric calculations in such cases, we must know two things: (1) the 
nature of the reaction, which depends on the exact forms the chemicals take 
when dissolved, and (2) the amounts of chemicals present in the solutions, that 
is, the composition of each solution. 

The composition of a solution can be described in many different ways, as 
we will see in Chapter 17. At this point we will consider only the most com- 


moles of solute 
liters of solution 
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monly used expression of concentration, molarity (M), which is defined as 
moles of solute per volume of solution (expressed in liters): 


moles of solute 





M = molarity = = 
y liters of solution 


A solution that is 1.0 molar (written as 1.0 M) contains 1.0 mole of solute per 
liter of solution. 


OWL INTERACTIVE EXAMPLE 4.1 


Calculate the molarity of a solution prepared by bubbling 1.56 g of gaseous 
HCl into enough water to make 26.8 mL of solution. 


Solution 


a What are we trying to solve? 


We are asked to solve for the concentration of a solution in units of molarity. 
a What does this mean? 


moles of solute 





Molarity = = : 
y liters of solution 


We are given the volume of the solution in milliliters, and we can convert this 
to liters: 


Hi 
26.8mlLo<= ————-= 2.68 X 107 
6.8 m 1000 mL 200% 107g 


Thus we have 


moles of solute 
26S LOE 





Molarity = 


To calculate the molarity, we need to determine the moles of solute, so we 
change the original question to “How many moles of HCl are in 1.56 g?” Re- 
call from Chapter 3 that to do this we use the molar mass as follows: 


1 mol HC! 


= 427 < 107 mol HCl 
peumriong OMe eeOnads 





1.56 g HCl x 


We can now determine the concentration as follows: 


4.27 X 10% mol HCl 
Molarity = = 11,59) IMU aIC| 
Cae 2.68 X 10% L solution 





Note that the description of a solution’s composition may not accurately 
reflect the true chemical nature of the solution. Solution concentration is always 
given in terms of the form of the solute before it dissolves. For example, consider 
1.0 liter of a solution labeled as 1.0 M NaCl. This solution was prepared by dis- 
solving 1.0 mole of solid NaCl in enough water to make 1.0 liter of solution. The 
label 1.0 M does not mean that the solution contains 1.0 mole of NaCl units. 
Actually, the solution contains 1.0 mole of Na* ions and 1.0 mole of Cl” ions. 

Often we need to determine the number of moles of solute present in a 
given volume of a solution of known molarity. The procedure for doing so is 
easily derived from the definition of molarity: 


moles of solute 





| 


Liters of solution X molarity = liters of solution X = 
liters of solution 


= moles of solute 
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OWL INTERACTIVE EXAMPLE 4.2 
Calculate the number of moles of Cl- ions in 1.75 L of 1.0 x 1073 M AIC]. 


Solution 


= What are we trying to solve? 
We are looking for the number of moles of Cl ions, and we are given the vol- 
ume of the solution and the concentration in molarity, along with the formula 
for the ionic compound. 

We know that molarity is a ratio of moles of solute to liters of solution, or 


moles of solute 





= liters of solution 
Thus 
Moles = M X volume 


This would give us the moles of AICI; that would dissolve, but we are looking 
for the moles of Cl~ ions in solution. 
When solid AICI; dissolves, it produces ions as follows: 


AICI;(s) 22> AB+(ag) + 3CI-(aq) 


Thus a 1.0 x 10-3 M AICI; solution contains 1.0 x 10-* M Al** ions and 
5.0L 10M Clions: 

To calculate the moles of Cl~ ions in 1.75 L of the 1.0 x 10-7 M AICI, 
solution, we must multiply the volume by the molarity: 


17S isolunon < 3.0 10 vi Gis 


3.0 X40 — mel cle 
L solution 





= 1.75. L solution < 


= 553° 10=moel Gi 


OWL INTERACTIVE EXAMPLE 4.3 


Typical blood serum is about 0.14 M NaCl. What volume of blood contains 
1.0 mg of NaCl? 


Solution 


a What are we trying to solve? 


We want to determine the volume of blood containing 1.0 mg of NaCl, and we 
know the concentration of NaCl in molarity. Thus we are looking for a con- 
version between volume and mass. 

We know that molarity is a ratio of moles of solute to liters of solution, so 
we have a conversion between volume and moles: 


_ moles of solute 





liters of solution 
Thus 


moles of solute 
M 








Volume = 


Figure 4.9 

Steps involved in the preparation of a 
standard aqueous solution. (a) Put a 
weighed amount of a substance (the 
solute) into the volumetric flask, and 
add a small quantity of water. (fb) Dis- 
solve the solid in the water by gently 
swirling the flask (with the stopper in 
place). (c) Add more water (with gentle 
swirling) until the level of the solution 
just reaches the mark etched on the 
neck of the flask. Then mix the solution 
thoroughly by inverting the flask several 
times. 
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We also have a conversion between mass and moles (molar mass). Thus we can 
convert mass to moles (using molar mass) and moles to volume (using molarity): 

We must first determine the number of moles represented by 1.0 mg of 
NaCl: 


1 g NaCl 
1000 mg NaCl 


1 mol NaCl 
58.45 g NaCl 





1.0 mg NaCl xX = 1.7 x 107° mol NaCl 
Next, we must determine what volume of 0.14 M NaCl solution contains 
1.7 X 10°° mole of NaCl. There is some volume (V) that when multiplied by 
the molarity of this solution yields 1.7 * 10~° mole of NaCl. That is, 

0.14 mol NaCl 


Vx : = 1.7 10 ° mol Nac! 
L solution 





Solving for the volume gives 


y= L710 mol hac 
0.14 mol NaCl 
L solution 


Thus 0.12 mL of blood contains 1.7 X 10~° mole of NaCl, or 1.0 mg of NaCl. 





S12 107 solution 





A standard solution is a solution whose concentration is accurately 
known. Standard solutions, often used in chemical analysis, can be prepared as 
shown in Fig. 4.9 and in Example 4.4. 


@WWL INTERACTIVE EXAMPLE 4.4 


To analyze the alcohol content of a certain wine, a chemist needs 1.00 L of an 
aqueous 0.200 M K,Cr2O7; (potassium dichromate) solution. How much solid 
K,Cr2O7 must be weighed out to make this solution? 


Solution 


a What are we trying to solve? 


We are asked to determine the mass of K,CrO7 solute required to make 1.00 L 
of a 0.200 M solution. Knowing that molarity is a ratio of moles of solute to 


roy 


& Wash 
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oi 
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of solute ——_ a? j 


(a) 
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Dilution with water doesn’t alter the 
number of moles of solute present. 





liters of solution, we can use molarity and volume to determine the moles of 
solute. 


moles of solute 





~ liters of solution 
Thus 
Moles = M X volume 


However, we are asked for mass, so we will need to convert the moles to a 
mass, and we can do this using the molar mass of the solute. 
First, determine the moles of K,Cr,O7 required: 
0.200 mol K,Cr,O, 
L solution 





1.00 L solution X = 0.200 mol K,Cr,07 


This amount can be converted to grams by using the molar mass of K,CrO7: 


294.2 g K,Cr,07 
mol K,Cr,0,7 


Thus, to make 1.00 L of 0.200 M K,Cr,O7, the chemist must weigh out 58.8 g 
of K,Cr Oz, put it in a 1.00-L volumetric flask, and add water up to the mark 
on the flask. 

Note: In looking back at the solutions to Examples 4.1 through 4.4, you 
should notice that the problems are solved similarly. For example, in all cases 
we need to know what molarity means and how to manipulate the formula for 
concentration. The problems vary in the details. In Examples 4.1, 4.3, and 4.4, 
we need to use molar mass = mass/mol. In Example 4.2, we need to under- 
stand how an ionic solid dissolves. As discussed in Section 3.4, we need to ask 
questions that allow the problem to guide us, but we also need a bank of 
knowledge to draw from. 





0.200 mol K,Cr,0; x = 58.8 ¢K,Cr,0, 


Dilution 


To save time and space in the laboratory, routinely used solutions are often 
purchased or prepared in concentrated form (these are called stock solutions). 
In a process called dilution, water is then added to achieve the molarity desired 
for a particular solution. For example, the common acids are purchased as 
concentrated solutions and diluted as needed. A typical dilution calculation 
involves determining how much water must be added to an amount of stock 
solution to achieve a solution of the desired concentration. The key to doing 
these calculations is to remember that since only water is added in the dilution, 
all of the solute in the final dilute solution must come from the concentrated 
stock solution. That is, 


Moles of solute after dilution = moles of solute before dilution 


For example, suppose we need to prepare 500. milliliters of 1.00 M acetic 
acid (HC,;H3;0,) from a 17.5 M stock solution of acetic acid. What volume of 
the stock solution is required? The first step is to determine the number of 
moles of acetic acid in the final solution by multiplying the volume by the 
molarity: 


1 L solution 1.00 mol HC,H;0, 
1000 mL solution L solution 


= 0.500 mol HC3H;30, 


500. mL solution X 








__ Calibration 
mark 




















(a) (b) 


Figure 4.10 

(a) A measuring pipet is graduated and 
can be used to measure various 
volumes of liquid accurately. (b) A volu- 
metric pipet is designed to measure 
one volume accurately. When filled to 
the calibration mark, it delivers the 
volume indicated on the pipet. 
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Thus we need to use a volume of 17.5 M acetic acid that contains 0.500 mole 
of HC,H30). That iS, 


Wes mol HC,H,0, 
L solution 





Vaex = 0.500 mol HC,H,0, 


Solving for V gives 


y — 0:500 mol HC;H30; 
Wes mol HC,H,0, 
L solution 





= 0.0286 L, or 28.6 mL solution 





Thus, to make 500. milliliters of a 1.00 M acetic acid solution, we can take 
28.6 milliliters of 17.5 M acetic acid and dilute it to a total volume of 500. 
milliliters. 

A dilution procedure typically involves two types of glassware: a pipet 
and a volumetric flask. A pipet is a device for accurately measuring and 
transferring a given volume of solution. There are two common types of pi- 
pets: measuring pipets and volumetric pipets, as shown in Fig. 4.10. Measur- 
ing pipets are used to measure out volumes for which a volumetric pipet is 
not available. For example, we would use a measuring pipet as shown in 
Fig. 4.11 to deliver 28.6 milliliters of 17.5 M acetic acid into a 500-milliliter 
volumetric flask and then add water to the mark to perform the dilution de- 
scribed above. 
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Figure 4.11 

(a) A measuring pipet is used to transfer 28.7 mL of 17.4 M acetic acia solution to a volu- 
metric flask. (b) Water is added to the flask to the calibration mark. (c) The resulting solution 
is 1.00 M acetic acid. 
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Types of Chemical Reactions 


Although we have considered many reactions so far, we have examined only 
a tiny fraction of the millions of possible chemical reactions. To make sense of 
all these reactions, we need some system for grouping reactions into classes. 
Although there are many different ways to do this, we will use the system 
most commonly used by practicing chemists. They divide reactions into the 
following groups: precipitation reactions, acid-base reactions, and oxidation— 
reduction reactions. 

Virtually all reactions can be placed into one of these classes. We will de- 
fine and illustrate each type in the following sections. 





4.4 
Types of Solution Reactions 
Precipitation reactions 
Acid—base reactions 
Oxidation-reduction reactions 
4.5 | 


Figure 4.12 

When yellow aqueous potassium chro- 
mate is added to a colorless barium 
nitrate solution, yellow barium chro- 
mate precipitates. 


When ionic compounds dissolve in 
water, the resulting solution contains 
the separated ions. 


Precipitation Reactions 


When two solutions are mixed, an insoluble substance sometimes forms; that 
is, a solid forms and separates from the solution. Such a reaction is called a 
precipitation reaction, and the solid that forms is called a precipitate. For ex- 
ample, a precipitation reaction occurs when an aqueous solution of potassium 
chromate [K,CrO,(aq)], which is yellow, is mixed with a colorless aqueous 
solution containing barium nitrate [Ba(NO3)2(aq)]. As shown in Fig. 4.12, 
when these solutions are mixed, a yellow solid forms. What is the equation 
that describes this chemical change? To write the equation, we must know the 
identities of the reactants and products. The reactants have already been de- 
scribed: K,CrO4(aq) and Ba(NO3)2(aq). Is there some way we can predict the 
identities of the products? In particular, what is the yellow solid? 

The best way to predict the identity of this solid is to think carefully about 
what products are possible. To do so, we need to know what species are pres- 
ent in the solution formed when the reactant solutions are mixed. First, let’s 
think about the nature of each reactant solution. The designation Ba(NO3)3(aq) 
means that barium nitrate (a white solid) has been dissolved in water. Notice 
that barium nitrate contains the Ba2* and NO3~ ions. Remember: In virtually 
every case, when a solid containing ions dissolves in water, the ions separate 
and move around independently. That is, Ba(NO3)2(aq) does not contain 
Ba(NO3). units; it contains separated Ba2* and NO;~ ions (Fig. 4.13). 

Similarly, since solid potassium chromate contains K* and CrO,2~ ions, an 
aqueous solution of potassium chromate (which is prepared by dissolving solid 
K,CrQO, in water) contains these separated ions (Fig. 4.13). 

We can represent the mixing of K»CrOx4(aq) and Ba(NO3)2(aq) in two 
ways. First, we can write 


K,CrO,(aq) + Ba(NO3)2(aq) —— products 
However, a much more accurate representation is 


2K* (aq) + CrO4*- (aq) + Ba**(aq) + 2NO37(aq) ——> products 








The ions in The ions in 
K,CrO,(aq) Ba(NO3)3(aq) 


Thus the mixed solution contains the ions 
Ke; GrOs Bae and NO37 


How can some or all of these ions combine to form the yellow solid ob- 
served when the original solutions are mixed? This is not an easy question to 
answer. In fact, predicting the products of a chemical reaction is one of the 
hardest things a beginning chemistry student is asked to do. Even an experi- 


Figure 4.13 
Reactant solutions: (a) Ba(NOs)2(aq) 
and (b) KeCrO,(aq). 
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enced chemist, when confronted with a new reaction, is often not sure what 
will happen. The chemist tries to think of the various possibilities, considers 
the likelihood of each possibility, and then makes a prediction (an educated 
guess). Only after identifying each product experimentally is the chemist sure 
what reaction has taken place. However, an educated guess is useful because it 
provides a place to start. It tells us what kinds of products we are most likely 
to find. 
We already know some things that will help us predict the products: 


1. When ions form a solid compound, the compound must have a zero net 
charge. Thus the products of this reaction must contain both anions and 
cations. For example, K* and Ba** could not combine to form the solid, 
nor could CrO,4?~ and NO;3°. 


2. Most ionic materials contain only two types of ions: one type of cation and 
one type of anion (for example, NaCl, KOH, Na2SO., KxCrO4, Co(NO3)2, 
NH, Cl, and Na,CQ3). 


The possible combinations of a given cation and a given anion from the list 
of ions Kt, CrO,*~, Ba?*, and NO3~ are 


K,CrO4, KNO3, BaCrO4, and Ba(NO3), 


Which of these possibilities is most likely to represent the yellow solid? We 
know it’s not K,;CrO4 or Ba(NO3)2. They are the reactants. They were present 
(dissolved) in the separate solutions that were mixed. The only real possibilities 
for the solid that formed are 


KNO; and BaCrO, 


To decide which of these possibilities most likely represents the yellow 
solid, we need more facts. An experienced chemist knows that the K* ion and 
the NO; ion are both colorless. Thus, if the solid is KNO3, it should be white, 
not yellow. On the other hand, the CrO,?~ ion is yellow [note in Fig. 4.12 that 
K,CrO,(aq) is yellow]. Thus the yellow solid is almost certainly BaCrO4. Fur- 
ther tests show that this is the case. 

So far we have determined that one product of the reaction between 
K,CrO,(aq) and Ba(NO3)2(aq) is BaCrO4(s), but what happened to the K* and 
NO,~ ions? The answer is that these ions are left dissolved in the solution. That 
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Figure 4.14 

The reaction of KzCrO,(aq) and 
Ba(NOa)o(aq). (a) The molecular-level 
“oicture” of the mixed solution before 
any reaction has occurred. (b) The 
molecular-level “picture” of the solution 
after the reaction has occurred to form 
BaCrO,(s). (c) A photo of the solution 
after the reaction has occurred, 
showing the solid BaCrO, on the 
bottom. 


Doing chemistry requires both under- 
standing ideas and remembering facts. 


Jm 008 — O04, 


Figure 4.15 

Precipitation of silver chloride by mixing 
solutions of silver nitrate and potassium 
chloride. The K* and NO37 ions remain 
in solution. 
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is, KNO3 does not form a solid when the Kt and NO; ions are present in this 
much water. In other words, if we took the white solid, KNO3(s), and put it in 
the same quantity of water as is present in the mixed solution, it would dissolve. 
Thus, when we mix K,CrO,(aq) and Ba(NO3)2(aq), BaCrO,(s) forms, but 
KNO; is left behind in solution [we write it as KNO3(aq)]. This reaction is il- 
lustrated in Fig. 4.14. Therefore, the equation for this precipitation reaction is 


KyCrO,4(aq) + Ba(NO3)2(aq) ——~> BaCrOg(s) + 2KNO3(aq) 


If we removed the solid BaCrO, by filtration and then evaporated the water, 
the white solid, KNO3, would be obtained. 

Now let’s consider another example. When an aqueous solution of silver 
nitrate is added to an aqueous solution of potassium chloride, a white precipi- 
tate forms. We can represent what we know so far as 


AgNO3(aq) + KCl(aq) ——> unknown white solid 


Remembering that when ionic substances dissolve in water, the ions separate, 
we can write 


Agt, NO;— + Kt, Cl. — > Ag*t, NO3, K*, Cl-/ —~> white solid 
en Spon goa cee Bic Ze abe ee ase 


In silver In potassium Combined solution, 


nitrate chloride before reaction 


solution solution 


Since we know that the white solid must contain both positive and negative 
ions, the possible compounds that can be assembled from this collection of 
ions are 


AgNO;, KCl, AgCl, and KNO; 


Since AgNO; and KC] are the substances dissolved in the reactant solutions, 
we know that they do not represent the white solid product. The only real pos- 
sibilities are 


AgCl and KNO; 


From the example considered above, we know that KNO; is quite soluble in 
water. Thus solid KNO; will not form when the reactant solutions are mixed. 
The product must be AgCl(s) (which can be proved by experiment). The equa- 
tion for the reaction now can be written 


AgNO3(aq) + KCl(aq) —~> AgCl(s) + KNO3(aq) 


Figure 4.15 shows the result of mixing aqueous solutions of AgNO; and KCl. 
Figure 4.16 provides a visualization of the reaction. 
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Solutions are mixed 


ee 





Figure 4.16 

Photos and accompanying molecular-level representations illustrating the reaction of 
KCl(aq) with AgNOz(aq) to form AgCl(s). Note that it is not possible to have a photo of the 
mixed solution before the reaction occurs because it is an imaginary step that we use to 
help visualize the reaction. Actually, the reaction occurs immediately when the two solutions 
are mixed. 


Notice that to do these two examples, we had to know both concepts (sol- 
ids always have a zero net charge) and facts (KNO; is very soluble in water, the 
CrO,?~ is yellow, and so on). 

Predicting the identity of the solid product in a precipitation reaction re- 
quires knowledge of the solubilities of common ionic substances. As an aid in 
predicting the products of precipitation reactions, some simple solubility rules 
are given in Table 4.1. You should memorize these rules. 

The phrase “slightly soluble” used in the solubility rules in Table 4.1 
means that the tiny amount of solid that dissolves is not noticeable. The solid 


Table 4.1 








Simple Rules for Solubility of Salts in Water 


1. Most nitrate (NO3_) salts are soluble. 

2. Most salts of Nat, K*, and NH,°* are soluble. 

3. Most chloride salts are soluble. Notable exceptions are AgCl, PbCl,, and 
Hg2Ch. 

4. Most sulfate salts are soluble. Notable exceptions are BaSO4, PbSO,, and 
GasO7 

5. Most hydroxide salts are only slightly soluble. The important soluble hydrox- 
ides are NaOH, KOH, and Ca(OH), (marginally soluble). 

6. Most sulfide (S*~), carbonate (CO;*~), and phosphate (PO,?~) salts are only 
slightly soluble. 
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Focus on the ions in solution before 
any reaction occurs. 





The precipitation of lead(Il) sulfate by 
mixing solutions of leadil) nitrate and 
sodium sulfate. 


Solid Fe(OH)3 forms when aqueous 
KOH and Fe(NOa)s are mixed. 





appears to be insoluble to the naked eye. Thus the terms insoluble and slightly 
soluble are often used interchangeably. 

Note that the information in Table 4.1 allows us to predict that AgCl is the 
white solid formed when solutions of AgNO; and KCl are mixed; Rules 1 and 
2 indicate that KNO; is soluble, and Rule 3 states that AgCl is (virtually) in- 
soluble. Figure 4.15 shows the results of mixing silver nitrate and potassium 
chloride solutions. 

When solutions containing ionic substances are mixed, it will be helpful in 
determining the products if you think in terms of ion interchange. For exam- 
ple, in the preceding discussion, we considered the results of mixing AgNO3(aq) 
and KCl(aq). In determining the products, we took the cation from one reac- 
tant and combined it with the anion of the other reactant: 


Ag* + NO;37 + | ag + Ccl- —> 





Possible A 
solid 
products 


The solubility rules in Table 4.1 allow us to predict whether either product 
forms as a solid. 

The key to dealing with the chemistry of an aqueous solution is to first 
focus on the actual components of the solution before any reaction occurs and 
then figure out how those components will react with each other. Example 4.5 
illustrates this process for three different reactions. 


OWL INTERACTIVE EXAMPLE 4.5 


Using the solubility rules in Table 4.1, predict what will happen when the fol- 
lowing pairs of solutions are mixed. 


a. KNO3(aq) and BaCl,(aq) 
b. Na2SO,4(aq) and Pb(NO3)2(aq) 
c. KOH(aq) and Fe(NO3)3(aq) 


Solution 


a. KNO3(aq) stands for an aqueous solution obtained by dissolving solid 
KNO; in water to form a solution containing the hydrated ions K*(aq) 
and NO; (aq). Likewise, BaCl:(aq) is a solution formed by dissolving solid 
BaCl, in water to produce Ba**(aq) and Cl (aq). When these two solutions 
are mixed, the resulting solution contains the ions K*, NO3~, Ba2*, and Cl-. 
All will be hydrated, but (aq) is omitted for simplicity. To look for possible 
solid products, combine the cation from one reactant with the anion from 
the other: 


K* + NO;7 + Ba2* + GP seis 
Possible A 


solid 


products 


Note from Table 4.1 that the rules predict that both KCl and Ba(NO;), 
are soluble in water. Thus no precipitate will form when KNO;(aq) and 
BaCl,(aq) are mixed. All the ions will remain dissolved in the solution. No 
reaction occurs. 


b. Using the same procedures as in part a, we find that the ions present in the 
combined solution before any reaction occurs are Na*, $O,2~, Pb2+, and 
NO3-. The possible salts that could form precipitates are 

Na ats SO7- ar Pb2* i NO37 ——— 
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The compound NaNO; is soluble, but PbSO, is insoluble (see Rule 4 in 
Table 4.1). When these solutions are mixed, PbSO, will precipitate from the 
solution. The balanced equation is 


Na2SO4(aq) + Pb(NO3)2(aq) ——> PbSO,(s) + 2NaNO3(aq) 


c. The combined solution (before any reaction occurs) contains the ions K*, 
OH, Fe**, and NO;~. The salts that might precipitate are KNO3; and 
Fe(OH);. The solubility rules in Table 4.1 indicate that both Kt and NO37 
salts are soluble. However, Fe(OH); is only slightly soluble (Rule 5) and 
hence will precipitate. The balanced equation is 


3KOH(aq) + Fe(NO3)3(aq) ——>» Fe(OH)3(s) + 3KNO3(aq) 





4.6 | Describing Reactions in Solution 


A strong electrolyte is a substance that 
completely breaks apart into ions when 
dissolved in water 


Net ionic equations include only those 
components that undergo changes in 
the reaction. 








In this section we will consider the types of equations used to represent reac- 
tions in solution. For example, when we mix aqueous potassium chromate 
with aqueous barium nitrate, a reaction occurs to form a precipitate (BaCrO,) 
and dissolved potassium nitrate. So far we have written the molecular equation 
for this reaction: 


K,CrO,(aq) oF Ba(NQO3)2(aq) ===> BaCrO,(s) ete 2KNO3(aq) 


Although this equation shows the reactants and products of the reaction, it 
does not give a very clear picture of what actually occurs in solution. As we 
have seen, aqueous solutions of potassium chromate, barium nitrate, and po- 
tassium nitrate contain the individual ions, not molecules, as is implied by the 
molecular equation. Thus the complete ionic equation 


2K* (aq) + CrO,*7 (aq) + Ba?*(aq) + 2NO3 (aq) 
—> BaCrO,(s) + 2K* (aq) + 2NO3 (aq) 


better represents the actual forms of the reactants and products in solution. In 
a complete ionic equation, all substances that are strong electrolytes are repre- 
sented as ions. 

The complete ionic equation reveals that only some of the ions partici- 
pate in the reaction. The K* and NO3° ions are present in solution both be- 
fore and after the reaction. Ions such as these that do not participate directly 
in a reaction in solution are called spectator ions. The ions that participate in 
this reaction are the Ba** and CrO,4?~ ions, which combine to form solid 
BaCrOsg: 


Ba*t (aq) + CrO4?~ (aq) —~> BaCrO,(s) 


This equation, called the net ionic equation, includes only those solution com- 
ponents directly involved in the reaction. Chemists usually write the net ionic 
equation for a reaction in solution because it gives the actual forms of the re- 
actants and products and includes only the species that undergo a change. 


EXAMPLE 4.6 


For each of the following reactions, write the molecular equation, the complete 

ionic equation, and the net ionic equation. 

a. Aqueous potassium chloride is added to aqueous silver nitrate to form a 
silver chloride precipitate plus aqueous potassium nitrate. 

b. Aqueous potassium hydroxide is mixed with aqueous iron(II) nitrate to 
form a precipitate of iron(II) hydroxide and aqueous potassium nitrate. 
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Solution 


a. Molecular: 
KCl(aq) + AgNO3(aq) —~ AgCl(s) + KNO3(aq) 
Complete ionic (remember that any ionic compound dissolved in water will 
be present as the separated ions): 
K* (aq) + Cl-(aq) + Ag*(aq) + NOsiea) ey 
1 


Spectator Spectator 
ion ion 


A 


AgCl(s) + K*(aq) + NO3 (aq) 
t , 


Solid, Spectator Spectator 
not ion ion 
written 

as separate ions 


Net ionic: Canceling the spectator ions, 
Ak*(aq) + Cl-(aq) + Ag*(aq) + NOx (aq) 
—> AgCl(s) +K*(aq) + NOs“ (aq) 
gives the following net ionic equation: 
Cl-(aq) + Ag*(aq) —> AgCli(s) 
b. Molecular: 
3KOH(aq) + Fe(NO3)3(aq) ——> Fe(OH)3(s) + 3KNO3(aq) 
Complete ionic: 
3K* (aq) + 30H“(aq) + Fe?*(aq) + 3NO3 (aq) 
— Fe(OH);3(s) + 3K*(aq) + 3NO3 (aq) 
Net tonic: 


3OH (aq) + Fe?* (aq) ——> Fe(OH);(s) 


Three Types of Equations Used to Describe Reactions in Solution 


1. The molecular equation gives the overall reaction stoichiometry but not necessar- 
ily the actual forms of the reactants and products in solution. 

2. The complete ionic equation represents as ions all reactants and products that are 
strong electrolytes. 

3. The net ionic equation includes only those solution components undergoing a 
change. Spectator ions are not included. 





4.7 | Selective Precipitation 


We can use the fact that salts have different solubilities to separate mixtures of 
ions. For example, suppose we have an aqueous solution containing the cations 
Ag*, Ba**, and Fe**, and the anion NO;~. We want to separate the cations by 
precipitating them one at a time, a process called selective precipitation. 

How can the separation of these cations be accomplished? We can perform 
some preliminary tests and observe the reactivity of each cation toward the 
anions Cl”, SO4*-, and OH~. For example, to test the reactivity of Ag* toward 
Cl”, we can mix the AgNO; solution with aqueous KCl or NaCl. As we have 





Chemical Analysis of Cockroaches 


4.7 Selective Precipitation 






Chemical Insights 





Cockroaches can be a big problem. Not only are 
these hardy pests unpleasant to live with, but they 
also consume significant quantities of the world’s 
precious food and grain supplies. Because the 
many different species of cockroaches require dif- 
ferent control measures, determining which species 
is Causing a particular problem is important. 
Careful examination of a cockroach can reveal its 
species, but this process is very time-consuming. 
However, a new method of cockroach identifica- 
tion, based on gas chromatography, has been 
developed at the U.S. Department of Agriculture 
by D. A. Carlson and R. J. Brenner. In gas chroma- 
tography, the compounds to be separated are dis- 
persed in a carrier gas that passes through a 
porous solid. Because different substances have dif- 
fering tendencies to adhere to the solid, the compo- 
nents of the mixture travel at different rates 





through the system, causing them to spread out so 
that they can be separated and identified. 

In the cockroach identification study, Carlson 
and Brenner found that the composition of the 
outer, waxy layer of a roach is distinct to the par- 
ticular species. Thus, by dissolving this waxy 
coating and injecting it into the gas stream of a gas 
chromatograph, scientists can identify the cock- 
roach unambiguously in less than half an hour. 
This technique is particularly useful for identifying 
hybrid Asian—German cockroaches, which have 
become a major problem for the food industry. 

Although biologists might argue that the gas 
chromatographic method takes the fun and the 
challenge out of identifying cockroaches, this tech- 
nique should lead to significant advances in the 


control of these insects. 








seen, this produces a precipitate. When we carry out tests of this type using all 
the possible combinations, we obtain the results in Table 4.2. 
After studying these results, we might proceed to separate the cations as 


follows: 


Step 1 


Add an aqueous solution of NaCl to the solution containing the Ag*, Ba’*, 
and Fe?* ions. Solid AgCl will form and can be removed, leaving Ba** and Fe?* 
ions in solution. 


Table 4.2 


Testing the Reactivity of the Cations Ag*, Ba®*, and Fe%* with the Anions 


Clanc@carendlOkn 





Test Solution (anion) 





Cation 


NaCl(aq) (Cl-) 


Na SO,4(aq) 


(SO.*) 


NaOH{(aq) (OH") 





Agt 


White precipitate 
(AgCl) 


No reaction 


Yellow color but 
no solid 


No reaction 


White precipitate 
(BaSO4) 
No reaction 


White precipitate 
that turns brown 
poe “5 ol 

White Brown 
No reaction 


Reddish brown 
precipitate 


Fe(OH 
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Figure 4.17 

Selective precipitation of Ag*, Ba?*, 
and Fe%* ions. In this schematic repre- 
sentation, a double line means that a 
solid forms, and a single line desig- 
nates a solution. 
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Add 
NaCl(aq) 










AgCl 
precipitate 









Add 
Na,SO,(aq) 


BaSO, 
precipitate 





Add 
NaOH(aq) 


Fe (OH); 
precipitate 


Step 2 


Add an aqueous solution of Na SO, to the solution containing the Ba** and 
Fe3+ ions. Solid BaSO, will form and can be removed, leaving only Fe** ions in 
solution. 


Step 3 


Add an aqueous solution of NaOH to the solution containing the Fe*~ ions. 
Solid Fe(OH); will form and can be removed. 
Steps 1 through 3 are represented schematically in Fig. 4.17. 

Note that adding the anions in this order precipitates the cations one at a 
time and thus separates them. The process whereby mixtures of ions are sepa- 
rated and identified is called qualitative analysis. In this example the qualitative 
analysis was carried out by selective precipitation, but it can also be accom- 
plished by using other separation techniques that will not be discussed here. 








4.8 


Stoichiometry of Precipitation Reactions 


In Chapter 3 we covered the principles of chemical stoichiometry: the proce- 
dures for calculating quantities of reactants and products involved in a chemi- 
cal reaction. Recall that in performing these calculations, we first convert all 
quantities to moles and then use the coefficients of the balanced equation to 
assemble the appropriate molar ratios. In cases in which reactants are mixed, 
we must determine which reactant is limiting, since the reactant that is con- 
sumed first will limit the amounts of products formed. These same principles 
apply to reactions that take place in solutions. However, two points about 
solution reactions need special emphasis. The first is that it is sometimes diffi- 
cult to tell immediately which reaction will occur when two solutions are 
mixed. Usually we must think about the various possibilities and then decide 
what will happen. The first step in this process always should be to write down 
the species that are actually present in the solution, as we did in Section 4.5. 

The second special point about solution reactions is that to obtain the 
moles of reactants, we must use the volume of a particular solution and its 
molarity. This procedure was covered in Section 4.3. 


Photograph © Cengage Learning. All rights 


reserved 





When a solution of NaCl(aq) is added 
to a solution of AgNOs, the white solid 
AgCl forms. 


Write the 


reaction 





Determine moles 


of reactants 


Determine moles 


of products 
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We will introduce stoichiometric calculations for reactions in solution in 
Example 4.7. 


OWL INTERACTIVE EXAMPLE 4.7 


Calculate the mass of solid NaCl that must be added to 1.50 L of a 0.100 M 
AgNO; solution to precipitate all the Ag* ions in the form of AgCl. 


Solution 


a What are we trying to solve? 

We want to determine the mass of NaCl to add to a given amount of AgNO;(aq) 
to precipitate all of the Ag* ions and form AgCl. 

a What does this mean? 


We need to recognize that a reaction occurs to form AgCl; thus we will need a 
balanced equation. First, we must consider what happens chemically. 

When added to the AgNO; solution (which contains Ag* and NO3° ions), 
the solid NaCl dissolves to yield Na* and Cl~ ions. Thus the mixed solution 
contains the ions 


AgitsNO3¢ Na and Cle 
NaNO; is soluble and AgCl is insoluble (Table 4.1), so solid AgCl forms ac- 
cording to the following net ionic reaction: 
Ag*(aq) + Cl-(aq) —~> AgCl(s) 


In this case enough Cl~ ions must be added to react with all the Ag* ions pres- 
ent. Thus we must calculate the moles of Ag* ions present in 1.50 L of a 
0.100 M AgNO; solution (remember that a 0.100 M AgNO; solution contains 
0.100 M Ag* ions and 0.100 M NO3;° ions): 


0.100 mol Ag* 





1500. x = 0.150 mol Ag* 


Since Ag* and Cl react in a 1:1 ratio, 0.150 mole of Cl” ions and thus 
0.150 mole of NaCl are required. We calculate the mass of NaCl required as 
follows: 

58.4 g NaCl 


é x 
0.150 mol NaCl mol NaCl 


= 8.76 g NaCl 


Notice from Example 4.7 that the procedures for doing stoichiometric cal- 
culations for solution reactions are very similar to those for other types of reac- 
tions. It is useful to think in terms of the following steps for reactions in 
solution. 


Solving a Stoichiometry Problem Involving Reactions in Solution 

1 Identify the species present in the combined solution and determine which 
reaction occurs. 

Write the balanced equation for the reaction. 

Calculate the moles of reactants. 

Determine which reactant is limiting. 


Calculate the moles of product or products, as required. 


oOo ah &O ND 


Convert to grams or other units, as required. 
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OWL INTERACTIVE EXAMPLE 4.8 


When aqueous solutions of Na,SO,4 and Pb(NO3)2 are mixed, PbSO, precipi- 
tates. Calculate the mass of PbSO, formed when 1.25 L of 0.0500 M Pb(NO3)2 
and 2.00 L of 0.0250 M Na2SOy, are mixed. 


Solution 


a What are we trying to solve? 


We are asked to determine the mass of the precipitant given the amounts of the 
reactants. 

This problem is complex in the sense that it incorporates much of what we 
have learned in Chapters 3 and 4. The list of what we need to know/do is 
extensive: 


= We need to know what the solutions “look like” at a molecular level. 

= We need to be able to write a net ionic equation. 

a We must use volume and molarity to determine the number of moles of each 
reactant. 

= Since we are given amounts of both reactants, we will have to determine 
which reactant is limiting. 


= We need to convert moles to mass using molar mass. 


However, by now each step of this solution should be familiar to you. Thus, 
although there are many parts to the solution to this problem, taking it one 
step at a time makes it less daunting. 

When the aqueous solutions of Na,SO, (containing Na* and SO,?7 ions) 
and Pb(NO3), (containing Pb** and NO3~ ions) are mixed, the mixed solution 
contains the ions Nat, SO4*~, Pb?*, and NO3~. Since NaNO; is soluble and 
PbSO, is insoluble (Table 4.1), solid PbSO, will form. 

The net ionic equation is 


Pb2* (ag) + SO? (aq) ——> PbSO,(s) 


Since 0.0500 M Pb(NO3), contains 0.0500 M Pb2* ions, we can calculate the 
moles of Pb** ions in 1.25 L of this solution as follows: 


0.0500 mol Pb2* 
Os Te a = 010625 mol Pb 


The 0.0250 M Na2SO, solution contains 0.0250 M SO,2> ions, and the num- 

ber of moles of SO,42~ ions in 2.00 L of this solution is 

0.0250 mol $O,77 
IL 





220 Onl 





= 0.0500 mol $O,2~ 


Because Pb?* and SO,?~ react in a 1:1 ratio, the amount of $O,2~ will be 
limiting. 

Since the Pb** ions are present in excess, only 0.0500 mole of solid PbSO, 
will be formed. The mass of PbSO, formed can be calculated by using the mo- 
lar mass of PbSOg (303.3): 


303.3 g PbSO, 


0.0500 mol PbSO, x 
ae 4° “1 mol PbSO, 





= 15.2 g PbSO, 


One method for determining the amount of a given substance present in a 
solution is to form a precipitate that includes the substance. The precipitate is 
then filtered, dried, and weighed. This process, called gravimetric analysis, is 
illustrated in Example 4.9. 





Jeff Daly/Visuals Unlimited 


Phosphate rock is used in the manu- 
facture of fertilizer. 
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EXAMPLE 4.9 
Phosphorite, also called phosphate rock, is a mineral containing PO,>~ and 
OH anions and Ca?* cations. It is treated with sulfuric acid in the manufac- 
ture of phosphate fertilizers (see Chapter 3). A chemist finds the calcium con- 
tent in an impure sample of phosphate rock by weighing out a 0.4367-g sam- 
ple, dissolving it in water, and precipitating the Ca** ions as the insoluble 
hydrated salt* CaC,O4 + HO (C,0,°~ is called the oxalate ion). After being 
filtered and dried (at a temperature of about 100°C so that the extraneous 
water is driven off but not the water of hydration), the CaC,O, - H2O precipi- 
tate weighed 0.2920 g. Calculate the mass percent of calcium in the sample of 
phosphate rock. 


Solution 


a What are we trying to solve? 


We are asked to determine the mass percent of calcium in a sample of phos- 
phate rock. 


a What does this mean? 


me a7 el mass of calcium 
Mass percent of calcium in the rock = x 100% 
mass of rock sample 





We know that the sample of rock has a mass of 0.4367 g, so to determine the 
mass percent of calcium we change the question to “What is the mass of 
calcium?” 

The gravimetric procedure can be summarized as follows: 


Addition of 
excess Oxalate ion 







Dissolution 


in water 





Filter 
and dry 





In this analysis, excess C,O,?~ ions are added to ensure that all Ca** ions are 
precipitated. Thus the number of moles of Ca?* ions in the original sample 
determines the number of moles of CaC,O4-H,O formed. Using the molar 
mass of CaC,O,4 + H2O, we can calculate the moles of CaC,O, - H,O: 


1 mol CaC,O, 5 H,O0 
146.12 g Cae Oo; * H,0 


= 1.998 X 1073 mol CaC,O4 : H,O0 





0.2920 fe CaC,O, % H,0 x 


Thus the original sample of impure phosphate rock contained 1.998 x 107° 
mole of Ca?* ions, which we convert to grams: 


40.08 g Ca?* 


3 2+ y¢ 
1.998 X 10°’ mol Ca ancl Cas 





=" 8,009 6.1 OmeiGae 





*Hydrated salts contain one or more HO molecules per formula unit in addition to the cations 
and anions. A dot is used in the formula of these salts. 
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The mass percent of calcium in the original sample is then 


8.009 X 10-2 g 
0.4367 g 





x 100% = 18.34% 





4.9 | Acid-Base Reactions 


The Bronsted-Lowry concept of acids 
and bases will be discussed in detail in 
Chapter 7. 


Earlier in this chapter we considered Arrhenius’s concept of acids and bases: 
An acid is a substance that produces H* ions when dissolved in water, and a 
base is a substance that produces OH~ ions. Although these ideas are funda- 
mentally correct, it is convenient to have a more general definition of a base, 
which covers substances that do not produce OH™ ions. Such a definition was 
provided by Bronsted and Lowry, who defined acids and bases as follows: 


An acid is a proton donor. 
A base is a proton acceptor. 


How do we recognize acid-base reactions? One of the most difficult tasks 
for someone inexperienced in chemistry is to predict which reaction might oc- 
cur when two solutions are mixed. With precipitation reactions, we found that 
the best way to deal with this problem is to focus on the species actually pres- 
ent in the mixed solution. This also applies to acid—base reactions. For exam- 
ple, when an aqueous solution of hydrogen chloride (HCI) is mixed with an 
aqueous solution of sodium hydroxide (NaOH), the combined solution con- 
tains the ions Ht, Cl-, Nat, and OH, since HCl is a strong acid and NaOH 
is a strong base. How can we predict what reaction occurs, if any? First, will 
NaCl precipitate? From Table 4.1 we know that NaCl is soluble in water and 
thus will not precipitate. The Na* and Cl” ions are spectator ions. On the 
other hand, because water is a nonelectrolyte, large quantities of H* and OH™ 
ions cannot coexist in solution. They will react to form H,O molecules: 


H* (aq) + OH" (aq) —> H,0(/) 


This is the net ionic equation for the reaction that occurs when aqueous solu- 
tions of HCl and NaOH are mixed. 

Next, consider mixing an aqueous solution of acetic acid (HC,;H;0;) with 
an aqueous solution of potassium hydroxide (KOH). In our earlier discussion 
of conductivity, we said that an aqueous solution of acetic acid is a weak elec- 
trolyte. Thus acetic acid does not dissociate into ions to any great extent. In 
fact, in aqueous solution 99% of the HC,H3;0, molecules remain undissoci- 
ated. However, when solid KOH is dissolved in water, it dissociates completely 
to produce K* and OH™ ions. So, in the solution formed by mixing aqueous 
solutions of HC;H302 and KOH, before any reaction occurs the principal spe- 
cies are H2O, HC,H302, K*, and OH. Which reaction will occur? A possible 
precipitation reaction involves K* and OH’, but we know that KOH is solu- 
ble. Another possibility is a reaction involving the hydroxide ion and a proton 
donor. Is there a source of protons in the solution? The answer is yes—the 
HC,H30) molecules. The OH” ion has such a strong affinity for protons that 
it can strip them from the HC,H30) molecules. Thus the net ionic equation for 
the reaction is 


OH (aq) aP HC,H30 (aq) = H,O(/) aE C,H30) (aq) 


This reaction illustrates a very important general principle: The hydroxide 
ion is such a strong base that for purposes of stoichiometry it is assumed to 
react completely with any weak acid dissolved in water. Of course, OH~ ions 
also react completely with the H* ions in the solutions of strong acids. 


Write the 


reaction 







Determine moles 
of reactants 


Determine moles 
of products 


Figure 4.18 

The titration of an acid with a base. 
(a) The titrant (the base) is in the 
buret, and the beaker contains the 
acid solution along with a small 
amount of indicator. (b) As base is 
added drop by drop to the acidic 
solution in the beaker during the titra- 
tion, the indicator changes color, but 
the color disappears on mixing. 

(c) The stoichiometric (equivalence) 
point is marked by a permanent indi- 
cator color change. The volume of 
the base added is the difference 
between the final and initial buret 
readings. 





Charles D. Winters/Photographs © Cengage Learning. All rights reserved. 
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We will now deal with the stoichiometry of acid-base reactions in aqueous 
solutions. The procedure is fundamentally the same as that used previously. 


Calculations for Acid-Base Reactions 

1 List the species present in the combined solution before reaction, and de- 
cide which reaction will occur. 

2 Write the balanced net ionic equation for this reaction. 


3 Change the given quantities of reactants to moles. For reactions in solu- 
tion, use the volumes of the original solutions and their molarities. 


4 Determine the limiting reactant where appropriate. 


oa 


Calculate the moles of the required reactant or product. 


6 Convert to grams or a volume of solution, as required by the problem. 


An acid-base reaction is often called a neutralization reaction. When just 
enough base is added to react exactly with all of the acid in a solution, we say 
the acid has been neutralized. 


Acid-Base Titrations 


Acid-base titrations are an example of volumetric analysis, a technique in 
which one solution is used to analyze another. The solution used to carry out 
the analysis is called the titrant and is delivered from a device called a buret, 
which measures the volume accurately. The point in the titration at which 
enough titrant has been added to react exactly with the substance being deter- 
mined is called the equivalence point, or the stoichiometric point. This point is 
often marked by the change in color of a chemical called an indicator. The ti- 
tration procedure is illustrated in Fig. 4.18. 
The following requirements must be met for a titration to be successful: 


The concentration of the titrant must be known. Such a titrant is called a stan- 
dard solution. 





(a) (b) (c) 


AP Photo/The Herald Bulletin, 


John P. Cleary 
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Ideally, the endpoint and stoichiometric 
point should coincide. 





A Hazmat (hazardous materials) team 
neutralizes a hydrochloric acid (HCl) 
spill. 





The exact reaction between titrant and substance being analyzed must be 
known. 

The stoichiometric (equivalence) point must be known. An indicator that 
changes color at, or very near, the stoichiometric point is often used. 

The point at which the indicator changes color is called the endpoint. The goal 
is to choose an indicator whose endpoint coincides with the stoichiometric 
point. An indicator very commonly used by acid-base titrations is phenol- 
phthalein, which is colorless in acid and turns pink at the endpoint when an 
acid is titrated with a base. 

The volume of titrant required to reach the stoichiometric point must be known 


as accurately as possible. 

We will deal with acid—base titrations only briefly here but will return to 
the topic of titrations and indicators in more detail in Chapter 8. When a sub- 
stance being analyzed contains an acid, the amount of acid present is usually 
determined by titration with a standard solution containing hydroxide ions. 


OWL INTERACTIVE EXAMPLE 4.10 


What volume of a 0.100 M HCI solution is needed to neutralize 25.0 mL of a 
0.350 M NaOH solution? 


Solution 


a What are we trying to solve? 


We are asked to determine the volume of a solution of HCl required to neutral- 
ize a given volume of a solution of NaOH. 


a What does this mean? 


The HCl and NaOH react with each other, so we need to use a balanced equa- 
tion to determine the mole ratio between the two reactants. Since we have 
volumes and molarities of both, we can determine the moles of each reactant. 
To do this, we must think about the components in the reactant solutions. 
The species present in the mixed solutions before any reaction occurs are 


Pie Cla Nas On= and H,0 
From HCl(aq) From NaOQH(aq) 





Which reaction will occur? The two possibilities are 
Na*(aq) + Cl- (ag) —— NaCl(s) 
H*(aq) + OH~(aq) —> H,O(I) 


Since NaCl is soluble, the first reaction does not take place (Na* and Cl- are 
spectator ions). However, as we have seen before, the reaction of H+ and OH7 
ions to form H,O does occur. 

The balanced net ionic equation for the reaction is 


H*(aq) + OH“ (aq) —~> H,O(I) 


Next, we calculate the number of moles of OH ions in the 25.0-mL sam- 

ple of 0.350 M NaOH: 
igh 0.350 mol OH™ 
25.0 mL NaOH X ———— x ———_——_ = = = 
mL Na 1000 mL L NaOH S75) LU molOH 

This problem requires the addition of just enough H* ions to react exactly with 
the OH” ions present. Thus we need not be concerned with determining a lim- 
iting reactant. 
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Since H* and OH7 ions react in a 1:1 ratio, 8.75 X 1073 mole of H* ions 
is required to neutralize the OH™ ions present. 

The volume (V) of 0.100 M HCl required to furnish this amount of H* 
ions can be calculated as follows: 


GecOunolE 
vx Sere pT =e 75 108 anal ie 


Solving for V gives 
Ves x a0>* kb 


Thus 8.75 X 10-7 L (87.5 mL) of 0.100 M HCl is required to neutralize 
25.0 mL of 0.350 M NaOH. 


= Is the answer reasonable? 


The mole ratio between the reactants is 1:1. The NaOH is more concentrated 
than the HCl, so it makes sense that the volume of HCl is larger than the vol- 
ume of NaOH. 





OWL INTERACTIVE EXAMPLE 4.11 


In a certain experiment, 28.0 mL of 0.250 M HNO; and 53.0 mL of 0.320 M 
KOH are mixed. Calculate the amount of water formed in the resulting reac- 
tion. What is the concentration of H* or OH™ ions in excess after the reaction 
goes to completion? 


Solution 


a What are we trying to solve? 


We are asked to determine the amount of water formed and the amount of 
excess reactant when an acid and base react. 


a What does this mean? 


The acid and base react with each other, so we need to use a balanced equation 
to determine the mole ratio between the two reactants. Since we have volumes 
and molarities of both, we can determine the moles of each reactant. To do 
this, we must think about the components in the reactant solutions. 

The species available for reaction are 





Fr eNOe KO and H,0O 
Ss 
From HNO; From KOH 
solution solution 


Since KNQO;} is soluble, K* and NO3° are spectator ions, so the net ionic equa- 
tion is 
H* (aq) + OH“ (aq) —> H,0(/) 
We next compute the amounts of H* and OH™ ions present. 


ete 0.250 mol H* 








x x = 7.00 X 1073 mol H* 
28.0 mL HNO; 1000 mL L 00 X 10°" mo 
iL 0.320 mol OH” 
x x = 10/010 mol OH- 
53.0 mL KOH 1000 mL L 0 0 seal © 


Since H* and OH™ react in a 1:1 ratio, the limiting reactant is H*. Thus 
7.00 X 10-3 mole of H* ions will react with 7.00 X 107? mole of OH™ ions to 
| form 7.00 X 107? mole of HO. 
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The amount of OH™ ions in excess is obtained from the following 
difference: 


Original amount — amount consumed = amount in excess 
1.70 X 10-2 mol OH~ — 7.00 X 10-3 mol OH™ = 1.00 x 107* mol OH™ 
The volume of the combined solution is the sum of the individual volumes: 
Original volume of HNO; + original volume of KOH = total volume 
28.0 mL + 53.0 mL = 81.0 mL = 8.10 x 107 L 
Thus the molarity of OH” ions in excess is 


_ mol OH 
L solution 


_ 1.00 x 107* mol OH™ 
WM one alOdK 10°71 


0.123 M OH™ 





w Is the answer reasonable? 

The mole ratio between the reactants is 1:1. The KOH is more concentrated 
than the HNO;, and a greater volume of KOH is used. It makes sense that the 
OH is in excess. 





EXAMPLE 4.12 


An environmental chemist analyzed the effluent (the released waste material) 
from an industrial process known to produce the compounds carbon tetrachlo- 
ride (CCl4) and benzoic acid (HC7H;O32), a weak acid that has one acidic hy- 
drogen atom per molecule. A sample of this effluent weighing 0.3518 g was 
placed in water and shaken vigorously to dissolve the benzoic acid. The result- 
ing aqueous solution required 10.59 mL of 0.1546 M NaOH for neutraliza- 
tion. Calculate the mass percent of HC7H;O; in the original sample. 


Solution 


a What are we trying to solve? 


We are asked to determine the mass percent of an acid in a mixture (effluent). 
a What does this mean? 


mass of benzoic acid 
Mass percent of benzoic acid = x 100% 
mass of mixture 





We know the mass of the mixture is 0.3518 g, so we change the question to 
“What is the mass of benzoic acid in the mixture?” 

In this case the sample was a mixture containing CCl, and HC7H;O), and 
it was titrated with OH” ions. Clearly, CCl, is not an acid (it contains no hy- 
drogen atoms), so we can assume it does not react with OH~ ions. However, 
HC;HsQ) is an acid. It donates one H* ion per molecule to react with an OH~ 
ion as follows: 


HC7H;02(aq) a OH (aq) —_ H,0(1) ar C7Hs;0, (aq) 


Although HC7H;Q, is a weak acid, the OH™ ion is such a strong base that we 
can assume that each OH™ ion added will react with a HC7H;O, molecule 
until all the benzoic acid is consumed. 





The first step in the analysis of a 





complex solution is to write down the 
components present and to focus on 


the chemistry of each one. 
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We must first determine the number of moles of OH™ ions required to 
react with all of the HC7H;O>: 


dae y 0.1546 mol OH™ 
1000 mL L NaOH 


= 1.637 X 10-2 mol OH™ 


ORS Gam leeINa@©Eiex 





This number is also the number of moles of HC7H;O) present. The number of 

grams of the acid is calculated by using its molar mass: 

122.125 g HC,H,0, 
1 mol HC;H,O, 





1.637 X 1073 mol HC;H,0O, x = 0.1999 g HC;H,;O,; 


The mass percent of HC7H;Q)j in the original sample is 


0.1999 g 
— = X 100% = 56.82% 
0.3518 9 % 100% = 56.82% 


Chemical systems often seem difficult to deal with simply because there are 
many components. Solving a problem involving a solution in which several 
components are present is simplified if you think about the chemistry involved. 
The key to success is to write down all the components in the solution and to 
focus on the chemistry of each one. We have been emphasizing this approach 
in dealing with the reactions between ions in solution. Make it a habit to write 
down the components of solutions before trying to decide which reaction(s) 
might take place. 
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Oxidation—Reduction Reactions 


As we have seen, many important substances are ionic. Sodium chloride, for 
example, can be formed by the reaction of elemental sodium and chlorine: 


2Na(s) + Clh(g) ——> 2NaCl(s) 


In this reaction, solid sodium, which contains neutral sodium atoms, reacts 
with chlorine gas, which contains diatomic Cl, molecules, to form the ionic 
solid NaCl, which contains Na* and Cl ions. This process is represented in 
Fig. 4.19. Reactions like this one, in which one or more electrons are trans- 
ferred, are called oxidation-reduction reactions or redox reactions. 

Many important chemical reactions involve oxidation and reduction. In 
fact, most reactions used for energy production are redox reactions. In humans 
the oxidation of sugars, fats, and proteins provides the energy necessary for 
life. Combustion reactions, which provide most of the energy to power our 
civilization, also involve oxidation and reduction. An example is the reaction 
of methane with oxygen: 


CH,(g) + 202(g) —~> CO (g) + 2H,O(g) + energy 


Even though none of the reactants or products in this reaction is ionic, the re- 
action is still assumed to involve a transfer of electrons from carbon to oxygen. 
To explain this, we must introduce the concept of oxidation states. 


Oxidation States 

The concept of oxidation states (also called oxidation numbers) provides a 
way to keep track of electrons in oxidation—-reduction reactions. Oxidation 
states are defined by a set of rules, most of which describe how to divide up the 
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Oxidation of copper metal by nitric 
acid. The copper atoms lose two elec- 
trons to form Cu?* ions, which give a 
deep green color that becomes tur- 
quoise when diluted with water. The 
brown gas NO; is also evolved. 
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Cl,(g) 2NaCl(s) 
Chlorine SS Sodium chloride 
Figure 4.19 


The reaction of solid sodium and gaseous chiorine to form solid sodium chloride. 


shared electrons in compounds containing covalent bonds. However, before 
we discuss these rules, we need to discuss the distribution of electrons in a 
bond. 

Recall from the discussion of the water molecule in Section 4.1 that oxy- 
gen has a greater attraction for electrons than does hydrogen, causing the 
O—H bonds in the water molecule to be polar. This phenomenon occurs in 
other bonds as well, and we will discuss the topic of polarity in detail in Chap- 
ter 13. For now we will be satisfied with some general guidelines to help us 
keep track of electrons in oxidation-reduction reactions. The nonmetals with 
the highest attraction for shared electrons are in the upper right-hand corner of 
the periodic table. They are fluorine, oxygen, nitrogen, and chlorine. The rela- 
tive ability of these atoms to attract shared electrons is 


F>O>N£=Cl 


5 
Greatest Least 
attraction attraction 
for electrons for electrons 


That is, fluorine attracts shared electrons to the greatest extent, followed by 
oxygen, then nitrogen and chlorine. 

The rules for assigning oxidation states are given in Table 4.3. Application 
of these rules allows the assignment of oxidation states in most compounds. 
The principles are illustrated in Example 4.13. 
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State-of-the-Art Analysis 


Chemical Insights 





The real world of chemical analysis is often quite 
different from what students do in the typical uni- 
versity laboratory. In the real world, chemical 
analysis must be done quickly, accurately, eco- 
nomically, and often outside the laboratory setting. 
Analytical accuracy is crucial. A career can hinge 
on accuracy when a drug test is involved, and 
sometimes accuracy is truly a life-or-death matter, 
as in the screening of air travelers’ luggage for 
explosives. 

Chemical analysis can turn up in unexpected 
places. Modern engines in automobiles have been 
made much more fuel-efficient and less polluting 
by the inclusion of a sensor to analyze the oxygen 
(O>) concentration in the exhaust gases. The signal 
from this sensor is sent to the computer that con- 
trols engine function so that instantaneous adjust- 
ments can be made in spark timing and air-fuel 
mixtures. 

The automated screening of luggage for explo- 
sives is a very difficult and important analysis 
problem. One method being developed for luggage 
screening is called thermal neutron analysis (TNA), 
in which the substance to be analyzed is bom- 
barded with neutrons. When nuclei in the sample 
absorb neutrons, they release gamma rays that are 
characteristic of a specific nucleus. For example, 
after the nucleus of a nitrogen atom absorbs a 
neutron, it emits a gamma ray that is unique to 
nitrogen, whereas an oxygen atom would produce 
a different gamma ray unique to oxygen, and so 
on. Thus, when a sample is bombarded by neutrons 
and the resulting gamma rays are analyzed by a 
detector connected to a computer, the atoms 
present in the sample can be specified. In an airport 
the luggage would pass through the TNA instru- 
ment on a conveyor belt and be bombarded by neu- 
trons from californium-252. The detector is set up 
to look for unusually large quantities of nitrogen 
because most chemical explosives are based on 
nitrogen compounds. Although this system is still 
under development, the Federal Aviation Adminis- 
tration is optimistic that it will work. 

Analytical chemists have always admired the 
supersensitive natural detection devices built into 
organisms as part of elaborate control systems 
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A Hawaiian red swimming crab. 


used to regulate the levels of various crucial chemi- 
cals, such as enzymes, hormones, and neurotrans- 
mitters. Because these “biosensors” are so sensi- 
tive, chemists are now attaching them to their 
instruments. For example, the sensory hairs from 
Hawaiian red swimming crabs can be connected to 
electrical analyzers and used to detect hormones at 
concentrations lower than 10~!* M. Also, slices 
from the tissues of pineapple cores can be used to 
detect hydrogen peroxide at levels of ~10~° M. 

Another state-of-the-art detection system con- 
tains a surface acoustic wave (SAW) device, which 
is based on a piezoelectric crystal whose resonant 
frequency is sensitive to tiny changes in its mass— 
it can sense a change of 107!° g/cm. In one use of 
this device as a detector, it was coated with a thin 
film of zeolite, a silicate mineral. Zeolite has intri- 
cate passages of a very uniform size. Thus, it can 
act as a “molecular sieve,” allowing only mole- 
cules of a certain size to pass through onto the 
detector, where their accumulation changes the 
mass and therefore alters the detector frequency. 
This sensor has been used to detect amounts of 
methyl alcohol (CH3OH) as low as 107? g. 

The face of chemical analysis is changing 
rapidly. In fact, although wet chemical analyses 
(titrations, for example) are still quite important in 
the chemical industry, increasingly these routine 
analyses are done by robots, which not only 
perform the analyses automatically but also send 
the results to a computer for interpretation. 
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Table 4.3 


Rules for Assigning Oxidation States 
peu erre wie een RN ere ee es SOR a ee Be el as 


1. The oxidation state of an atom in an element is 0. For example, the oxidation 
state of each atom in the substances Na(s), O2(g), O3(g), and Hg(/) is 0. 

2. The oxidation state of a monatomic ion is the same as its charge. For example, 
the oxidation state of the Na* ion is +1. 

3. In its covalent compounds with nonmetals, hydrogen is assigned an oxidation 
state of +1. For example, in the compounds HCI, NH3, HO, and CH, 
hydrogen is assigned an oxidation state of +1. 

4. Oxygen is assigned an oxidation state of —2 in its covalent compounds, such as 
CO, CO;, SO, and SO3. The exception to this rule occurs in peroxides (com- 
pounds containing the O,?~ group), where each oxygen is assigned an oxidation 
state of —1. The best-known example of a peroxide is hydrogen peroxide 
(HO). 

5. In binary compounds, the element with the greater attraction for the electrons 
in the bond is assigned a negative oxidation state equal to its charge in its ionic 
compounds. For example, fluorine is always assigned an oxidation state of —1. 
That is, for purposes of counting electrons, fluorine is assumed to be F-. 
Nitrogen is usually assigned —3. For example, in NH, nitrogen is assigned an 
oxidation state of —3; in HS, sulfur is assigned an oxidation state of —2; in HI, 
iodine is assigned an oxidation state of —1; and so on. 

6. The sum of the oxidation states must be zero for an electrically neutral com- 
pound and must be equal to the overall charge for an ionic species. For exam- 
ple, the sum of the oxidation states for the hydrogen and oxygen atoms in water 
is 0; the sum of the oxidation states for the carbon and oxygen atoms in CO;*~ 
is —2; and the sum of oxidation states for the nitrogen and hydrogen atoms in 
INEM s #1; 


-WWL INTERACTIVE EXAMPLE 4.13 
Assign oxidation states to all of the following atoms. 
a. CO, b. SF. C. NO37 


Solution 


a. The rule that takes precedence here is that oxygen is assigned an oxidation 
state of —2. The oxidation state for carbon can be determined by recogniz- 
ing that since CO, has no charge, the sum of the oxidation states for oxygen 
and carbon must be 0. Since each oxygen is —2 and there are two oxygen 
atoms, the carbon atom must be assigned an oxidation state of +4: 


CO, 
Pun OS 
+4  —2 for each oxygen 


b. Since fluorine has the greater attraction for the shared electrons, we assign 
its oxidation state first. Because its charge in ionic compounds is 1—, we as- 
sign —1 as the oxidation state of each fluorine atom. The sulfur must then 
be assigned an oxidation state of +6 to balance the total of —6 from the 
fluorine atoms: 


SF, 
Ay IX 
+6  —1 for each fluorine 


c. Since oxygen has a greater attraction than does nitrogen for the shared 
electrons, we assign its oxidation state of —2 first. Because the sum of the 


Actual charges are given as n— or n+. 
Oxidation states (not actual charges) 
are given as —n or +n. For example, 
for NOz~, the overall charge is 1—; 
the oxidation state for N is +5 and for 
Oijs 2. 











Oxidized Reduced 
Loses electrons Gains electrons 
Oxidation state Oxidation state 

increases decreases 





Reducing agent Oxidizing agent 





: 


Figure 4.20 

A summary of an oxidation—-reduction 
process, in which M is oxidized and 
X is reduced. 
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oxidation states of the three oxygens is —6 and the net charge on the NO;~ 
ion is 1—, the nitrogen must have an oxidation state of +5: 


NO;37 
wat HIS 
i!) -2 for each oxygen 


Next, let’s consider the oxidation states of the atoms in Fe304, which is 
the main component in magnetite, an iron ore that accounts for the reddish 
color of many types of rocks and soils. We assign each oxygen atom its usual 
oxidation state of —2. The three iron atoms must yield a total of +8 to bal- 
ance the total of —8 from the four oxygens. Thus each iron atom has an oxi- 
dation state of +§. A noninteger value for an oxidation state may seem 
strange since charge is expressed in whole numbers. However, although they 
are rare, noninteger oxidation states do occur because of the rather arbitrary 
way that the electrons are divided up by the rules in Table 4.3. In the com- 
pound Fe;O4, for example, the rules assume that all of the iron atoms are 
equal when in fact this compound can best be viewed as containing four O7~ 
ions, two Fe?* ions, and one Fe?* per formula unit. (Note that the “average” 
charge on iron works out to be §+, which is equal to the oxidation state we 
determined above.) Noninteger oxidation states should not intimidate you. 
They serve the same purpose as integer oxidation states—for keeping track of 
electrons. 


The Characteristics of Oxidation—Reduction Reactions 


Oxidation-reduction reactions are characterized by a transfer of electrons. In 
some cases the transfer occurs in a literal sense to form ions, such as in this 
reaction: 


2Na(s) + Clo(g) ——> 2NaCl(s) 


However, sometimes the transfer occurs in a more formal sense, such as in the 
combustion of methane (the oxidation state for each atom is given): 


CHa4(g) + 202(g) —> CO2(g) + 2H2O0(g) 


Oxidation ft \ t ji © US ess 
state: —4 +1 0 4 2, sr il = 
(each H) (each O) (each H) 


Note that the oxidation state of oxygen in QO) is 0 because it is in elemental 
form. In this reaction there are no ionic compounds, but we can still describe 
the process in terms of a transfer of electrons. Note that carbon undergoes a 
change in oxidation state from —4 in CH, to +4 in CO. Such a change can be 
accounted for by a loss of eight electrons (the symbol e~ stands for an 
electron): 


CH, ===> CO, + 8e7 


t t 
-4 +4 


On the other hand, each oxygen changes from an oxidation state of 0 in O, to 


—2 in H,O and CO), signifying a gain of two electrons per atom. Since four 
oxygen atoms are involved, this is a gain of eight electrons: 


20, + 8e° — > CO, + 2H,O 
7 K Zz 
0 4(-2) = -8 
No change occurs in the oxidation state of hydrogen, so it is not formally in- 
volved in the electron transfer process. 
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Oxidation is an increase in oxidation 
state. Reduction is a decrease in oxi- 
dation state. 


A helpful mnemonic device is OIL RIG 
(Oxidation /nvolves Loss; Reduction 
Involves Gain). 


An oxidizing agent is reduced and a 
reducing agent is oxidized in a redox 
reaction. 


With this background, we can now define some important terms. Oxida- 
tion is an increase in oxidation state (a loss of electrons). Reduction is a de- 
crease in oxidation state (a gain of electrons). Thus in the reaction 


2Na(s) + Cl(g) ——> 2NaCl(s) 
t t fe yet 
0 0) Laat 
sodium is oxidized and chlorine is reduced. In addition, Cl, is called the oxidiz- 
ing agent (electron acceptor), and Na is called the reducing agent (electron 
donor). These concepts are summarized in Fig. 4.20. 
Concerning the reaction 
CHa4(g) + 202(g) —~ CO2(g) + 2H2O(g) 
_ t pm f ORS 
=4 =r 0 +4 2 lr 2 
we can say the following: 


Carbon is oxidized because there is an increase in its oxidation state (carbon 
has formally lost electrons). 

Oxygen is reduced as shown by the decrease in its oxidation state (oxygen has 
formally gained electrons). 

CH, is the reducing agent. 

O, is the oxidizing agent. 

Note that when the oxidizing or reducing agent is named, the whole compound 

is specified, not just the element that undergoes the change in oxidation state. 
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Balancing Oxidation—Reduction Equations 


Oxidation-reduction reactions are often complicated, which means that it can 
be difficult to balance their equations by simple inspection. Two methods for 
balancing redox reactions will be considered here: (1) the oxidation states 
method and (2) the half-reaction method. 


The Oxidation States Method 


Methanol (CH3OH) is used as a fuel in high-performance engines such as those 
in the race cars in the Indianapolis 500. The unbalanced combustion reaction is 


CH30H(/) + O2(g) —~ COz(g) + H20(g) 


We want to balance this equation by using the changes in oxidation state, so 
we must first specify all oxidation states. The only molecule here that we have 
not previously considered is CH;OH. We assign oxidation states of +1 to each 
hydrogen and —2 to the oxygen, which means that the oxidation state of the 
carbon must be —2, since the compound is electrically neutral. Thus the oxida- 
tion states for the reaction participants are as follows: 


Val ft t fet t 
= =2, +1 0 +4 | —?2, 
+] =H! aml 
(each H) (each O) (each H) 


Note that the oxidation state of carbon changes from —2 to +4, an increase of 
6. On the other hand, the oxidation state of oxygen changes from 0 to —2, a 
decrease of 2. This means that three oxygen atoms are needed to balance the 
increase in the oxidation state of the single carbon atom. We can write this 
relationship as follows: 


CH3QOH(/) + 30,(g) —> products 
t t 


| carbon atom 3 oxygen atoms 
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The rest of the equation can be balanced by inspection: 
CH3OH(I) + 302(g) —> CO3(g) + 2H,O(g) 
We then write it in conventional format (multiply through by 2): 
2CH30OH(/) + 302(g) —> 2CO (g) + 4H20(g) 


In using the oxidation states method to balance an oxidation-reduction 
equation, we find the coefficients for the reactants that will make the total in- 
crease in oxidation state balance the total decrease. The remainder of the equa- 
tion is then balanced by inspection. 


EXAMPLE 4.14 


Because metals are so reactive, very few are found in pure form in nature. Met- 
allurgy involves reducing the metal ions in ores to the elemental form. The 
production of manganese from the ore pyrolusite, which contains MnQ), uses 
aluminum as the reducing agent. Using oxidation states, balance the equation 
for this process. 


MnO,(s) + Al(s) ——> Mn(s) + AlL,O;(s) 
Solution First, we assign oxidation states: 


MnO,(s) + Al(s) ——> Mn(s) + Al,O;3(s) 

Zee ol t t {i = SBS 

+4 —2 0 0 +3 =! 
(each O) (each Al) (each O) 


Each Mn atom undergoes a decrease in oxidation state of 4 (from +4 to 0), 
whereas each Al atom undergoes an increase of 3 (from 0 to +3). 

Thus we need three Mn atoms for every four Al atoms to balance the in- 
crease and decrease in oxidation states: 


Increase = 4(3) = decrease = 3(4) 
3MnO;(s) + 4Al(s) —— products 


We balance the rest of the equation by inspection: 


3MnO,(s) + 4Al(s) ——> 3Mn(s) + 2Al,O3(s) 


The procedures for balancing an oxidation-reduction equation by the oxi- 
dation states method are summarized below. 


Balancing an Oxidation-Reduction Equation by the Oxidation 
States Method 


1 Assign the oxidation states of all atoms. 

2 Decide which element is oxidized, and determine the increase in oxidation 
state. 

3 Decide which element is reduced, and determine the decrease in oxidation 
state. 


4 Choose coefficients for the species containing the atom oxidized and the 
atom reduced such that the total increase in oxidation state equals the total 
decrease in oxidation state. 


5 Balance the remainder of the equation by inspection. 
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The Half-Reaction Method 


For oxidation-reduction reactions that occur in aqueous solution, it is often use- 
ful to separate the reaction into two half-reactions: one involving oxidation and 
the other involving reduction. For example, consider the unbalanced equation 
for the oxidation—-reduction reaction between cerium(IV) ion and tin(II) ion: 


Ce**(aq) + Sn?*(aq) ——> Ce?*(aq) + Sn**(aq) 


This reaction can be separated into a half-reaction involving the substance be- 
ing reduced, 


Ce** (aq) ——> Ce**(aq) 
and one involving the substance being oxidized, 
Sn?*(aq) ——> Sn**(aq) 


The general procedure is to balance the equations for the half-reactions sepa- 
rately and then to add them to obtain the overall balanced equation. The half- 
reaction method for balancing oxidation-reduction equations differs slightly 
depending on whether the reaction takes place in acidic or basic solution. 


Balancing Oxidation-Reduction Equations Occurring in Acidic Solution 
by the Half-Reaction Method 


1 Write the equations for the oxidation and reduction half-reactions. 


2 For each half-reaction: 
¢ Balance all the elements except hydrogen and oxygen. 
e Balance oxygen using HO. 
¢ Balance hydrogen using H*. 
e Balance the charge using electrons. 
3 If necessary, multiply one or both balanced half-reactions by integers to 
equalize the number of electrons transferred in the two half-reactions. 


4 Add the half-reactions, and cancel identical species. 


5 Check to be sure that the elements and charges balance. 


These steps are summarized by the following flowchart: 






Balancing order 
a. Elements (except H,O) 
b. Oxygen (use H,O) 
c. Hydrogen (use H*) 
d. Charge (use electrons) 








Balance Balance 







Equalize electrons 
transferred 


Equalize electrons 
transferred 





Cancel identical species 
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We will illustrate this method by balancing the equation for the reaction 
between permanganate and iron(II) ions in acidic solution: 


MnO, (aq) + Fe**(aq) ee. Fe3*(aq) + Mn**(aq) 


This reaction is used to analyze iron ore for its iron content. 


1. Identify and write equations for the half-reactions. 


The oxidation states for the half-reaction involving the permanganate ion 
show that manganese is reduced: 


MnOye —— > Mn2* 


(epee t 
7 2 (each O) +2 


This is the reduction half-reaction. The other half-reaction involves the 
oxidation of iron(II) to iron(II) ion and is the oxidation half-reaction: 


Fe?* ——> Fe?* 


t t 
+2. +3 


2. Balance each half-reaction. 


For the reduction reaction, we have 
MnO," (aq) —> Mn’**(aq) 
a. The manganese is balanced. 
b. We balance oxygen by adding 4H;O to the right side of the equation: 
MnO, (aq) —> Mn?**(aq) + 4H20(/) 
c. Next, we balance hydrogen by adding 8H* to the left side: 
8H* (aq) + MnO, (aq) —> Mn?**(aq) + 4H20(1) 


d. All the elements have been balanced, but we need to balance the charge 
by using electrons. At this point we have the following charges for re- 
actants and products in the reduction half-reaction: 


8H*(aq) + MnO, (aq) —~> Mn?**(aq) + 4H2O(1) 





We can equalize the charges by adding five electrons to the left side: 
Se~ + 8H*(aq) + MnO," (aq) —> Mn?*(aq) + 4H20(/) 


2+ 2+ 











Both the elements and the charges are now balanced, so this represents 
the balanced reduction half-reaction. The fact that five electrons ap- 
pear on the reactant side of the equation makes sense, since five elec- 
trons are required to reduce MnO, (in which Mn has an oxidation 
state of +7) to Mn?* (in which Mn has an oxidation state of +2). 


For the oxidation reaction, 
Fe?* (aq) —— Fe?*(aq) 


the elements are balanced, and we must simply balance the charge: 








Fe**(aq) —> Fe?*(aq) 
24 3+ 
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The number of electrons gained in the 
reduction half-reaction must equal the 
number of electrons lost in the oxida- 


tion half-reaction. 





a. 


One electron is needed on the right side to give a net 2+ charge on both 
sides: 


Fe**(aq) —— Fe?*(aq) + e7 
24 Dict 





Equalize the electron transfer in the two half-reactions. 


Since the reduction half-reaction involves a transfer of five electrons and 
the oxidation half-reaction involves a transfer of only one electron, the 
oxidation half-reaction must be multiplied by S: 


SFe*+ (aq) ——> 5Fe**(aq) + Se7 


Add the half-reactions. 


The half-reactions are added to give 


Se” + SFe**(aq) + MnO, (aq) + 8H* (aq) 
——> 5Fe?* (ag) + Mn**(aq) + 4H,0() + Se- 


Note that the electrons cancel (as they must) to give the final balanced 
equation: 


SFe?*(aq) + MnO, (aq) + 8H*(aq) 
——> 5SFe3*(aq) + Mn?*(aq) + 4H,O(I) 


Check that the elements and charges balance. 


Elements balance: 5 Fe, 1 Mn, 4 O, 8H ——> 5 Fe, 1 Mn, 4 O, 8H 
Charges balance: S5(2+) (1—) = 81+) = 17+ 
—> §(3+) + (2+)+0=17+ 


The equation is balanced. 


Oxidation-reduction reactions can occur in basic as well as in acidic solu- 


tions. The half-reaction method for balancing equations is slightly different in 
such cases. 


Balancing Oxidation—Reduction Equations Occurring in Basic Solution 
by the Half-Reaction Method 


1 Use the half-reaction method as specified for acidic solutions to obtain the 


final balanced equation as if H* ions were present. 


2 To both sides of the equation obtained by the procedure in Step 1, add the 


number of OH™ ions that is equal to the number of H* ions. (We want to 
eliminate H* by forming HO.) 
3 Form H;0 on the side containing both H* and OH~ ions, and eliminate 
the number of H,O molecules that appear on both sides of the equation. 
4 Check that the elements and charges balance. 
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This method is summarized by the following flowchart: 







Balancing order 
a. Elements (except H,O) 
b. Oxygen (use H,O) 
c. Hydrogen (use H*) 
d. Charge (use electrons) 








Balance Balance 








Equalize electrons Equalize electrons 


transferred 








transferred 


Cancel identical species 


Add OH to both sides 
of equation (equal to H*) 


Eliminate number of H,O 
appearing on both sides 


WWL INTERACTIVE EXAMPLE 4.15 


Silver is sometimes found in nature as large nuggets; more often it is found 
mixed with other metals and their ores. Cyanide ion is often used to extract the 
silver by the following reaction that occurs in basic solution: 


Basic 


Ag(s) + CN7(aq) + O2(g) ———> Ag(CN)2 (aq) 


Balance this equation by using the half-reaction method. 


Solution 


1. Balance the equation as if H* ions were present. 


Balance the oxidation half-reaction: 

CN (aq) + Ag(s) —> Ag(CN)2 (aq) 
Balance carbon and nitrogen: 

2CN (aq) + Ag(s) —— Ag(CN)2 (aq) 
Balance the charge: 


2CN (aq) + Ag(s) ——> Ag(CN) 2 (aq) + e7 
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Balance the reduction half-reaction: 
O12 
Balance oxygen: 
O2x(g) —> 2H20(/) 
Balance hydrogen: 
On(g) + 4H* (aq) —> 2H20(/) 
Balance the charge: 
4e- + O,(g) + 4H* (aq) —> 2H)O(/) 
Multiply the balanced oxidation half-reaction by 4: 
8CN (aq) + 4Ag(s) ——> 4Ag(CN)2 (aq) + 4e7 


Add the half-reactions, and cancel identical species: 


Oxidation half-reaction: 
8CN-(aq) + 4Ag(s) —~ 4Ag(CN)2 (aq) + 4e7 

Reduction half-reaction: 

4e~— + On(g) + 4H* (aq) —~ 2H,O0(/) 

8CN~(aq) + 4Ag(s) + O2(g) + 4H* (aq) —~> 4Ag(CN)2 (aq) + 2H2O(/) 
2. Add OH7 ions to both sides of the balanced equation. 

We need to add 4OH “to each side: 

8CN (aq) + 4Ag(s) + Oo(g) + 4H* (aq) + 40H (aq) 

4H,O(/) 


—> 4Ag(CN)2~(aq) + 2H,O(I) + 40H-(aq) 


3. Eliminate as many H,O molecules as possible. 


8CN (aq) + 4Ag(s) + Or(g) + 2H,O(/) —~ 4Ag(CN)2 (aq) + 40H (aq) 





4. Check that elements and charges balance. 


@WWL INTERACTIVE EXAMPLE 4.16 


Cerium(IV) ion is a strong oxidizing agent that accepts one electron to produce 
cerium(III) ion: 


Ce** (aq) + e ——> Ce3*(aq) 


A solution containing an unknown concentration of Sn2* ions was titrated with 
a solution containing Ce** ions, which oxidize the Sn2* ions to Sn** ions. In one 
titration, 1.00 L of the unknown solution required 46.45 mL of a 0.1050 M 
Ce** solution to reach the stoichiometric point. Calculate the concentration of 
Sn’* ions in the unknown solution. 


Solution 


w What are we trying to solve? 


We are asked to determine the concentration of 1.00 L of a solution of Sn2+ 
required to react with a given volume and molarity of a Ce** solution. 
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ma What does this mean? 


The Sn** and Ce** react with each other, so we need to use a balanced equa- 
tion to determine the mole ratio between the two reactants. From the volume 
and molarity of the Ce** solution, we can determine the number of moles that, 
using the balanced equation, can be converted to moles of the Sn** solution. 
With moles and volume of Sn?*, we can compute the concentration in terms of 
molarity. 

The unbalanced equation for the titration reaction is 


Ce** (aq) + Sn?*(aq) ——> Ce*(aq) + Sn**(aq) 
The balanced equation is 
2Ce** (aq) + Sn**(aq) —~ 2Ce3+(aq) + Sn** (aq) 


We can obtain the number of moles of Ce4** ions from the volume and 
molarity of the Ce** solution used as the titrant: 
i eal 0.1050 mol Ce** 


46.45 mL X x Sy 100. ae 
m fOOGAAL 7 4.877 X 10°’ mol Ce 





The number of moles of Sn?* ions can be obtained by applying the appropriate 
mole ratio from the balanced equation: 


1 mol Sn?* 


pea Celt = 2.439 x 105° molSn-” 


A877. <0. mol Ce** < 





This value represents the quantity of Sn?* ions in 1.00 L of solution. Thus the 
concentration of Sn** in the unknown solution is 

mol Sn** AS 105° molSn-* 
L solution OO L 








Molarity = =2.44 x 10°? M 
w Is the answer reasonable? 


The volume of the Sn** solution is much greater (factor of ~20) than the vol- 
ume of the Ce** solution. It makes sense that the concentration of the Sn2* 
solution is much lower than the concentration of the Ce** solution. 





4.12 | 


Simple Oxidation-—Reduction Titrations 


Oxidation—-reduction reactions are commonly used as a basis for volumetric ana- 
lytical procedures. For example, a reducing substance can be titrated with a solu- 
tion of a strong oxidizing agent, or vice versa. Three of the most frequently used 
oxidizing agents are aqueous solutions of potassium permanganate (KMnQO,), 
potassium dichromate (KyCr2O7), and cerium hydrogen sulfate |Ce(HSO,)a]. 

The strong oxidizing agent, the permanganate ion (MnQO,_), can undergo 
several different reactions. The reaction that occurs in acidic solution is the one 
most commonly used: 


MnO, (aq) + 8H*(aq) + Se~ —> Mn?**(aq) + 4H2O(/) 


Permanganate has the advantage of being its own indicator—the MnO,_ ion is 
intensely purple, and the Mn?* ion is almost colorless. As long as some reduc- 
ing agent remains in the solution being titrated, the solution remains colorless 
(assuming all other species present are colorless), since the purple MnO,” ion 
being added is converted to the essentially colorless Mn** ion. However, when 
all the reducing agent has been consumed, the next drop of permanganate ti- 
trant will turn the solution being titrated light purple (pink). Thus the endpoint 
(where the color change indicates the titration should stop) occurs approxi- 
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mately one drop beyond the stoichiometric point (the actual! point at which all 
the reducing agent has been consumed). 
Example 4.17 describes a typical volumetric analysis using permanganate. 





| EXAMPLE 4.17 
Iron ores often involve a mixture of oxides and contain both Fe** and Fe?* 
ions. Such an ore can be analyzed for its iron content by dissolving it in acidic 
solution, reducing all the iron to Fe** ions, and then titrating with a standard 
solution of potassium permanganate. In the resulting solution, MnO,7 is re- 
duced to Mn?2*, and Fe** is oxidized to Fe**. A sample of iron ore weighing 
0.3500 g was dissolved in acidic solution, and all the iron was reduced to Fe**. 

Then the solution was titrated with a 1.621 X 10°? M KMnO, solution. The 

titration required 41.56 mL of the permanganate solution to reach the light 

purple (pink) endpoint. Determine the mass percent of iron in the iron ore. 





Solution 

w What are we trying to solve? 

We are asked to determine the mass percent of iron in an iron ore. 
a What does this mean? 


mass of iron 
Mass percent of iron = x 100% 
mass of iron ore 





We know that the mass of the mixture is 0.3500 g, so we change the question 
to “What is the mass of the iron?” 

All of the iron metal is converted to Fe**, which is reacted with a known 
volume and molarity of MnO,~. From volume and molarity we can get moles, 
and by using the mole ratio in a balanced equation, we can determine the 
moles of iron. We convert from moles to mass using the atomic mass of iron. 

From the problem it is obvious that this is a redox reaction, so we will need 
to balance the equation accordingly. 

First, we write the unbalanced equation for the reaction: 


H*(aq) + MnO, (aq) + Fe?*(aq) ——> Fe**(aq) + Mn?*(aq) + H:O(I) 
Using the half-reaction method, we balance the equation: 
8H*(aq) + MnO," (aq) + SFe**(aq) —~ SFe3*(aq) + Mn?*(aq) + 4H,O(I) 
The number of moles of MnO,~ ion required in the titration is found from the 
volume and concentration of permanganate solution used: 

ileal ‘ 1.621 X 10°? mol MnO,7 
1000 mL iB 

= 6.737 X 107* mol MnO,7 

The balanced equation shows that five times as much Fe?* as MnO," is required: 


6.737, X07 nol MnO Xn ee 0 ee 
1 mol MnO, 
Thus the 0.3500-g sample of iron ore contained 3.368 X 10-3 mol of iron. The 
mass of iron present is 


41.56 mL Xx 








30.00 @ Fe 
1 mol Fe 


The mass percent of iron in the iron ore is 


0.1881 ¢ 
0.3500 ¢ 


3.368 X 1073 mol Fe Xx = 0.1681 ¢ Fe 


x 100% = 53.74% 
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Key Terms For Review 
aqueous solutions OWL anc Fe) Chemistry 
Section 4.1 Sign in at www.cengage.com/ow/l to: 
polar molecule ¢ View tutorials and simulations, develop problem-solving skills, and complete online homework 
hy dration assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
Section 4.2 (or purchase them at www.cengagebrain.com) 
solute ; ; , ; . : 
Rnbvent Chemical reactions in solution are very important in everyday life. 


electrical conductivity 
strong electrolyte 
weak electrolyte 
nonelectrolyte 
solubility 

acid 

strong acid 

strong base 

weak acid 

weak base 


Section 4.3 
molarity 
standard solution 
dilution 


Section 4.5 
precipitation reaction 
precipitate 

Section 4.6 

molecular equation 
complete ionic equation 
spectator ion 

net ionic equation 


Section 4.7 
selective precipitation 
qualitative analysis 


Section 4.9 

neutralization reaction 

volumetric analysis 

titrant 

equivalence (stoichiometric) 
point 

indicator, endpoint 

Section 4.10 

oxidation-reduction (redox) 
reaction 

oxidation state (oxidation 
number) 

oxidation 

reduction 

oxidizing agent (electron 
acceptor) 


reducing agent (electron donor) 


Section 4.11 
half-reaction 





Water is a polar solvent that dissolves many ionic and polar substances. 
= Many ionic substances dissolve in water, although solubility varies greatly. 
= Many polar substances dissolve in water. 


Electrolytes 

# Strong electrolyte: 100% dissociated to produce separate ions; strongly 
conducts an electric current 

a Weak electrolyte: Only a small percentage of dissolved molecules pro- 
duce ions; weakly conducts an electric current 

# Nonelectrolyte: Dissolved substance produces no ions; does not con- 
duct an electric current 


Acids and bases 
a Arrhenius model 
a Acid: produces H* 
a Base: produces OH™ 
a Bronsted—Lowry model 
a Acid: proton donor 
= Base: proton acceptor 
Strong acid: completely dissociates into separated H* and anions 
Strong base: completely dissociates into separated OH™ and cation 
Weak acid: dissociates to a slight extent 
Weak base: results in a solution that is a weak electrolyte and contains 
OH7 ions 
Molarity 
a One way to describe solution composition 


moles of solute 





Se oe le volume of solution (L) 


s Standard solution: Molarity is accurately known. 


Dilution 

a Solvent is added to reduce the molarity. 

a Moles of solute after dilution = moles of solute before dilution 
a M, Vi — MoV> 


Types of equations that describe solution reactions 

s Molecular equation: All reactants and products are written as com- 
plete formulas. 

= Complete ionic equation: All reactants and products that are strong 
electrolytes are written as separate ions. 

a Net ionic equation: Only those compounds that undergo a change are 
written; spectator ions are not included. 


Solubility rules 
a Based on experiment observation 
= Help predict the outcomes of precipitation reactions 


Qualitative analysis 
a A mixture of ions can be separated by selective precipitation 
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Titrations 


tron flow 


a litrations 





Discussion Questions 


Important types of solution reactions 

a Acid—base reactions: involve a transfer of H* ions 

= Precipitation reactions: formation of a solid occurs 

= Oxidation—reduction reactions: involve electron transfer 


= Measures the volume of a standard solution (titrant) needed to react 
with a substance in solution 

= Stoichiometric (equivalence) point: the point at which the required 
amount of titrant has been added to exactly react with the substance 
being analyzed 

= Endpoint: the point at which a chemical indicator changes color 


Oxidation-reduction reactions 
= Oxidation states are assigned using a set of rules to keep track of elec- 


Oxidation: increase in oxidation state (a loss of electrons) 
Reduction: decrease in oxidation state (a gain of electrons) 
Oxidizing agent: gains electrons (is reduced) 
Reducing agent: loses electrons (is oxidized) 
Balancing oxidation—reduction reactions: 
a Oxidation state method 
a Half-reaction method 
a In acidic solutions 
a In basic solutions 
= Can be used for volumetric analytical procedures 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


il, 


Assume you have a highly magnified view of a solution 
of HCI that allows you to “see” the HCI. Draw this mag- 
nified view. If you dropped in a piece of magnesium, the 
magnesium would disappear, and hydrogen gas would 
be released. Represent this change using symbols for the 
elements, and write out the balanced equation. 


. You have a solution of table salt in water. What happens 


to the salt concentration (increases, decreases, or stays 
the same) as the solution boils? Draw pictures to explain 
your answer. 


. You have a sugar solution (solution A) with concentra- 


tion x. You pour one-third of this solution into a beaker 

and add an equivalent volume of water (solution B). 

a. What is the ratio of sugar in solutions A and B? 

b. Compare the volumes of solutions A and B. 

c. What is the ratio of the concentrations of sugar in 
solutions A and B? 


. You add an aqueous solution of lead nitrate to an aque- 


ous solution of potassium iodide. Draw highly magnified 
views of each solution individually and the mixed solu- 
tion, including any product that forms. Write the bal- 
anced equation for the reaction. 


5. You need to make 150.0 mL of a 0.10 M NaCl solution. 


You have solid NaCl and your lab partner has a 2.5 M 
NaCl solution. Explain how you each make the 0.10 M 
NaCl solution. 


. The exposed electrodes of a light bulb are placed in a 


solution of H SO, in an electrical circuit such that the 
light bulb is glowing. You add a dilute salt solution, and 
the bulb dims. Which of the following could be the salt 
in the solution? 

a. Ba(NO3)> Cc. K,SOx4 

b. NaNO, d. Ca(NQO3)> 


Justify your choices. For those you did not choose, ex- 
plain why they are incorrect. 


. You have two solutions of chemical A. To determine 


which has the highest concentration of A (molarity), 
which of the following must you know (there may be 
more than one answer)? 

a. the mass in grams of A in each solution 

b. the molar mass of A 

c. the volume of water added to each solution 

d. the total volume of the solution 


Explain. 


8. Which of the following must be known to calculate the 
molarity of a salt solution (there may be more than one 
answer)? 

a. the mass of salt added 

b. the molar mass of the salt 

c. the volume of water added 

d. the total volume of the solution 


Explain. 


Exercises 
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9. Consider separate aqueous solutions of HCl and H,SOx,, 
each with the same molar concentration. An aqueous so- 
lution of NaOH is added to each solution to neutralize 
the acid. Which acid solution requires the largest volume 
of NaOH solution to react completely with the acid 
present? Explain. 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Aqueous Solutions: Strong and Weak Electrolytes 


10. Characterize strong electrolytes versus weak electrolytes 
versus nonelectrolytes. Give examples of each. How do 
you experimentally determine whether a soluble sub- 
stance is a strong electrolyte, weak electrolyte, or 
nonelectrolyte. 


{1. The figures below are molecular-level representations of 
four aqueous solutions of the same solute. Arrange the 
solutions from most to least concentrated. 





| 


eee <e> 
Solution A (1.0 L) Solution B (4.0 L) Solution C (2.0 L) Solution 





(2.0 L) 


12. Which of the following statements is (are) true? Correct 

the false statements. 

a. A concentrated solution in water will always contain 
a strong or weak electrolyte. 

b. A strong electrolyte will break up into ions when 
dissolved in water. 

c. An acid is a strong electrolyte. 

d. All ionic compounds are strong electrolytes in water. 


13. Differentiate between what happens when the following 
are dissolved in water. 
a. polar solute versus nonpolar solute 
b. KF versus CgH120¢ 
c. RbCl versus AgCl 
d. HNO; versus CO 


14. Commercial cold packs and hot packs are available for 
treating athletic injuries. Both types contain a pouch of 
water and a dry chemical. When the pack is struck, the 
pouch of water breaks, dissolving the chemical, and the 
solution becomes either hot or cold. Many hot packs use 
magnesium sulfate, and many cold packs use ammonium 
nitrate. Write reaction equations to show how these 
strong electrolytes break apart in water. 





. Match each name below with the following microscopic 
pictures of that compound in aqueous solution. 





a. barium nitrate 
b. sodium chloride 


c. potassium carbonate 
d. magnesium sulfate 


Solution Concentration: Molarity 


16. A solution of ethanol (C;H;OH) in water is prepared by 
dissolving 75.0 mL of ethanol (density = 0.79 g/cm?) in 
enough water to make 250.0 mL of solution. What is the 
molarity of the ethanol in this solution? 


17. Describe how you would prepare 2.00 L of each of the 
following solutions. 
a. 0.250 M NaOH from solid NaOH 
b. 0.250 M NaOH from 1.00 M NaOH stock solution 
c. 0.100 M K,CrO, from solid K,CrO,4 
d. 0.100 M K,CrO, from 1.75 M K,CrOy, stock 
solution 


18. How would you prepare 1.00 L of a 0.50 M solution of 
each of the following? 
a. H,SO,4 from “concentrated” (18 M) sulfuric acid 
b. HCl from “concentrated” (12 M) reagent 
c. NiCl, from the salt NiCh - 6H,O 
d. HNO; from “concentrated” (16 M) reagent 
e. Sodium carbonate from the pure solid 


19. What mass of NaOH is contained in 250.0 mL of a 
0.400 M sodium hydroxide solution? 


20. If 10. g of AgNO; is available, what volume of 0.25 M 
AgNO; solution can be prepared? 


21. Which of the following solutions of strong electrolytes 
contains the largest number of moles of chloride ions: 
100.0 mL of 0.30 M AICI, 50.0 mL of 0.60 M MgCh, 
or 200.0 mL of 0.40 M NaCl? 


22. Calculate the concentration of all ions present in each of 
the following solutions of strong electrolytes. 
a. 0.100 mole of Ca(NO3), in 100.0 mL of solution 
b. 2.5 moles of Na SO, in 1.25 L of solution 
c. 5.00 g of NH,Cl in 500.0 mL of solution 
d. 1.00 g of K;PO4 in 250.0 mL of solution 


140 


23% 


24. 


py 


26. 


27 


28. 


Chapter 4 Types of Chemical Reactions and Solution Stoichiometry 


Calculate the sodium ion concentration when 70.0 mL 
of 3.0 M sodium carbonate is added to 30.0 mL of 1.0 M 
sodium bicarbonate. 


A solution is prepared by dissolving 25.0 g of ammonium 
sulfate in enough water to make 100.0 mL of stock solu- 
tion. A 10.00-mL sample of this stock solution is added 
to 50.00 mL of water. Calculate the concentration of am- 
monium ions and sulfate ions in the final solution. 


A standard solution is prepared for the analysis of 
fluoxymesterone (Cj 9H 9FO3), an anabolic steroid. A 
stock solution is first prepared by dissolving 10.0 mg of 
fluoxymesterone in enough water to give a total volume of 
500.0 mL. A 100.0-L aliquot (portion) of this solution is 
diluted to a final volume of 100.0 mL. Calculate the con- 
centration of the final solution in terms of molarity. 


A stock solution containing Mn?* ions is prepared by 
dissolving 1.584 g of pure manganese metal in nitric acid 
and diluting to a final volume of 1.000 L. The following 
solutions are prepared by dilution. 


For solution A, 50.00 mL of stock solution is diluted to 
1000.0 mL. 


For solution B, 10.00 mL of A is diluted to 250.0 mL. 
For solution C, 10.00 mL of B is diluted to 500.0 mL. 


Calculate the molar concentrations of the stock solution 
and solutions A, B, and C. 


The units of parts per million (ppm) and parts per billion 
(ppb) are commonly used by environmental chemists. In 
general, 1 ppm means 1 part of solute for every 10° parts 
of solution. (Both solute and solution are measured us- 
ing the same units.) Mathematically, by mass: 


_ pgsolute mg solute 





peo gsolution — kg solution 


In the case of very dilute aqueous solutions, a concentra- 
tion of 1.0 ppm is equal to 1.0 wg of solute per 1.0 mL 
of solution, which equals 1.0 g of solution. Parts per bil- 
lion is defined in a similar fashion. Calculate the molar- 
ity of each of the following aqueous solutions. 

a. 5.0 ppb Hg in H,O 

b. 1.0 ppb CHCl; in H,O 

c. 10.0 ppm As in H,O 


In the spectroscopic analysis of many substances, a series 
of standard solutions of known concentration are mea- 
sured to generate a calibration curve. How would you pre- 
pare standard solutions containing 10.0, 25.0, 50.0, 75.0, 
and 100. ppm of copper from a commercially produced 
1000.0-ppm solution? Assume each solution has a final 
volume of 100.0 mL. (See Exercise 27 for definitions.) 


Precipitation Reactions 


22% 


List the formulas of three soluble bromide salts and three 
insoluble bromide salts. Do the same exercise for sulfate 
salts, hydroxide salts, and phosphate salts (list three sol- 
uble salts and three insoluble salts). List the formulas for 
six insoluble Pb** salts and one soluble Pb?* salt. 


30. When 1.0 mole of solid lead nitrate is added to 2.0 moles 


Sule 


Dien 


Bion 


34. 


So: 





of aqueous potassium iodide, a yellow precipitate forms. 
After the precipitate settles to the bottom, does the solu- 
tion above the precipitate conduct electricity? Explain. 
Write the complete ionic equation to help you answer 
this question. 


When the following solutions are mixed together, what 
precipitate (if any) will form? 

a. Hgo(NO3)2(aq) + CuSO,4(aq) 

b. Ni(NO3)2(aq) + CaCl,(aq) 

c. K,CO3(aq) + Mgh(aq) 

d. Na,CrO,(aq) + AIBr3(aq) 

For the reactions in Exercise 31, write the balanced mo- 
lecular equation, complete ionic equation, and net ionic 
equation. If no precipitate forms, write “No reaction.” 


Write the balanced molecular, complete, and net ionic 
equations for the reaction, if any, that occurs when 
aqueous solutions of the following are mixed. 

. ammonium sulfate and barium nitrate 

. lead(II) nitrate and sodium chloride 

. sodium phosphate and potassium nitrate 

. sodium bromide and rubidium chloride 

. copper(II) chloride and sodium hydroxide 


oan of 


How would you separate the following ions in aqueous 
solution by selective precipitation? 

a Ae be ane Cre 

b, Ag’, Pb", and Cu” 

ce He** and Ne* 


Write the balanced molecular and net ionic equations for 
the reaction that occurs when the contents of the two 
beakers are added together. What colors represent the 
spectator ions in each reaction? 


-) Cu2* 
2so,7 
>Na™ 

es” 


rm) Co2* 
ecr 
3 Na* 
@OH” 
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40. 


41. 


42. 
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Give an example of how each of the following insoluble 
ionic compounds could be produced using a precipita- 
tion reaction. Write the balanced molecular equation for 
each reaction. 

a. Fe(OH)3(s) c. PbSOx,(s) 

b. HgClh(s) d. BaCrO,4(s) 


Separate samples of a solution of an unknown soluble 
ionic compound are treated with KCl, Na»$O,4, and 
NaOH. A precipitate forms only when Na»SO,j is added. 
Which cations could be present in the unknown soluble 
ionic compound? 


What volume of 0.100 M Na;PO, is required to precipi- 
tate all of the lead(II) ions from 150.0 mL of 0.250 M 
Pb(NO3)2? 

How many grams of silver chloride can be prepared by 
the reaction of 100.0 mL of 0.20 M silver nitrate with 
100.0 mL of 0.15 M calcium chloride? Calculate the 
concentrations of each ion remaining in solution after 
precipitation is complete. 


The following drawings represent aqueous solutions. So- 
lution A is 2.00 L of a 2.00 M aqueous solution of 
copper(II) nitrate. Solution B is 2.00 L of a 3.00 M aque- 
ous solution of potassium hydroxide. 





a. Draw a picture of the solution made by mixing solu- 
tions A and B together after the precipitation reac- 
tion takes place. Make sure this picture shows the 
correct relative volume compared with solutions A 
and B and the correct relative number of ions, along 
with the correct relative amount of solid formed. 

b. Determine the concentrations (in M) of all ions left 
in solution (from part a) and the mass of solid 
formed. 


What mass of Na»CrQ, is required to precipitate all of 
the silver ions from 75.0 mL of a 0.100 M solution of 
AgNO;? 

A 1.00-g sample of an alkaline earth metal chloride is 
treated with excess silver nitrate. All of the chloride is 
recovered as 1.38 g of silver chloride. Identify the metal. 


_ A mixture contains only NaCl and Al,(SO4)3. A 1.45-g 


sample of the mixture is dissolved in water, and an ex- 
cess of NaOH is added, producing a precipitate of 
Al(OH);. The precipitate is filtered, dried, and weighed. 
The mass of the precipitate is 0.107 g. What is the mass 
percent of Al,(SO4)3 in the sample? 

The thallium (present as Tl,SO4) in a 9.486-g pesticide 
sample was precipitated as thallium(I) iodide. Calculate 
the mass percent of Tl,$O, in the sample if 0.1824 g of 
TII was recovered. 


46. 


Af, 
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. Saccharin (C7HsNO3S) is sometimes dispensed in tablet 


form. Ten tablets with a total mass of 0.5894 g were dis- 
solved in water. This solution was then oxidized to con- 
vert all the sulfur to sulfate ion, which was precipitated 
by adding an excess of barium chloride solution. The 
mass of BaSO, obtained was 0.5032 g. What is the aver- 
age mass of saccharin per tablet? What is the average 
mass percent of saccharin in the tablets? 


Douglasite is a mineral with the formula 2KCI - FeCl - 
2H,O. Calculate the mass percent of douglasite in a 
455.0-mg sample if it took 37.20 mL of a 0.1000 M 
AgNO; solution to precipitate all the Cl” as AgCl. As- 
sume the douglasite is the only source of chloride ion. 


A 1.42-g sample of a pure compound with formula 
MSO, was dissolved in water and treated with an ex- 
cess of aqueous calcium chloride, resulting in the precipi- 
tation of all the sulfate ions as calcium sulfate. The pre- 
cipitate was collected, dried, and found to weigh 1.36 g. 
Determine the atomic mass of M and identify M. 


Acid-Base Reactions 


48. 


49, 


50. 


ye 


Write balanced equations (all three types) for the reac- 

tions that occur when the following aqueous solutions 

are mixed. 

a. ammonia (aqueous) and nitric acid 

b. barium hydroxide (aqueous) and hydrochloric acid 

c. perchloric acid [HC1O4(aq)| and solid iron(II) 
hydroxide 

d. solid silver hydroxide and hydrobromic acid 


What acid and what base would react in aqueous solu- 
tion so that the following salts appear as products in the 
molecular equation? Write the balanced molecular equa- 
tion for each reaction. 

a. potassium perchlorate 

b. cesium nitrate 

c. calcium iodide 


Carminic acid, a naturally occurring red pigment ex- 
tracted from the cochineal insect, contains only carbon, 
hydrogen, and oxygen. It was commonly used as a dye in 
the first half of the nineteenth century. It is 53.66% C 
and 4.09% H by mass. A titration required 18.02 mL of 
0.0406 M NaOH to neutralize 0.3602 g of carminic 
acid. Assuming that there is only one acidic hydrogen 
per molecule, what is the molecular formula of carminic 
acid? 


. What volume of each of the following acids will react 


completely with 50.00 mL of 0.100 M NaOH? 

. 0.100 M HCl 

. 0.100 M H,SO; (two acidic hydrogens) 

. 0.200 M H3POg, (three acidic hydrogens) 

. 0.150 M HNO; 

. 0.200 M HC3H3Q, (one acidic hydrogen) 

f. 0.300 M H2SO, (two acidic hydrogens) 

A 30.0-mL sample of an unknown strong base is neutral- 
ized after the addition of 12.0 mL of a 0.150 M HNO; 
solution. If the unknown base concentration is 0.0300 M, 
give some possible identities for the unknown base. 


oO OQ Oo 
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A student had 1.00 L of a 1.00 M acid solution. Much to 
the surprise of the student, it took 2.00 L of 1.00 M 
NaOH solution to react completely with the acid. Ex- 
plain why it took twice as much NaOH to react with all 
of the acid. 

In a different experiment, a student had 10.0 mL of 
0.020 M HCl. Again, much to the surprise of the stu- 
dent, it took only 5.00 mL of 0.020 M strong base to 
react completely with the HCl. Explain why it took only 
half as much strong base to react with all of the HCl. 


Sodium hydroxide solution is usually standardized by 
titrating a pure sample of potassium hydrogen phthalate 
(KHCgH,4QOq, often abbreviated KHP), an acid with one 
acidic hydrogen and a molar mass of 204.22 g/mol. It 
takes 34.67 mL of a sodium hydroxide solution to titrate 
a 0.1082-g sample of KHP. What is the molarity of the 
sodium hydroxide? 


A 0.500-L sample of H,SO, solution was analyzed by 
taking a 100.0-mL aliquot and adding 50.0 mL of 0.213 
M NaOH. After the reaction occurred, an excess of OH™ 
ions remained in the solution. The excess base required 
13.21 mL of 0.103 M HCI for neutralization. Calculate 
the molarity of the original sample of H,SO4. (Sulfuric 
acid has two acidic hydrogens.) 


What volume of 0.0521 M Ba(OH), is required to neu- 
tralize exactly 14.20 mL of 0.141 M H3PO,? Phosphoric 
acid contains three acidic hydrogens. 


A 10.00-mL sample of vinegar, an aqueous solution of 

acetic acid (HC,H;30,), is titrated with 0.5062 M NaOH, 

and 16.58 mL is required to reach the endpoint. 

a. What is the molarity of the acetic acid? 

b. If the density of the vinegar is 1.006 g/cm’, what is 
the mass percent of acetic acid in the vinegar? 


A student titrates an unknown amount of potassium hy- 
drogen phthalate (KHP) with 20.46 mL of a 0.1000 M 
NaOH solution. KHP (molar mass = 204.22 g/mol) has 
one acidic hydrogen. How many grams of KHP were ti- 
trated (reacted completely) by the sodium hydroxide 
solution? 


A student mixes four reagents together, thinking that the 
solutions will neutralize each other. The solutions mixed 
together are 50.0 mL of 0.100 M hydrochloric acid, 
100.0 mL of 0.200 M of nitric acid, 500.0 mL of 0.0100 
M calcium hydroxide, and 200.0 mL of 0.100 M rubid- 
ium hydroxide. Is the resulting solution neutral? If not, 
calculate the concentration of excess Ht or OH™ ions 
left in solution. 


A 50.00-mL sample of an ammonia solution is analyzed 
by titration with HCl. The reaction is 


NH,(aq) + H*+(aq) —» NH4*(aq) 


It took 39.47 mL of 0.0984 M HCI to titrate (react com- 
pletely with) the ammonia. What is the concentration of 
the original ammonia solution? 


Hydrochloric acid (75.0 mL of 0.250 M) is added to 
225.0 mL of 0.0550 M Ba(OH), solution. What is the 
concentration of the excess Ht or OH™ left in this 
solution? 
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A 2.20-g sample of an unknown acid (empirical formula 
= C3H,O;) is dissolved in 1.0 L of water. A titration re- 
quired 25.0 mL of 0.500 M NaOH to react completely 
with all the acid present. Assuming that the unknown 
acid has one acidic proton per molecule, what is the mo- 
lecular formula of the unknown acid? 


Oxidation—Reduction Reactions 
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Differentiate between the following terms. 

a. species reduced versus the reducing agent 

b. species oxidized versus the oxidizing agent 

c. oxidation state versus actual charge 

How do you balance redox reactions by the oxidation 
states method? 


Assign oxidation states to all atoms in each compound. 


a. KMnO, ff Fe304 
b. NiO, g. XeOF, 
c. K4Fe(CN)¢ (Fe only) h. SF, 
d. (NH,),HPO, ECO 
c. P4O¢ 1: CpH20¢ 
Assign oxidation states to all of the following atoms. 
a. UOy-s d. As4 g- NaiS,03 
b. As,O3 ee HAsO; h. Hg>Cl, 
Cc. NaBiO; fe Mg>P,O07 ie Ca(NO3)2 
. Assign oxidation states to all of the following atoms. 
a. SrCr,O7 g. PbSO; 
b. CuCl, h. PbO, 
Cc. O, ik NarC,04 
d. H,O, j. CO, 
e. MgCO; k. (NH4)2Ce(SO4)3 
f. Ag l. Cr,O3 


Tell which of the following are oxidation-reduction re- 
actions. For those that are, identify the oxidizing agent, 
the reducing agent, the substance being oxidized, and the 
substance being reduced. 
a. CH4(g) + 202(g) —> CO,(g) + 2H2O(g) 
b. Zn(s) + 2HCl(aq) —> ZnCl.(aq) + Ha(g) 
c. Cr,O7*- (aq) + 20H“ (aq) 

—> 2CrO2" (aq) + HO (I) 
. O3(g) + NO(g) —> O2(g) + NO2/(g) 
. 2CuCl(aq) —> CuCl,(aq) + Cu(s) 
. HCl(g) + NH3(g) —> NH,Cl(s) 
. SiCl,(2) + 2H,0(1) —>» 4HCl(aq) + SiO>(s) 
. SiCl4(/) + 2Mg(s) —> 2MgCl(s) + Si(s) 


Many oxidation—-reduction reactions can be balanced by 
inspection. Try to balance the following reactions by in- 
spection. In each reaction, identify the substance reduced 
and the substance oxidized. 

a. Al(s) + HCl(aq) —> AICl;(aq) + H2(g) 

b. CH4(g) + S(s) —+ CS,(1) + H2S(g) 

c. C3Hs(g) + O2(g) —> CO 2(g) + H,O(/) 

d. Cu(s) + Ag*(aq) —> Ag(s) + Cu?*(aq) 

Balance each of the following oxidation—-reduction reac- 
tions by using the oxidation states method. 

» CoHe(g) + O2(g) —> CO2(g) + H2O(g) 

. Mg(s) + HCl(aq) —> Mg?*(aq) + Cl-(aq) + Hy(g) 
. Cu(s) + Ag*(aq) —> Cu**(aq) + Ag(s) 

. Zn(s) + HySO4(aq) —> ZnSOx(aq) + Hy(g) 
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Balance the following oxidation-reduction reactions, 
which occur in acidic solution, using the half-reaction 
method. 
. Cu(s) + NO3" (aq) —> Cu*t(aq) + NO(g) 
. Cr.07? (aq) + Cl-(aq) —> Cr3+(aq) + Ch(g) 
. Pb(s) + PbO2(s) + H2SO4(aq) —> PbSO,(s) 
. Mn?**(aq) + NaBiO3(s) —> Bis*(aq) + MnO," (aq) 
. H3AsO,(aq) + Zn(s) —» AsH3(g) + Zn2*(aq) 
. As2O3(s) + NO; (aq) —> H;3AsO,(aq) + NO(g) 
. Br (aq) + MnOg- (aq) —> Br2(/) + Mn?**(aq) 
. CH;OH(aq) + Cr.O07*- (aq) 
—> CH)O(aq) + Cr>*(aq) 


Balance the following oxidation-reduction reactions, 
which occur in basic solution, using the half-reaction 
method. 

a. Al(s) + MnOg (aq) —~> MnO)/(s) + Al(OH)4~ (aq) 
b. Cl(g) —~ Cl (aq) + ClO (aq) 

c. NO. (aq) + Al(s) —> NH3;(g) + AlO. (aq) 

d. MnO, (aq) + S?-(aq) —~> MnS(s) + S(s) 

e. CN (aq) + MnO4 (aq) —> CNO“(aq) + MnO,(s) 


STM moan Ss 


. Balance the following equations by the half-reaction 


method. 

a. Fe(s) + HCl(aq) ——> HFeCl,(aq) + Haig) 
b. IO3> (aq) + I" (aq) belt I; (aq) 

c. Cr(NCS)¢* (aq) + Ce** (aq) 


Acidic % 
Ce (ag) +.Ce ‘(aq) 4, NO; (aq) 
+ CO2(g) + SO4?- (aq) 


d. Crl3(s) + Ch(g) 
Pe GO. (aah 10, eqh Cl (aq) 
e. Fe(CN)¢*" (aq) + Ce** (aq) 


Basic 


—— Ce(OH);(s) + Fe(OH)3(s) + CO327 (aq) 
+ NOs (aq) 

One of the classic methods for the determination of the 
manganese content in steel involves converting all the 
manganese to the deeply colored permanganate ion and 
then measuring the absorption of light. The steel is first 
dissolved in nitric acid, producing the manganese(II) ion 
and nitrogen dioxide gas. This solution is then reacted 
with an acidic solution containing periodate ion; the 
products are the permanganate and iodate ions. Write 
balanced chemical equations for both of these steps. 


_ A solution of permanganate is standardized by titration 


with oxalic acid (HyC,O,). It required 28.97 mL of the 

permanganate solution to react completely with 0.1058 g 

of oxalic acid. The unbalanced equation for the reaction is 
Acidic 

MnO, (aq) + HyC,O4(aq) ——> Mn?**(aq) + CO2(g) 

What is the molarity of the permanganate solution? 


A 50.00-mL sample of solution containing Fe?* ions is 
titrated with a 0.0216 M KMnO, solution. It required 


ay hr 
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20.62 mL of KMnQ,j solution to oxidize all the Fe** ions 
to Fe3* ions by the reaction 


Acidic 


MnO, (aq) + Fe** (aq) Mn?*(aq) + Fe**(aq) 


(Unbalanced) 
a. What was the concentration of Fe?* ions in the 
sample solution? 
b. What volume of 0.0150 M K,Cr.O7 solution would 
it take to do the same titration? The reaction is 


Acidic 
Cr,072-(aq) + Fe2* (aq) ——> Cr3+(aq) + Fe3* (aq) 


(Unbalanced) 


. The iron content of iron ore can be determined by titra- 


tion with a standard KMnQ, solution. The iron ore is 
dissolved in HCI, and all the iron is reduced to Fe** ions. 
This solution is then titrated with KMnQ, solution, pro- 
ducing Fe** and Mn?* ions in acidic solution. If it re- 
quired 38.37 mL of 0.0198 M KMnO,j to titrate a solu- 
tion made from 0.6128 g of iron ore, what is the mass 
percent of iron in the iron ore? 


The vanadium in a sample of ore is converted to VO?*. 
The VO?* ion is subsequently titrated with MnO, in 
acidic solution to form V(OH),4* and manganese(II) ion. 
To titrate the solution, 26.45 mL of 0.02250 M MnO,- 
was required. If the mass percent of vanadium in the ore 
was 58.1%, what was the mass of the ore sample? 


When hydrochloric acid reacts with magnesium metal, 
hydrogen gas and aqueous magnesium chloride are pro- 
duced. What volume of 5.0 M HCl is required to react 
completely with 3.00 g of magnesium? 


Triiodide ions are generated in solution by the following 
(unbalanced) reaction in acidic solution: 


103" (aq) + 1 (aq) ——> 13" (aq) 


Triiodide ion is determined by titration with a sodium 
thiosulfate (Na2$O3) solution. The products are iodide 
ion and tetrathionate ion (S4O,7). 

a. Balance the equation for the reaction of 1O;~ with 
I" ions. 

b. A sample of 0.6013 g of potassium iodate was dis- 
solved in water. Hydrochloric acid and solid potas- 
sium iodide were then added in excess. What is the 
minimum mass of solid KI and the minimum volume 
of 3.00 M HCI required to convert all of the 1037 
ions to I; ions? 

c. Write and balance the equation for the reaction of 
§,0;2~ with I;~ in acidic solution. 

d. A 25.00-mL sample of a 0.0100 M solution of KIO; 
is reacted with an excess of KI. It requires 32.04 mL 
of Na SO; solution to titrate the I;~ ions present. 
What is the molarity of the Na2S203 solution? 

e. How would you prepare 500.0 mL of the KIO; solu- 
tion in part d, using pure, dry KIO3? 
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A 230.-mL sample of a 0.275 M CaCl solution is left on 
a hot plate overnight; the following morning, the solu- 
tion is 1.10 M. What volume of water evaporated from 
the 0.275 M CaCl, solution? 


Using the general solubility rules given in Table 4.1, 
name three reagents that would form precipitates with 
each of the following ions in aqueous solution. Write the 
net ionic equation for each of your suggestions. 

a. chloride ion d. sulfate ion 

b. calcium ion e. mercury(I) ion, Hg)** 

c. iron(II) ion f. silver ion 


Consider a 1.50-g mixture of magnesium nitrate and 
magnesium chloride. After dissolving this mixture in wa- 
ter, 0.500 M silver nitrate is added dropwise until pre- 
cipitate formation is complete. This mass of the white 
precipitate formed is 0.641 g. 

a. Calculate the mass percent of magnesium chloride in 
the mixture. 

b. Determine the minimum volume of silver nitrate that 
must have been added to ensure complete formation 
of the precipitate. 

What mass of solid aluminum hydroxide can be pro- 

duced when 50.0 mL of 0.200 M Al(NO3)3 is added to 

200.0 mL of 0.100 M KOH? 


. In most of its ionic compounds, cobalt is either Co(II) or 


Co(II). One such compound, containing chloride ion and 
waters of hydration, was analyzed, and the following re- 
sults were obtained. A 0.256-g sample of the compound 
was dissolved in water, and excess silver nitrate was 
added. The silver chloride was filtered, dried, and weighed, 
and it had a mass of 0.308 g. A second sample of 0.416 g 
of the compound was dissolved in water, and an excess of 
sodium hydroxide was added. The hydroxide salt was fil- 
tered and heated in a flame, forming cobalt(III) oxide. The 
mass of the cobalt(III) oxide formed was 0.145 g. 
a. What is the percent composition, by mass, of the 
compound? 
b. Assuming the compound contains one cobalt ion per 
formula unit, what is the formula? 
c. Write balanced equations for the three reactions 


described. 


A mixture contains only NaCl and Fe(NO;)3. A 0.456-g 
sample of the mixture is dissolved in water, and an ex- 
cess of NaOH is added, producing a precipitate of 
Fe(OH);. The precipitate is filtered, dried, and weighed. 
Its mass is 0.107 g. Calculate the following. 

a. the mass of iron in the sample 

b. the mass of Fe(NO3); in the sample 

c. the mass percent of Fe(NO3); in the sample 


A mixture contains only sodium chloride and potassium 
chloride. A 0.1586-g sample of the mixture was dis- 
solved in water. It took 22.90 mL of 0.1000 M AgNO, 
to completely precipitate all the chloride present. What 
is the composition (by mass percent) of the mixture? 
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Tris(pentafluorophenyl)borane, commonly known by its 

acronym BARF, is frequently used to initiate polymer- 

ization of ethylene or propylene in the presence of a cata- 

lytic transition metal compound. It is composed solely of 

C, F, and B; it is 42.23% C and 55.66% F by mass. 

a. What is the empirical formula of BARF? 

b. A 2.251-g sample of BARF dissolved in 347.0 mL of 
solution produces a 0.01267 M solution. What is the 
molecular formula of BARF? 


A student added 50.0 mL of an NaOH solution to 100.0 
mL of 0.400 M HCI. The solution was then treated with 
an excess of aqueous chromium(III) nitrate, resulting in 
formation of 2.06 g of precipitate. Determine the con- 
centration of the NaOH solution. 


In a 1-L beaker, 203 mL of 0.307 M ammonium chro- 
mate was mixed with 137 mL of 0.269 M chromium(III) 
nitrite to produce ammonium nitrite and chromium(III) 
chromate. Write the balanced chemical equation for the 
reaction occurring here. If the percent yield of the reac- 
tion was 88.0%, how much chromium(III) chromate 
was isolated? 


It took 25.06 + 0.05 mL of a sodium hydroxide solution 
to titrate a 0.4016-g sample of KHP (see Exercise 54). 
Calculate the concentration and uncertainty in the con- 
centration of the sodium hydroxide solution. (See Appen- 
dix Section A1.5.) Neglect any uncertainty in the mass. 


You wish to prepare 1 L of a 0.02 M potassium iodate 
solution. You require that the final concentration be 
within 1% of 0.02 M and that the concentration must be 
known accurately to the fourth decimal place. How 
would you prepare this solution? Specify the glassware 
you would use, the accuracy needed for the balance, and 
the ranges of acceptable masses of KIO; that can be used. 


Citric acid, which can be obtained from lemon juice, has 
the molecular formula Cs5HsO>. A 0.250-g sample of citric 
acid dissolved in 25.0 mL of water requires 37.2 mL of 
0.105 M NaOH for complete neutralization. How many 
acidic hydrogens per molecule does citric acid have? 


Acetylsalicylic acid is the active ingredient in aspirin. It 
took 35.17 mL of 0.5065 M sodium hydroxide to react 
completely with 3.210 g of acetylsalicylic acid. Acetyl- 
salicylic acid has one acidic hydrogen. What is the molar 
mass of acetylsalicylic acid? 

When organic compounds containing sulfur are burned, 
sulfur dioxide is produced. The amount of SO, formed 
can be determined by reaction with hydrogen peroxide: 


H,02(aq) + SO2(g) —> H)SO,(aq) 


The resulting sulfuric acid is then titrated with a stan- 
dard NaOH solution. A 1.325-g sample of coal is burned 
and the SO) collected in a solution of hydrogen perox- 
ide. It took 28.44 mL of 0.1000 M NaOH to neutralize 
the resulting sulfuric acid. Calculate the mass percent of 
sulfur in the coal sample. Sulfuric acid has two acidic 
hydrogens. 
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The blood alcohol (C;HsOH) level can be determined by 
titrating a sample of blood plasma with an acidic potas- 
sium dichromate solution, resulting in the production of 
Cr3*(aq) and carbon dioxide. The reaction can be moni- 
tored because the dichromate ion (Cr)O;?~) is orange in 
solution, and the Cr** ion is green. The unbalanced re- 
dox equation is 


Cr.O7*" (aq) + C,H;OH(aq) —> Cr3* (aq) + CO2(g) 


If 31.05 mL of 0.0600 M potassium dichromate solution 
is required to titrate 30.0 g of blood plasma, determine 
the mass percent of alcohol in the blood. 


*. Zine and magnesium metal each react with hydrochloric 


acid according to the following equations: 
Zn(s) + 2HCK(aq 
Mg(s) + 2HCI( 


) — > ZnCl,(aq) + H2(g) 
aq) —> MgCl,(aq) + H)(g) 


A 10.00-g mixture of zinc and magnesium is reacted 

with the stoichiometric amount of hydrochloric acid. 

The reaction mixture is then reacted with 156 mL of 

3.00 M silver nitrate to produce the maximum possible 

amount of silver chloride. 

a. Determine the percent magnesium by mass in the 
original mixture. 

b. If 78.0 mL of HCI was added, what was the concen- 
tration of the HCl? 


A 10.00-g sample consisting of a mixture of sodium 
chloride and potassium sulfate is dissolved in water. This 
aqueous mixture then reacts with excess aqueous lead(II) 
nitrate to form 21.75 g of solid. Determine the mass per- 
cent of sodium chloride in the original mixture. 


Consider the reaction of 19.0 g of zinc with excess silver 
nitrite to produce silver metal and zinc nitrite. The reac- 
tion is stopped before all the zinc metal has reacted and 
29.0 g of solid metal is present. Calculate the mass of 
each metal in the 29.0-g mixture. 


Consider an experiment in which two burets, Y and Z, 
are simultaneously draining into a beaker that initially 
contained 275.0 mL of 0.300 M HCl. Buret Y contains 
0.150 M NaOH and buret Z contains 0.250 M KOH. 
The stoichiometric point in the titration is reached 
60.65 minutes after Y and Z were started simultane- 
ously. The total volume in the beaker at the stoichiomet- 
ric point is 655 mL. Calculate the flow rates of burets Y 
and Z. Assume the flow rates remain constant during the 
experiment. 


A sample is a mixture of KC] and KBr. When 0.1024 g 
of the sample is dissolved in water and reacted with ex- 
cess silver nitrate, 0.1889 g of solid is obtained. What is 
the composition by mass percent of the mixture? 


You made 100.0 mL of a lead(II) nitrate solution for lab 
but forgot to cap it. The next lab session you noticed 
that there was only 80.0 mL left (the rest had evapo- 
rated). In addition, you forgot the initial concentration 
of the solution. You decide to take 2.00 mL of the solu- 


tion and add an excess of a concentrated sodium chlo- 
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ride solution. You obtain a solid with a mass of 3.407 g. 
What was the concentration of the original lead(II) ni- 
trate solution? 


Polychlorinated biphenyls (PCBs) have been used exten- 
sively as dielectric materials in electrical transformers. 
Because PCBs have been shown to be potentially harm- 
ful, analysis for their presence in the environment has 
become very important. PCBs are manufactured accord- 
ing to the following Pie reaction: 


Cy2Hi9 + nCly i Cy2H9- AC) + nHCl 


This reaction results in a mixture of PCB products. The 
mixture is analyzed by decomposing the PCBs and then 
precipitating the resulting Cl” as AgCl. 

a. Develop a general equation that relates the average 
value of 7 to the mass of a given mixture of PCBs 
and the mass of AgCl produced. 

b. A 0.1947-g sample of a commercial PCB yielded 
0.4971 g of AgCl. What is the average value of n for 
this sample? 


Consider reacting copper(II) sulfate with iron. Two pos- 
sible reactions can occur, as represented by the following 
equations. 


copper(II) sulfate(aq) + iron(s) —> 
copper(s) + iron(II) sulfate(aq) 


iron(s) ——> 
copper(s) + iron(II) sulfate(aq) 


You place 87.7 mL of a 0.500 M solution of copper(II) 
sulfate in a beaker. You then add 2.00 g of iron filings to 
the copper(II) sulfate solution. After the reaction occurs, 
you isolate 2.27 g of copper. Which equation above de- 
scribes the reaction that occurred? Support your answer. 


copper(II) sulfate(aq) + 


A stream flows at a rate of 5.00 X 104 liters per second 

(L/s) upstream of a manufacturing plant. The plant dis- 

charges 3.50 X 10° L/s of water that contains 65.0 ppm 

HC] into the stream. (See Exercise 27 for definitions.) 

a. Calculate the stream’s total flow rate downstream 
from this plant. 

b. Calculate the concentration of HCl in ppm down- 
stream from this plant. 

c. Further downstream, another manufacturing plant 
diverts 1.80 X 10* L/s of water from the stream for 
its own use. This plant must first neutralize the acid 
and does so by adding lime: 


CaO(s) + 2H*(aq) ——> Ca?*(aq) + H,O()) 


What mass of CaO is consumed in an 8.00-h work 
day by this plant? 

d. The original stream water contained 10.2 ppm Ca 
Although no calcium was in the waste water from 
the first plant, the waste water of the second plant 
contains Ca** from the neutralization process. If 
90.0% of the water used by the second plant is 
returned to the stream, calculate the concentration 
of Ca** in ppm downstream of the second plant. 
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Chromium has been investigated as a coating for steel 
cans. The thickness of the chromium film is determined 
by dissolving a sample of a can in acid and oxidizing the 
resulting Cr>* to Cr,.O7*~ with the peroxydisulfate ion: 


$047 (aq) + Cr3* (aq) + H,O(!) —> Cr207* (aq) 
+ §O,?-'aq) + H*(aq) (Unbalanced) 


After removal of unreacted $,0.7~, an excess of ferrous 
ammonium sulfate [Fe(NH4)2(SO4)) - 6H O] is added, 
reacting with Cr.O7*~ produced from the first reaction. 
The unreacted Fe?* from the excess ferrous ammonium 
sulfate is titrated with a separate K,Cr,O7 solution. The 
reaction Is: 


H*(aq) + Fe**(aq) + Cr»O7*" (aq) ——> Fe**(aq) 
+ Cr3*(aq) + H,O(/) (Unbalanced) 


a. Write balanced chemical equations for the two 
reactions. 

b. In one analysis, a 40.0-cm* sample of a chromium- 
plated can was treated according to this procedure. 
After dissolution and removal of excess $)O¢”, 
3.000 g of Fe(NH4)2(SO4)2 - 6H2O was added. It 
took 8.58 mL of 0.0520 M K,Cr.O7 solution to 
completely react with the excess Fe**. Calculate the 
thickness of the chromium film on the can. (The 
density of chromium is 7.19 g/cm’.) 


One high-temperature superconductor has the general 
formula YBa,Cu30,. The copper is a mixture of Cu(II) 
and Cu(II) oxidation states. This mixture of oxidation 
states appears vital for high-temperature superconduc- 
tivity to occur. A simple method for determining the av- 
erage copper oxidation state has been reported [D. C. 
Harris, M. E. Hillis, and T. A. Hewston, J. Chem. Educ. 
64, 847(1987)]. The described analysis takes place in 
two steps: 
i. One superconductor sample is treated directly 

with I-: 


Cu?* (aq) + I-(aq) —~ Cul(s) + I;~(aq) (Unbalanced) 
Cu?* (aq) + I-(aq) —> Cul(s) + 1;~(aq) (Unbalanced) 


ii. A second superconductor sample is dissolved in acid, 
converting all copper to Cu(II). This solution is then 
treated with I: 


Cu?*(aq) + I-(aq) —> Cul(s) + I;~ (aq) (Unbalanced) 
In both steps the I,;~ is determined by titrating with a 
standard sodium thiosulfate (Na)$)O3) solution: 
I;~(aq) + $,03*"(aq) —> S406? (aq) + 1 (aq) 
(Unbalanced) 
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a. Calculate the average copper oxidation states for 
materials with the formulas YBayCu30¢.s, 

YBa Cu;O7, and YBaCu3Os. Interpret your results 
in terms of a mixture of Cu(II) and Cu(II) ions, 
assuming that only Y>*, Ba**, and O?~ are present 
in addition to the copper ions. 

b. Balance the equations involved in the copper 
analysis. 

c. A superconductor sample was analyzed by the above 
procedure. In step i, it took 37.77 mL of 0.1000 M 
Na SO; to react completely with the I,~ generated 
from a 562.5-mg sample. In step ii, it took 22.57 mL 
of 0.1000 M Na>S,O; to react with the I;~ generated 
by a 504.2-mg sample. Determine the formula of 
this superconductor sample (that is, find the value of 
x in YBa,Cu30O,). Calculate the average oxidation 
state of copper in this material. 


You are given a solid that is a mixture of Na»SO,4 and 
K,SO,. A 0.205-g sample of the mixture is dissolved in 
water. An excess of an aqueous solution of BaCl, is 
added. The BaSO, that is formed is filtered, dried, and 
weighed. Its mass is 0.298 g. What mass of SO,?~ ion is 
in the sample? What is the mass percent of $O,?~ ion in 
the sample? What are the percent compositions by mass 
of Na2SO,4 and K SO, in the sample? 


A sample is a mixture of AgNO3, CuCl, and FeCl. 
When a 1.0000-g sample of the mixture is dissolved in 
water and reacted with excess silver nitrate, 1.7809 g of 
precipitate forms. When a separate 1.0000-g sample of 
the mixture is treated with a reducing agent, all the metal 
ions in the mixture are reduced to pure metals. The total 
mass of pure metals produced is 0.4684 g. Calculate the 
mass percent of AgNO3, CuCl, and FeCl; in the original 
mixture. 


Three students were asked to find the identity of the 
metal in a particular sulfate salt. They dissolved a 
0.1472-g sample of the salt in water and treated it with 
excess barium chloride, resulting in the precipitation of 
barium sulfate. After the precipitate had been filtered 
and dried, it weighed 0.2327 g. 

Each student analyzed the data independently and 
came to different conclusions. Pat decided that the metal 
was titanium. Chris thought it was sodium. Randy re- 
ported that it was gallium. What formula did each stu- 
dent assign to the sulfate salt? 

Look for information on the sulfates of gallium, so- 
dium, and titanium in this text and reference books such 
as the CRC Handbook of Chemistry and Physics. What 
further tests would you suggest to determine which stu- 
dent is most likely correct? 


Marathon Problems* 
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111. The formate ion, CHO,~, forms ionic compounds with 
many metal ions. Assume that 9.7416 g M(CHO,), 
(where M represents the atomic symbol for a particular 
metal) is dissolved in water. When a solution of 0.200 M 
sodium sulfate is added, a white precipitate forms. The 
sodium sulfate solution is added until no more precipi- 
tate forms; then a few milliliters are added in excess. The 
precipitate is filtered, dried, and weighed. It has a mass 
of 9.9392 g. The filtrate is saved for further use. 

A potassium permanganate solution is standardized 
by dissolving 0.9234 g sodium oxalate in dilute sulfuric 
acid and then titrating with the potassium permanganate 
solution. The principal products of the reaction are 
manganese(II) ion and carbon dioxide gas. The titration 
requires 18.55 mL of the potassium permanganate solu- 
tion to reach the endpoint, which is indicated by the first 
permanent, but barely perceptible, pink color of the per- 
manganate ion. 

The filtrate from the original reaction is diluted by 
pouring it into a 250-mL volumetric flask, diluting to the 





*From James H. Burness, “The Use of “Marathon” Problems as Effective Ve- 
hicles for the Presentation of General Chemistry Lectures,” Journal of Chemical 
Education, 68(11). Copyright © 1991 American Chemical Society. Reprinted by 
permission. 
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mark with water, and then mixing thoroughly. An ali- 
quot consisting of 10.00 mL of this diluted solution is 
pipetted into a 125-mL Erlenmeyer flask, approximately 
25 mL of water is added, and the solution is made basic. 
What volume of the standard permanganate solution 
will be needed to titrate this solution to the equivalence 
point? The principal products of the reaction are carbon- 
ate ion and manganese(IV) oxide. Identify M. 


You have two 500.0-mL aqueous solutions. Solution A 

is a solution of a metal nitrate that is 8.246% nitrogen 

by mass. The ionic compound in solution B consists of 

potassium, chromium, and oxygen; chromium has an 

oxidation state of +6, and there are 2 potassiums and 

1 chromium in the formula. The masses of the solutes in 

each of the solutions are the same. When the solutions 

are added together, a blood-red precipitate forms. After 

the reaction has gone to completion, you dry the solid 

and find that it has a mass of 331.8 g. 

a. Identify the ionic compounds in solution A and solu- 
tion B. 

b. Identify the blood-red precipitate. 

c. Calculate the concentration (molarity) of all ions in 
the original solutions. 

d. Calculate the concentration (molarity) of all ions in 
the final solution. 


Carlos Caetano/Shutterstock,com #20537510 
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atter exists in three distinct physical states: gas, liquid, and solid. 

Of these, the gaseous state is the easiest to describe both experi- 

mentally and theoretically. In particular, the study of gases pro- 

vides an excellent example of the scientific method in action. It 
illustrates how observations lead to natural laws, which in turn can be ac- 
counted for by models. Then, as more accurate measurements become avail- 
able, the models are modified. 

In addition to providing a good illustration of the scientific method, gases 
are important in their own right. For example, gases are often produced in 
chemical reactions and thus must be dealt with in stoichiometric calculations. 
Also, the earth’s atmosphere is a mixture of gases, primarily elemental nitrogen 
and oxygen; it both supports life and acts as a waste receptacle for the exhaust 
gases that accompany many industrial processes. 

For these reasons, it is important to understand the behavior of gases. We 
will pursue this goal by considering the properties of gases, the laws and mod- 
els that describe the behavior of gases, and finally the reactions that occur 
among the gases in the atmosphere. 
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9 h=760 mm Hg 
>| for standard 
atmosphere 














Figure 5.1 

A torricellian barometer. The tube, 
completely filled with mercury, is 
inverted in a dish of mercury. Mercury 
flows out of the tube until the pressure 
of the column of mercury (Shown by 
black arrow) “standing on the surface” 
of the mercury in the dish is equal to 
the pressure of the air (shown by 
purple arrows) on the rest of the 
surface of the mercury in the dish. 


Early Experiments 


Even though the Greeks considered “air” to be one of the four fundamental 
elements and various alchemists obtained “airs,” or “vapors,” in their experi- 
ments, careful study of these elusive substances proved difficult. The first per- 
son to attempt a scientific study of the “vapors” produced in chemical reac- 
tions was the Flemish physician Jan Baptista Van Helmont (1577-1644). 
Thinking that air and similar substances must be akin to the “chaos” from 
which, according to Greek myth, the universe was created, Van Helmont de- 
scribed these substances using the Flemish word for chaos, which was gas. 

Van Helmont extensively studied a gas he obtained from burning wood, 
which he called “gas sylvestre” and which we now know as carbon dioxide, 
and noted that this substance was similar in many ways but not identical to 
air. By the end of his life, the importance of gases, especially air, was becom- 
ing more apparent. In 1643 the Italian physicist Evangelista Torricelli (1608- 
1647), who had been a student of Galileo, performed experiments that 
showed that the air in the atmosphere exerts pressure. (In fact, as we will see, 
all gases exert pressure.) Torricelli designed the first barometer by filling a 
tube that was closed at one end with mercury and then inverting it in a dish 
of mercury (Fig. 5.1). He observed that a column of mercury approximately 
760 millimeters long always remained in the tube as a result of the pressure 
of the atmosphere. 

A few years later Otto von Guericke, a German physicist, invented an air 
pump, often called a vacuum pump, that he used in a famous demonstration 
for the king of Prussia in 1654. Guericke placed two hemispheres together and 
pumped the air out of the resulting sphere through a valve, which was subse- 
quently closed. He then dramatically showed that teams of horses could not 
pull the hemispheres apart. However, after secretly opening the valve to let air 
in, Guericke was able to separate the hemispheres easily by hand. The king of 
Prussia was so impressed by Guericke’s cleverness that he awarded him a life- 
time pension. 


Units of Pressure 


Because instruments used for measuring pressure, such as the manometer 
(Fig. 5.2), often use columns of mercury because of its high density, the most 
commonly used units for pressure are based on the height of the mercury 
column (in millimeters) the gas pressure can support. The unit millimeters of 
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Figure 5.2 

A simple manometer, a device for mea- 
suring the pressure of a gas in a con- 
tainer. The pressure of the gas is given 
by h (the difference in mercury levels) in 
units of torr (equivalent to mm Hg). 

(a) Gas pressure = atmospheric 
pressure — h. (b) Gas pressure = 
atmospheric pressure + /. 


1 atm: 760 mm Hg, 760 torr, 101,325 
Pa, 29.92 in Hg, 14.7 Ib/in? 


The International Union of Pure and 
Applied Chemists (IUPAC) has adopted 
1 bar (100,000. Pa) as the standard 
pressure instead of 1 atm (101,325 Pa). 
Both standards are now widely used. 
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mercury (mm Hg) is called the torr in honor of Torricelli. A related unit for 
pressure is the standard atmosphere: 


1 standard atmosphere = 1 atm = 760 mm Hg = 760 torr 
However, since pressure is defined as force per unit area, that is, 


force 





Pressure = 
rea 


the fundamental units of pressure involve units of force divided by units of 
area. In the SI system, the unit of force is the newton (N) and the unit of area 
is meters squared (m*). (For a review of the SI system, see Appendix 2.) Thus 
the unit of pressure in the SI system is newtons per meter squared (N/m/?), 
called the pascal (Pa). In terms of pascals the standard atmosphere is 


1 standard atmosphere = 101,325 Pa 


Thus 1 atm is approximately 10° pascals. Since the pascal is so small, and because 
it is not commonly used in the United States, we will use it sparingly in this book. 
However, converting from torrs or atmospheres to pascals is straightforward. 





5.2 | 


The Gas Laws of Boyle, Charles, 
and Avogadro 


Boyle’s Law 


The first quantitative experiments on gases were performed by the Irish chemist 
Robert Boyle (1627-1691). Using a J-shaped tube closed at one end (Fig. 5.3), 
which he reportedly set up in the multistory entryway of his house, Boyle stud- 
ied the relationship between the pressure of the trapped gas and its volume. 
Representative values from Boyle’s experiments are given in Table 5.1. These 
data show that the product of the pressure and volume for the trapped air 
sample is constant within the accuracies of Boyle’s measurements (note the 
third column in Table 5.1). This behavior can be represented by the equation 


PV=k 


Figure 5.3 
A J-tube similar to the one 
used by Boyle. 


























Graphing is reviewed in Appendix A1.3. 


Boyle’s law: V « 1/P at constant 
temperature. 


Figure 5.4 

Plotting Boyle’s data from Table 5.1. 
(a) A plot of P versus V shows that the 
volume doubles as the pressure is 
halved. () A plot of V versus 1/P gives 
a straight line. The slope of this line 
equals the value of the constant k. 
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Table 5.1 


Actual Data from Boyle’s Experiments 


Volume Pressure Pressure X Volume 
(in?) (in Hg) (in Hg X in?) 
48.0 ROI 14.0 x 102 
40.0 319.3) Wil Se OZ 
32.0 44.2 1451 < 1102 
24.0 58.8 Mi S< nO? 
20.0 70.7 14x 1102 
16.0 87.2 14FORx< 07 
12.0 WS 


14.1 x 10? 





which is called Boyle’s law, where k is a constant at a specific temperature for 
a given sample of air. 

It is convenient to represent the data in Table 5.1 by using two different 
plots. Figure 5.4(a) shows a plot of P versus V, which produces a hyperbola. 
Notice that as the pressure drops by half, the volume doubles. Thus there is an 
inverse relationship between pressure and volume. The second type of plot can 
be obtained by rearranging Boyle’s law to give 

k 
ae 
which is the equation for a straight line of the type 


y=mx +b 


where mm represents the slope and b is the intercept of the straight line. In this 
case, y = V,x = 1/P,m =k, and b = 0. Thus a plot of V versus 1/P using 
Boyle’s data gives a straight line with an intercept of zero, as shown in 
Fig. 5.4(b). 

Boyle’s law only approximately describes the relationship between pres- 
sure and volume for a gas. Highly accurate measurements on various gases at 
a constant temperature have shown that the product PV is not quite constant 
but changes with pressure. Results for several gases are shown in Fig. 5.5. Note 
the small changes that occur in the product PV as the pressure is varied. Such 
changes become very significant at pressures much higher than normal atmo- 
spheric pressure. We will discuss these deviations and the reasons for them in 
detail in Section 5.10. A gas that obeys Boyle’s law is called an ideal gas. We 
will describe the characteristics of an ideal gas more completely in Section 5.3. 
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Ideal 


PV (L:atm) 





Figure 5.5 


A plot of PV versus P for several gases. 


An ideal gas is expected to have a 
constant value of PV, as shown by the 
dashed line. Carbon dioxide shows the 
largest change in PV, and this change 
is actually quite small: PV changes 
from approximately 22.39 L atm at 
0.25 atm to 22.26 L atm at 1.00 atm. 
Thus Boyle’s law is a good approxima- 
tion at these relatively low pressures. 


PV (L-atm) 


Figure 5.6 

A plot of PV versus P for 1 mole of 
ammonia. The dashed line shows the 
extrapolation of the data to zero pres- 
sure to give the “ideal” value of PV of 
22.41 Latm. 


As with Boyle’s law, Charles’s law is 
obeyed exactly only at relatively low 
pressures. 











One common use of Boyle’s law is to predict the new volume of a gas when 
the pressure is changed (at constant temperature), or vice versa. 

We mentioned earlier that Boyle’s law is only approximately followed for 
real gases. To determine the significance of the deviations, studies of the effect 
of changing pressure on the volume of a gas are often carried out, as shown in 
Example 5.1. 


EXAMPLE 5.1 


In a study to see how closely gaseous ammonia obeys Boyle’s law, several vol- 
ume measurements were made at various pressures using 1.0 mole of NH; gas 
at a temperature of 0°C. Using the results listed below, calculate the Boyle’s 
law constant for NH; at the various pressures. 





Experiment Pressure (atm) Volume (L) 
if 0.1300 ie 
2 0.2500 89.28 
5 0.3000 74.35 
4 0.5000 44.49 
5 0.7500 29S 5 
6 1.000 22.08 


Solution To determine how closely NH; gas follows Boyle’s law under these 
conditions, we calculate the value of k (in L atm) for each set of values: 


Experiment 1 Pi 3 4 J 6 


k= PV PRReNs Dep RD: 22234 Pi) de 2246 22.08 


Although the deviations from true Boyle’s law behavior are quite small at 
these low pressures, the value of k changes regularly in one direction as the 
pressure is increased. Thus, to calculate the “ideal” value of k for NH3, plot PV 
versus P, as shown in Fig. 5.6, and extrapolate (extend the line beyond the 
experimental points) back to zero pressure, where, for reasons we will discuss 
later, a gas behaves most ideally. The value of k obtained by this extrapolation 
is 22.41 L atm. This is the same value obtained from similar plots for the gases 
CO, O2, and Ne at 0°C, as shown in Fig. 5.5. 


Charles’s Law 


In the century following Boyle’s findings, scientists continued to study the 
properties of gases. One of these scientists was the French physicist Jacques 
Charles (1746-1823), who was the first person to fill a balloon with hydrogen 
gas and who made the first solo balloon flight. In 1787 Charles found that the 
volume of a gas at constant pressure increases linearly with the temperature of 
the gas. That is, a plot of the volume of a gas (at constant pressure) versus its 
temperature (°C) gives a straight line. This behavior is shown for several gases 
in Fig. 5.7. One very interesting feature of these plots is that the volumes of all 
the gases extrapolate to zero at the same temperature, —273.2°C. On the Kel- 
vin temperature scale, this point is defined as 0 K, which leads to the following 
relationship between the Kelvin and Celsius scales: 


Temperature (K) = 0°C + 273 


When the volumes of the gases shown in Fig. 5.7 are plotted versus tempera- 
ture on the Kelvin scale, the plots in Fig. 5.8 result. In this case the volume of 
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Figure 5.7 

Plots of V versus T (°C) for several 
gases. The solid lines represent experi- 
mental measurements on gases. The 
dashed lines represent extrapolation of 
the data into regions where these 
gases would become liquids or solids. 
Note that the samples of the various 
gases contain different numbers of 
moles. 
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each gas is directly proportional to temperature and extrapolates to zero when 
the temperature is 0 K. This behavior is represented by the equation known as 
Charles’s law, 


V=bT 


where T is the temperature (in kelvins) and b is a proportionality constant. 

Before we illustrate the uses of Charles’s law, let’s consider the importance 
of 0 K. At temperatures below this point, the extrapolated volumes would be- 
come negative. The fact that a gas cannot have a negative volume suggests that 
0 K has a special significance. In fact, 0 K is called absolute zero, and much evi- 
dence suggests that this temperature cannot be attained. Temperatures of 
approximately 10~° K have been produced in laboratories, but 0 K has never 
been reached. 


Avogadro’s Law 


In Chapter 2 we noted that in 1811 the Italian chemist Avogadro postulated 
that equal volumes of gases at the same temperature and pressure contain the 
same number of “particles.” This observation is called Avogadro’s law (or 
hypothesis), which can be stated mathematically as 


V=an 


where V is the volume of the gas, 7 is the number of moles, and a is a propor- 
tionality constant. This equation states that for a gas at constant temperature 
and pressure, the volume is directly proportional to the number of moles of 
gas. This relationship is obeyed closely by gases at low pressures. 





The Ideal Gas Law 


We have considered three laws that describe the behavior of gases as revealed 
by experimental observations: 


Boyle’s law: - ‘ (at constant T and 7) 
Charles’s law: V=06T (at constant P and 7) 


Avogadro’s law: V=an (at constant T and P) 
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R = 0.08206 L atm K~! mol"! 


The ideal gas law applies best at pres- 
sures below 1 atm. 








These relationships showing how the volume of a gas depends on pressure, 
temperature, and number of moles of gas present can be combined as follows: 


voa(2) 


where R is the combined proportionality constant called the universal gas con- 
stant. When the pressure is expressed in atmospheres and the volume in liters, 
R has the value of 0.08206 L atm K~! mol~!. The preceding equation can be 
rearranged to the more familiar form of the ideal gas law: 


PV = nRT 


The ideal gas law is an equation of state for a gas, where the state of the gas 
is its condition at a given time. A particular state of a gas is described by its 
pressure, volume, temperature, and number of moles. Knowledge of any three 
of these properties is enough to completely define the state of a gas since the 
fourth property can then be determined from the equation for the ideal gas law. 

It is important to recognize that the ideal gas law is an empirical equation— 
it is based on experimental measurements of the properties of gases. A gas that 
obeys this equation is said to behave ideally. That is, this equation defines the 
behavior of an ideal gas, which is a hypothetical substance. The ideal gas equa- 
tion is best regarded as a limiting law—it expresses behavior that real gases 
approach at low pressures and high temperatures. Most gases obey this equa- 
tion closely enough at pressures below 1 atm that only minimal errors result 
from assuming ideal behavior. Unless you are given information to the con- 
trary, you should assume ideal gas behavior when solving problems involving 
gases in this text. 


OWL INTERACTIVE EXAMPLE 5.2 


A sample of hydrogen gas (H2) has a volume of 8.56 L at a temperature of 0°C 
and a pressure of 1.5 atm. Calculate the moles of H; present in this gas sample. 


Solution Solving the ideal gas law for n gives 
_ Pv 
RE 
In this case P = 1.5 atm, V = 8.56 L, T = 0°C + 273 = 273 K, and 
R = 0.08206 L atm K™! mol~!. Thus 


1.5 atm)(8.56 L 
p= ( atm) = ().57 mol 


£ 
(0.08206 amt \@73 K) 
K mol 


n 











The ideal gas law is often used to calculate the changes that will occur 
when the conditions of a gas are changed, as described below. 


OWL INTERACTIVE EXAMPLE 5.3 


Suppose we have a sample of ammonia gas with a volume of 3.5 L at a pressure 
of 1.68 atm. The gas is compressed to a volume of 1.35 L at a constant tem- 
perature. Use the ideal gas law to calculate the final pressure. 


Solution The basic assumption we make when using the ideal gas law to de- 
scribe a change in state for a gas is that the equation applies equally well to 
both the initial and the final states. In dealing with a change in state, we always 
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place the variables on one side of the equals sign and the constants on the 
other. In this case the pressure and volume change, whereas the temperature 
and the number of moles remain constant (as does R, by definition). Thus we 
write the ideal gas law as 


PV =nRT 
va Ry 
Change Remain constant 


Since m and T remain the same in this case, we can write P,;V, = 2RT and 
P,V, = nRT. Combining these equations gives 


PV; =nRT = PxV2 or Pi V; = PxV2 
We are given P; = 1.68 atm, V; = 3.5 L, V2 = 1.35 L. Solving for P, gives 


V Syn l 
P= (Z) P= (7 =| 1.68 atm = 4.4 atm 





Check: Does this answer make sense? The volume decreased (at constant tem- 
perature), so the pressure should increase, as the result of the calculation indi- 
cates. Note that the calculated final pressure is 4.4 atm. Because most gases do 
not behave ideally above 1 atm, we might find that if we measured the pressure 
of this gas sample, the observed pressure would differ slightly from 4.4 atm. 


OWL INTERACTIVE EXAMPLE 5.4 


A sample of methane gas that has a volume of 3.8 L at S°C is heated to 86°C 
at constant pressure. Calculate its new volume. 


Solution To solve this problem, we take the ideal gas law and segregate the 
changing variables and the constants by placing them on opposite sides of the 
equation. In this case volume and temperature change, and number of moles 
and pressure (and of course R) remain constant. Thus PV = nRT becomes 





ee 
if iP. 
which leads to 
V; nR | V, nR 
valgecneiee i. es 
Te gh Apa the TE 
Combining these equations gives 
et Ree gm eee Vip es 
Pioieic G 1G IE 


We are given 


To= SCF 273= 278 K T2 = 86°C + 273 = 359K 





V,=3.8L V, =? 
TV, (359 K)(3.8 L) 
jh = = — = 4.9 L 
Thus Mo ie 278 K 


Check: Is the answer sensible? In this case the temperature was increased (at 
constant pressure), so the volume should increase. Thus the answer makes 
sense. 


The problem in Example 5.4 can be described as a Charles’s law problem, 
whereas the problem in Example 5.3 can be said to be a Boyle’s law problem. 
In both cases, however, we started with the ideal gas law. The real advantage 
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Always convert the temperature to the 
Kelvin scale when applying the ideal 
gas law. 





of using the ideal gas law is that it applies to virtually any problem dealing with 
gases and is easy to remember. 


@WWL INTERACTIVE EXAMPLE 5.5 


A sample of diborane gas (ByHg), a substance that bursts into flames when 
exposed to air, has a pressure of 345 torr at a temperature of —15°C and a 
volume of 3.48 L. If conditions are changed so that the temperature is 36°C 
and the pressure is 468 torr, what will be the volume of the sample? 


Solution Since, for this sample, pressure, temperature, and volume all change 
while the number of moles remains constant, we use the ideal gas law in the form 








pee 
which leads to 
SAL berspsil Zilia heal 212 
i ie oie een: 
Aer = sat 
en joa ies 
We have 
P, = 34S torr P, = 468 torr 
T= al S? GF 273 Se 258K T= 36°C 4273 = 309 Kk 
V, = 3.48 L V, =? 
309 K)(345 3.48 L 
ane ee Sem ) 3071 


(258 K)(468 torr) 


Since the equation used in Example 5.5 involved a ratio of pressures, it was 
unnecessary to convert pressures to units of atmospheres. The units of torr 
cancel. (You will obtain the same answer by inserting P, = 343 and P, = 288 
into the equation.) However, temperature must always be converted to the 
Kelvin scale; since this conversion involves addition of 273, the conversion fac- 


tor does not cancel. Be careful. 





STP: O°C and 1 atm 





Gas Stoichiometry 


Suppose we have 1 mole of an ideal gas at 0°C (273.2 K) and 1 atm. From the 
ideal gas law, the volume of the gas is given by 


eet» (1.000 mol) (0.08206 L atm K~! mol~!)(273.2 K) 


V 
ie 1.000 atm 





= 22.42 L 


This volume of 22.42 liters is called the molar volume of an ideal gas. The 
measured molar volumes of several gases are listed in Table 5.2. Note that the 
molar volumes of some of the gases are very close to the ideal value, but others 
deviate significantly. Later in this chapter we will discuss some of the reasons 
for the deviations. 

The conditions 0°C and 1 atm, called standard temperature and pressure 
(abbreviated STP), are common reference conditions for the properties of 
gases. For example, the molar volume of an ideal gas is 22.42 L at STP. 


Remember that the molar volume of an 
ideal gas is 22.42 L at STP. 
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Table 5.2 


Molar Volumes for Various Gases at 0°C and 1 atm 











Gas Molar Volume (L) 
Oxygen (O>) 22397, 
Nitrogen (N>) 22.402 
Hydrogen (H)) 22.433 
Helium (He) 22.434 
Argon (Ar) D297, 
Carbon dioxide (CO;) 22.260 


Ammonia (NH3) BDAVTE 





Many chemical reactions involve gases. By assuming ideal behavior for 
these gases, we can carry out stoichiometric calculations if the pressure, vol- 
ume, and temperature of the gases are known. 


OWL INTERACTIVE EXAMPLE 5.6 


Quicklime (CaO) is produced by the thermal decomposition of calcium car- 
bonate (CaCQO3). Calculate the volume of CO, produced at STP from the de- 
composition of 152 g of CaCO; according to the reaction 


CaCO3(s) —~ CaO(s) + CO2(g) 


Solution 


a What are we trying to solve? 


We are asked to solve for the volume of CO2(g) produced at STP. We are given 
the pressure and temperature, so to determine the volume we will need to de- 
termine the number of moles of gas produced. 

We use the same strategy we used in the stoichiometry problems earlier in 
the book. That is, we compute the number of moles of CaCO; consumed and 
the number of moles of CO) produced. The moles of CO, can then be con- 
verted to volume by using the molar volume of an ideal gas. 

Using the molar mass of CaCQO3, we can calculate the number of moles of 


CaCO;3: 
Tmo! CacQ, 
100.13 CaCO; 


Since each mole of CaCO produces 1 mole of CO, 1.52 moles of CO) will be 
formed. We can compute the volume of CO) at STP by using the molar 
volume: 


152'¢'CaGOyx 





= 1.52 mol CaCO, 


224 1a GOs 
1 mol CO, 


Thus the decomposition of 152 g of CaCOs will produce 34.1 L of CO; at STP. 


1.52 mol CO, X = 34.1 L CO, 


Note that in Example 5.6 the final step involved calculation of the volume 
of gas from the number of moles. Since the conditions were specified as STP, 
we were able to use the molar volume of a gas at STP. If the conditions of a 
problem are different from STP, the ideal gas law must be used to calculate the 
volume. 
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Molar Mass 


One very important use of the ideal gas law is in the calculation of the molar 
mass (molecular weight) of a gas from its measured density. To understand the 
relationship between gas density and molar mass, note that the number of 
moles of gas 1 can be expressed as 


grams of gas mass | m 








molar mass molar mass molar mass 
Substitution into the ideal gas equation gives 


oe nRT  (m/molar mass)RT m m(RT) 
Aaa sina V V(molar mass) 








But m/V is the gas density d in units of grams per liter. Thus 


eM aR 
~ molar mass 


or Molar mass = a (5.1) 
Thus, if the density of a gas at a given temperature and pressure is known, its 
molar mass can be calculated. 

You can memorize the equation involving gas density and molar mass, but 
it is better simply to remember the ideal gas equation, the definition of density, 
and the relationship between number of moles and molar mass. You can then 
derive this equation when you need it. This approach proves that you under- 
stand the concepts and means one less equation to memorize. 





Dalton’s Law of Partial Pressures 


Among the experiments that led John Dalton to propose the atomic theory were 
his studies of mixtures of gases. In 1803 Dalton summarized his observations as 
follows: For a mixture of gases in a container, the total pressure exerted is the 
sum of the pressures that each gas would exert if it were alone. This statement, 
known as Dalton’s law of partial pressures, can be expressed as follows: 


Prot = P; + Pz + P3+--- 


where the subscripts refer to the individual gases (gas 1, gas 2, and so on). The 
pressures P;, P3, P3, and so on are called partial pressures; that is, each one is 
the pressure that gas would exert if it were alone in the container. 

Assuming that each gas behaves ideally, the partial pressure of each gas 
can be calculated from the ideal gas law: 


n,RT nyRT n3RT 
Pu> tugs dain ged ei 
The total pressure of the mixture Py.) can be represented as 


Pre Py + Po + Pa = mRT : mRT  13RT 





V V V 
RE RT 
= (ny +m +23 4+ -(¥F) = Total (=) 


where /7ota1 is the sum of the numbers of moles of the various gases. Thus, for 
a mixture of ideal gases, it is the total number of moles of particles that is im- 








Figure 5.9 

The partial pressure of each gas in a 
mixture of gases depends on the 
number of moles of that gas. The total 
pressure is the sum of the partial pres- 
sures and depends on the total moles 
of gas particles present, no matter 
what their identities. 
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portant, not the identity or composition of the individual gas particles. This 
idea is illustrated in Fig. 5.9. 

This important result indicates some fundamental characteristics of an 
ideal gas. The fact that the pressure exerted by an ideal gas is not affected by 
the identity (structure) of the gas particles reveals two things about ideal gases: 
(1) the volume of the individual gas particle must not be important, and (2) the 
forces among the particles must not be important. If these factors were impor- 
tant, the pressure exerted by the gas would depend on the nature of the indi- 
vidual particles. These observations will strongly influence the model that we 
will eventually construct to explain ideal gas behavior. 

At this point we need to define the mole fraction: the ratio of the number 
of moles of a given component in a mixture to the total number of moles in the 
mixture. The Greek letter chi (y) is used to symbolize the mole fraction. For a 
given component in a mixture, the mole fraction xX; is 

mM nm 


xX, = of 
Brak wey PF altyet 113s Pei 





From the ideal gas equation, we know that the number of moles of a gas is 
directly proportional to the pressure of the gas, since 


V 
Za (=) 


That is, for each component in the mixture, 


V V 
i= pa), iy = pga). 


Therefore, we can represent the mole fraction in terms of pressures: 





ny 














X= ny = P,(V/RT) 
1 not —-Pi(V/RT) + P3(V/RT) + P3(V/RT) + --- 
ny Hy nN3 

dh (V/RT)P, 
(V/RT)(P,; + P, + P3 +-->) 

2 P, re gh 

Be ees 

et nN P, 
Similarly, X= 2 


NToral P Total 


and so on. Thus the mole fraction of a particular component in a mixture of 
ideal gases is directly related to its partial pressure. 
The expression for the mole fraction, 





spas 
1= 
p Total 


can be rearranged: Py, = X1 X Protat 


That is, the partial pressure of a particular component of a gaseous mixture is 
equal to the mole fraction of that component times the total pressure. 

A mixture of gases occurs whenever a gas is collected by displacement of 
water. For example, Fig. 5.10 shows the collection of oxygen gas produced by 
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Oitsstievesciranuce The Chemistry of Air Bags 








Most experts agree that air bags represent a very 
important advance in automobile safety. First pat- 
ented by American inventor John W. Hetrick in 
1953, air bags are now required in all cars and 
trucks in the United States. These bags, which are 
stored in the auto’s steering wheel or dash, are 
designed to inflate rapidly (within about 40 ms) in 
the event of a crash, cushioning the front-seat 
occupants against impact. The bags then deflate 
immediately to allow vision and movement after 
the crash. Air bags are activated when a severe 
deceleration (an impact) causes a steel ball to com- 
press a spring and electrically ignite a detonator 
cap, which, in turn, causes sodium azide (NaN3) to 
decompose explosively, forming sodium and nitro- 
gen gas: 


2NaN3(s) ——> 2Na(s) + 3N2(g) 


This system works very well and requires only a 
relatively small amount of sodium azide [100 g 
yields 56 L of No(g) at 25°C and 1 atm]. 

In addition to being located in the steering 
wheel and dash, air bags are now found in many 
other sites in motor vehicles. Air bags to protect 
against side impacts are located above the 
windows (called curtain air bags to protect against 
head injuries) and in the doors (called torso air 
bags). Some vehicles also have bags to prevent 
knee injuries. Because the explosive deployment of 
air bags can cause serious injuries, especially to 
children, variable force air bags have been devel- 








Inflated dual air bags. 


oped that depend on the weight of the person 
occupying the front seat. 

When a vehicle containing air bags reaches the 
end of its useful life, the sodium azide present in 
the activators must be given proper disposal. 
Besides being explosive, sodium azide has a toxic- 
ity roughly equal to that of sodium cyanide. It also 
forms hydrazoic acid (HN;3), a toxic and explosive 
liquid, when treated with acid. 

The air bag represents an application of chem- 
istry that has already saved thousands of lives. 





Figure 5.10 

The production of oxygen by thermal 

decomposition of KCIO3. The MnOs 

catalyst is mixed with the KCIO to KCIO; 


make the reaction faster. | el 
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Ford Motor Company 


Vapor pressure will be discussed in 
detail in Chapter 16. 
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the decomposition of solid potassium chlorate. In this situation the gas in the 
bottle is a mixture of water vapor and the gas being collected. Water vapor is 
present because molecules of water escape from the surface of the liquid and 
collect in the space above the liquid. Molecules of water also return to the liq- 
uid. When the rate of escape equals the rate of return, the number of water 
molecules in the vapor state remains constant, and thus the pressure of water 
vapor remains constant. This pressure, which depends on temperature, is called 
the vapor pressure of water. 


OWL INTERACTIVE EXAMPLE 5.7 


The mole fraction of nitrogen in air is 0.7808. Calculate the partial pressure of 
N> in air when the atmospheric pressure is 760. torr. 


Solution The partial pressure of N) can be calculated as follows: 


Py, = Xn, X Protat = 0.7808 X 760. torr = 593 torr 


@WWL INTERACTIVE EXAMPLE 5.8 


A sample of solid potassium chlorate (KCIO3) was heated in a test tube (Fig. 
5.10) and decomposed according to the following reaction: 


2KCIO3(s) —> 2KCl(s) + 302(g) 


The oxygen produced was collected by displacement of water at 22°C at a total 
pressure of 754 torr. The volume of the gas collected was 0.650 L, and the 
vapor pressure of water at 22°C is 21 torr. Calculate the partial pressure of O2 
in the gas collected and the mass of KCIO; in the sample that was decomposed. 


Solution 


a What are we trying to solve? 


We are asked to find the partial pressure of O> in the gas collected and the mass 
of reactant (KCIO3;) in the original sample. 

We have the balanced equation and are given the volume, temperature, 
total pressure of the gas mixture, and vapor pressure of the water at that tem- 
perature. Since oxygen and water vapor are the only gases in the mixture, we 
can determine the partial pressure of the oxygen gas from Dalton’s law of par- 
tial pressures: 


Bioal = Lo, Paolo, + 21 torr — 754 tort 
Thus 
Popa 754 tort, 21 torr = 733 torr 


We now have to determine the mass of KCIO; from the partial pressure of oxy- 
gen gas. Recall our strategy used in stoichiometry problems. That is, we can 
determine the mass of KCIO; from the number of moles of KCIO3, which we 
can determine from the number of moles of O2. We know the partial pressure 
of O>. Along with volume and temperature, we can use the ideal gas law to find 
the number of moles of O5: 
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In this case 


V8) worse 
= = = (1.964 atm 
Sisal sie OS 760 torr/atm 





V=0.650L 

Las 22 COROT OS ie 

R = 0.08206 L atm K“! mol"! 
Thus 


(0.964 atm) (0.650 L) 
> (0.08206 L atm K~! mol” ')(295 K) 
Next, we calculate the moles of KCIO; needed to produce this quantity of 


O, using the mole ratio from the balanced equation for the decomposition of 
KCIO3: 


= 2.59 X 10-2 mol 





NO 


2 mol KCIO; 


= 1.73 x 10°? mol KCIO; 
3 mol O, 


2359: 10-7mol.O>; X 


Using the molar mass of KCIO3, we calculate the grams of KCIO3: 


122.6 g KCIO, 


-2 
1.73 X 10-7 mol KCIO; X i mol KCIO, 





= 2.12 g KCIO; 


Thus the original sample contained 2.12 g of KCIO3. 





5.6 | The Kinetic Molecular Theory of Gases 


So far we have considered the behavior of gases from an experimental point of 
view. On the basis of observations from different types of experiments, we 
know that at pressure less than 1 atm most gases closely approach the behavior 
described by the ideal gas law. Now we want to construct a model to explain 
this behavior. 

Before we construct the model, we will briefly review the scientific method. 
Recall that a law is a way of generalizing behavior that has been observed in 
many experiments. Laws are very useful since they allow us to predict the be- 
havior of similar systems. For example, if a chemist prepares a new gaseous 
compound, a measurement of the gas density at known pressure and tempera- 
ture can provide a reliable value for the compound’s molar mass. 

However, although laws summarize observed behavior, they do not tell us 
why nature behaves in the observed fashion. This is the central question for 
scientists. To try to answer this question, we construct theories (build models). 
The models in chemistry consist of speculations about what the individual at- 
oms or molecules (microscopic particles) might be doing to cause the observed 
behavior of the macroscopic systems (collections of very large numbers of at- 
oms and molecules). 

A model is considered successful if it explains the observed behavior in 
question and predicts correctly the results of future experiments. Note that a 
model can never be proved to be absolutely true. In fact, any model is an ap- 
proximation by its very nature and is bound to fail at some point. Models 
range from the simple to the extraordinarily complex. We use simple models to 
predict approximate behavior and more complicated models to account very 
precisely for observed quantitative behavior. In this text we will stress simple 
models that provide an approximate picture of what might be happening and 
that fit the most important experimental results. 
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Separating Gases 


Chemical Insights 





Assume you work for an oil company that owns a 
huge natural gas reservoir containing a mixture of 
methane and nitrogen gases. In fact, the gas 
mixture contains so much nitrogen that it is unus- 
able as a fuel. Your job is to separate the nitrogen 
(N>) from the methane (CHy). How might you 
accomplish this task? You clearly need some sort 
of “molecular filter” that will stop the slightly 
larger methane molecules (size ~430 pm) and 
allow the nitrogen molecules (size ~410 pm) to 
pass through. To accomplish the separation of 
molecules so similar in size will require a very 
precise “filter.” 

The good news is that such a filter exists. 
Recent work by Steven Kuznicki and Valerie Bell 
at Engelhard Corporation in New Jersey and 
Michael Tsapatsis at the University of Massachu- 
setts has produced a “molecular sieve” in which 
the pore (passage) sizes can be adjusted precisely 
enough to separate N> molecules from CH, mole- 
cules. The material involved is a special hydrated 
titanosilicate (contains HO, Ti, Si, O, and Sr) 





Molecular sieve framework of titanium (blue), silicon 
(green), and oxygen (red) atoms contracts on heating — 
at room temperature (left), d = 4.27 A; at 250°C (right), 
d = 8.04 A. 


compound patented by Engelhard and known as 
ETS-4 (Engelhard TitanoSilicate-4). When sodium 
ions are substituted for the strontium ions in 
ETS-4 and the new material is carefully dehy- 
drated, a uniform and controllable pore-size reduc- 
tion occurs (see figure). The researchers have 
shown that the material can be used to separate N> 
(~410 pm) from O, (~390 pm). They have also 
shown that it is possible to reduce the nitrogen 
content of natural gas from 18% to less than 5% 
with a 90% recovery of methane. 








An example of this type of model is the kinetic molecular theory, a simple 
model that attempts to explain the properties of an ideal gas. This model is 
based on speculations about the behavior of the individual gas particles (atoms 
or molecules). The postulates of the kinetic molecular theory can be stated as 
follows: 


Kinetic Molecular Theory 





a The particles are so small compared with the distances between them that the 
volume of the individual particles can be assumed to be negligible (zero). 

s The particles are in constant motion. The collisions of the particles with the walls 
of the container are the cause of the pressure exerted by the gas. 

a The particles are assumed to exert no forces on each other; they are assumed to 
neither attract nor repel each other. 


a The average kinetic energy of a collection of gas particles is assumed to be directly 
proportional to the Kelvin temperature of the gas. 


Of course, real gas particles do have a finite volume and do exert forces on 
each other. Thus they do not conform exactly to these assumptions. But we 
will see that these postulates do indeed explain ideal gas behavior. 

The true test of a model is how well its predictions fit the experimental 
observations. The postulates of the kinetic molecular model picture an ideal 
gas as consisting of particles having no volume and no attraction for each 
other, and the model assumes that the gas produces pressure on its container 
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Figure 5.11 

An ideal gas particle in a cube whose 
sides are of length L (in meters). The 
particle collides elastically with the 
walls in a random, straight-line motion. 


Figure 5.12 

(a) The Cartesian coordinate axes. 

(b) The velocity u of any gas particle 
can be broken down into three mutu- 
ally perpendicular components, U,, Uy, 
and u,. This can be represented as a 
rectangular solid with sides u,, Uy, and 
uz and body diagonal u. 

(c) In the xy plane, 


ye se Uy = Ue 


by the Pythagorean theorem. Since Uyy 
and u, are also perpendicular, 


OP gat Uae Uk Ue 


by collisions with the walls. To test the validity of this model, we need to con- 
sider the question: “When we apply the principles of physics to a collection of 
these gas particles, can we derive an expression for pressure that agrees with 
the ideal gas law?” The answer is, “Yes, we can.” We will now consider this 
derivation in detail. 


The Quantitative Kinetic Molecular Model 


Suppose there are m moles of an ideal gas in a cubical container with sides each 
of length L in meters. Assume each gas particle has a mass m and that it is in 
rapid, random, straight-line motion colliding with the walls (Fig. 5.11). The 
collisions will be assumed to be elastic—no loss of kinetic energy occurs. We 
want to compute the force on the walls from the colliding gas particles and 
then, since pressure is force per unit area, to obtain an expression for the pres- 
sure of the gas. 

Before we can derive the expression for the pressure of a gas, we must 
first discuss some characteristics of velocity. Each particle in the gas has a 
particular velocity u, which can be broken into components u,, 4,, and u, 
(Fig. 5.12). First, using u, and u, and the Pythagorean theorem, we can ob- 
tain u,, (Fig. 5.12): 


res = thy 
a \ ew 
Sides of 
right triangle 


Hypotenuse of 
right triangle 


Then, constructing another triangle as shown in Fig. 5.12, we find 
ur = Uy + ur 


t 








2 i ed 2 2 
or UE = T Uy” F te, 


Now let’s consider how an individual gas particle moves. For example, 
how often does this particle strike the two walls of the box that are perpen- 
dicular to the x axis? Note that only the x component of the velocity affects the 
particle’s impacts on these two walls (Fig. 5.13). The larger the x component 
of the velocity, the faster the particle travels between these two walls, thus 
producing more impacts per unit of time on these walls. Remember that the 
pressure of the gas is caused by these collisions with the walls. 

The collision frequency (collisions per unit of time) with the two walls that 
are perpendicular to the x axis is given by 

velocity in the x direction u 


i Colston te iuency) distance between the walls = L 


x 








(a) 








(b) 


Figure 5.13 

(a) Only the x component of the gas 
particle’s velocity affects the frequency 
of impacts on the shaded walls, the 
walls that are perpendicular to the 

X axis. (fb) For an elastic collision, there is 
an exact reversal of the x component of 
the velocity and of the total velocity. The 
change in momentum (final — initial) is 
then 


—Mu, — Mu, = —2Mu, 
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Next, what is the force of a collision? Force is defined as mass times ac- 
celeration (change in velocity per unit of time): 


Au 
(pe = pais 
ma =n 28) 


where F represents force, a represents the acceleration, Au represents a change 
in velocity, and At represents a given length of time. 
Since we assume that the particle has constant mass, we can write 
mAu  A(mu) 


F = — 
At At 





The quantity mu is the momentum of the particle (momentum is the product of 
mass and velocity), and the expression F = A(mu)/At means that force is the 
change in momentum per unit of time. When a particle hits a wall perpendicular 
to the x axis, as shown in Fig. 5.13, an elastic collision occurs, resulting in an 
exact reversal of the x component of velocity. That is, the sign, or direction, of 
ux reverses when the particle collides with one of the walls perpendicular to the 
x axis. Thus the final momentum is the negative, or opposite, of the initial mo- 
mentum. Remember that an elastic collision means that there is no change in 
the magnitude of the velocity. The change in momentum in the x direction is 


Change in momentum = A(mm,) 


final momentum — initial momentum 


= —mu, — mu, 
7 XN 
Final Initial 
momentum momentum 
in x direction  in-x direction 


= —2mu,, 


We are interested in the magnitude of the force the gas particle exerts on the 
walls of the box. Since we know that every action produces an equal but op- 
posite reaction, the change in momentum with respect to the wall on impact is 
Side OLLI. 

Recall that since force is the change in momentum per unit of time, then 


A(mu,) 


Force, = NG 


for the walls perpendicular to the x axis. 
This expression can be obtained by multiplying the change in momentum 
per impact by the number of impacts per unit of time: 


Force, = 2mu)( *) = change in momentum per unit of time 


“3 \ 
Change in Impacts per 
momentum per impact unit of time 
2 
2mu,, 


iE 





That is, Force, = 


So far we have considered only the two walls of the box perpendicular to 
the x axis. We can assume that the magnitude of the force on the two walls 
perpendicular to the y axis is given by 


2mu,? 
IE 





Force, = 
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and that the magnitude of the force on the two walls perpendicular to the 
z axis is given by 
2mu, 

b 





Force, = 


Pressure is force per unit area, or the sum of the forces of all of the mole- 
cules striking the walls divided by the area of the wall. The pressure is 








2mu,2  2mu,” — 2mu? 
+ ~ 
p L L L 
ressure = AP 
ZS 


The 6 sides Area of each 
of the cube side 


Since we have shown that 
Pe by 


the pressure is equal to 





2 2 
spk Hale +e ae 
Pressure = éL2 = Ag 


Now, since we want the pressure caused by an average particle, we use the 
average of the square of the velocity u” to obtain 


2mu2/L = mur 


(Fe Ba 





Pressure caused by “average” particle = 


Since the volume V of the cube is equal to L*, we can write 


mu? 


Pressure = P = —— 
SV 

So far we have considered the pressure on the walls caused by a single, 
“average” particle. Of course, we want the pressure caused by the entire gas 





A balloon filled with air at room The balloon is dipped into liquid nitrogen The balloon collapses as the molecules 
temperature. 


at 77 K. inside slow down because of the 
decreased temperature. Slower molecules 
produce a lower pressure. 


KE = : mu®, the energy caused by the 
motion of a particle. 
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sample. The number of particles in a given gas sample can be expressed as 
follows: 


Number of gas particles = nNq 


where 7 is the number of moles and Na is Avogadro’s number. 
The total pressure on the box caused by n moles of a gas is therefore 


“yp 
m 
Nek NY renee 
3V 
Next, we want to express the pressure in terms of the kinetic energy of the 
gas molecules. Kinetic energy (the energy caused by motion) is given by 3mu?, 
where m is the mass and u is the velocity. Since we are using the average of the 
velocity squared (u*), and since mu? = 2(jmu?), we have 


oy geseu) 





3 V 


Recall that P is the pressure of the gas, 7 is the number of moles of gas, Na is 
Avogadro’s number, m is the mass of each particle, u* is the average of the 
squares of the velocities of the particles, and V is the volume of the container. 

The quantity $m? represents the average kinetic energy of a gas particle. 
If the average kinetic energy of an individual particle is multiplied by Na, the 
number of particles in a mole, we get the average kinetic energy for a mole of 
gas particles: 


ES Lee: 
(KE) avg = NaGmu’) 
Using this definition, we can rewrite the expression for pressure as 


2| m(KE),¥¢ PY 2 
DS eee = S(KB)y, 
| V Pate a 
The fourth postulate of the kinetic molecular theory is that the average 
kinetic energy of the particles in the gas sample is directly proportional to the 
temperature in Kelvins. Thus, since (KE)yz * T, we can write 
Vee PV 
(KE) yD or oe 
n 3 n 
Note that this expression, has been derived from the assumptions of the kinetic 
molecular theory. How does it compare with the ideal gas law—the equation 
obtained from experiment? Compare the ideal gas law, 


PY _ 
n 


RL From experiment 


with the result from the kinetic molecular theory, 
PV 


Sao From theory 
n 
These expressions have exactly the same form if R, the universal gas constant, 
is considered the proportionality constant in the second case. 

The agreement between the ideal gas, law and the kinetic molecular theory 
gives us confidence in the validity of the model. The characteristics we have 
assumed for ideal gas particles must agree, at least under certain conditions, 
with their actual behavior. 


The Meaning of Temperature 


We have seen from the kinetic molecular theory that the Kelvin temperature is 
a measure of the average kinetic energy of the gas particles. The exact relation- 
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ship between temperature and average kinetic energy can be obtained by com- 
bining the equations 


yy 
—-=RIT= lave 
n 3 


which yields the expression 


(KE) ave = RT 


This is a very important relationship. It summarizes the meaning of the Kelvin 
temperature of a gas: The Kelvin temperature is an index of the random mo- 
tions of the particles of a gas, with higher temperature meaning greater 
motion. 


Root Mean Square Velocity 


In the equation from the kinetic molecular theory, the eaUCae velocity of the 
gas particles is a special kind of average. The symbol u* = the average of 
the squares of the particle velocities. The square root of w* is called the root 
mean square velocity and is symbolized by ums: 


Urms = Ve 
We can obtain an expression for u,,; from the equations 
(KE)ave = NaGgmmu?) and — (KE avg = 3RT 


Combination of these equations gives 








= Saaret 
3 jie 
Na(3mu?) = 3RT or “w= New 
Taking the square root of both sides of the last equation produces 
= 3RT 
P= Urms = 
i Nam 


In this expression, m represents the mass in kilograms of a single gas particle. 
When Na, the number of particles in a mole, is multiplied by m, the product is 
the mass of a mole of gas particles in kilograms. We will call this quantity M. 
Substituting M for Nam in the equation for u,.,,, we obtain 


ieee gee 
rms M 


Before we can use this equation, we need to consider the units for R. So far 
we have used 0.08206 L atm K~! mol”! as the value of R. But to obtain the 
desired units (meters per second) for “ms, R must be expressed in different units. 
As we will see in more detail in Chapter 9, the energy unit most often used in 
the SI system is the joule (J). A joule is defined as a kilogram meter squared per 
second squared (kg m*/s?). When R is converted from liter atmospheres to 
joules, it has the value 8.3145 J K~! mol” !. When R with these units is used in 
the expression V 3RT/M, tums has units of meters per second, as desired. 

So far we have said nothing about the range of velocities actually found in 
a gas sample. In a real gas, there are large numbers of collisions between par- 
ticles. For example, when an odorous gas such as ammonia is released in a 
room, it takes some time for the odor to permeate the air, as we will see in Sec- 
tion 5.7. This delay results from collisions between the NH; molecules and O, 
and N) molecules in the air, which greatly slow the mixing process. 


R = 0.08206 L atm K~! mol~' 
R = 8.3145 JK"! mol! 





Figure 5.14 

Path of one particle in a gas. Any given 
particle will continuously change its 
course as a result of collisions with 
other particles as well as with the walls 
of the container. 


Relative number of O, molecules 


with given velocity 





0 4x10 8x10 10X10° 
Molecular velocity (m/s) 


Figure 5.15 
A plot of the relative number of O2 mole- 
cules that have a given velocity at STP. 


Figure 5.16 

A plot of the relative number of Nz mole- 
cules that have a given velocity at three 
temperatures. Note that as the temper- 
ature increases, both the average veloc- 
ity (reflected by the curve’s peak) and 
the spread of velocities increase. 
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If the path of a particular gas particle could be monitored, it would prob- 
ably look very erratic, something like that shown in Fig. 5.14. The average 
distance a particle travels between collisions in a particular gas sample is called 
the mean free path. It is typically a very small distance (1 < 10-7 m for O) at 
STP). One effect of the many collisions among gas particles is to produce a 
large range of velocities as the particles collide and exchange kinetic energy. 
Although 14,5 for oxygen gas at STP is approximately 500 m/s, the majority of 
O> molecules do not have this velocity. The actual distribution of molecular 
velocities for oxygen gas at STP is shown in Fig. 5.15. This figure shows the 
relative number of gas molecules having each particular velocity. 

We are also interested in the effect of temperature on the velocity distribu- 
tion in a gas. Figure 5.16 shows the velocity distribution for nitrogen gas at 
three temperatures. Note that as the temperature is increased, the curve maxi- 
mum, which reflects the average velocity, moves toward higher values and the 
range of velocities becomes much larger. 

The distribution of velocities of the particles in an ideal gas is described by 
the Maxwell-Boltzmann distribution law: 


ie 2 ,—mue/2kyT 
fw) = an( ser) ure 





where 


u = velocity in m/s 


m = mass of a gas particle in kg 


kp = Boltzmann’s constant = 1.38066 X 10~*° J/K 
T = temperature in K 


This equation was derived independently by James C. Maxwell, a Scottish 
physicist, and Ludwig E. Boltzmann, an Austrian physicist who did much of 
the fundamental theoretical work on the kinetic molecular description of an 
ideal gas. The product of f(u)du represents the fraction of gas molecules with 
velocities between u and u + du, where du represents an infinitesimal velocity 
increment. This function is the one plotted in Figs. 5.15 and 5.16. 

Analysis of the expression for f(u) yields the following equation for the 
most probable velocity “m, (the velocity possessed by the greatest number of 


gas particles): 
Lek 2D 
Ump on” m M 





Relative number of N, molecules 


with given velocity 





0 1000 2000 3000 
Velocity (m/s) 


170 Chapter 5 Gases 


Figure 5.17 

The velocity distribution for nitrogen 
gas at 273 K, with the values of most 
probable velocity Ump (the velocity at 
the curve maximum), the average 
velocity Uavg, and the root mean square 
velocity U;mes indicated. 





where 


M = molar mass of the gas particles in kg = 6.022 107? X m 
R = gas constant = 6.022 X 107° X kp 


Note that R and kg are related by Avogadro’s number. In fact, it is useful 
to think of kp as the gas law constant per particle (per molecule). 

Another type of velocity that can be obtained from f(z) is the average ve- 
locity Uavg (sometimes written “), which is given by the equation 


a. gual SRT 
Uavg — uU— aM 





Thus we have three ways to describe a “typical” velocity for the particles 
in an ideal gas: the root mean square velocity, the most probable velocity, and 
the average velocity. As can be seen from the equations for tpms; Umps ANd Wave, 
these velocities are not the same. In fact, they stand in the ratios 


Uti Wave tegen UR eee) 


This relationship is shown for nitrogen gas at 0°C in Fig. 5.17. 





5.7 Smerasion and Diffusion 


We have seen that the postulates of the kinetic molecular theory, combined 
with the appropriate physical principles, produce an equation that successfully 
fits the experimentally observed properties of gases as they approach ideal be- 
havior. Two phenomena involving gases provide further tests of this model. 

Diffusion is the term used to describe the mixing of gases. When a small 
amount of pungent-smelling ammonia is released at the front of a classroom, 
it takes some time before everyone in the room can smell it because time is re- 
quired for the ammonia to mix with the air. The rate of diffusion is the rate of 
the mixing of gases. Effusion is the term used to describe the passage of a gas 
through a tiny orifice into an evacuated chamber (Fig. 5.18). The rate of effu- 
sion measures the rate at which the gas is transferred into the chamber. 


Figure 5.18 

The effusion of a gas into an evacuated 
chamber. The rate of effusion (the rate 
at which the gas is transferred across 
the barrier through the pin hole) is 
inversely proportional to the square 
root of the mass of the gas molecules. 


In Graham’s law, the units for molar 
mass can be g/mol or kg/mol, 
since the units cancel in the ratio 
VMo/V.My. 
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Effusion 


Thomas Graham (1805-1869), a Scottish chemist, found experimentally that 
the rate of effusion of a gas is inversely proportional to the square root of the 
mass of its particles. Stated in another way, the relative rates of effusion of two 
gases at the same temperature and pressure are given by the inverse ratio of the 
square roots of the masses of the gas particles: 


Rate of effusion for gas1 VM, 


Rate of effusion for gas2.—-/ M, 





where M, and M; represent the molar masses of the gases. This equation is 
called Graham’s law of effusion. 

Does the kinetic molecular model for gases correctly predict the relative 
effusion rates of gases summarized by Graham’s law? To answer this question, 
we must recognize that the effusion rate for a gas depends directly on the aver- 
age velocity of its particles. The faster the gas particles are moving, the more 
likely they are to pass through the effusion orifice. This reasoning leads to the 
following prediction for two gases at the same temperature T: 





Effusion rate for gas 1 “avg for gas 1 _ V8RT/7M, Ny VM, 
Effusion rate for gas2 uy for gas2 \/8RT/m7M, VM, 








This equation is Graham’s law, and thus the kinetic molecular model fits the 
experimental results for the effusion of gases. 


Diffusion 


Diffusion is frequently illustrated by the lecture demonstration represented in 
Fig. 5.19, in which two cotton plugs, one soaked in ammonia and the other in 
hydrochloric acid, are simultaneously placed at the ends of a long tube. A 
white ring of ammonium chloride (NH4Cl) forms where the NH; and HCl 
molecules meet several minutes later: 


NH;(g) + HClig) —> NH,Cl{s) 
White solid 


The progress of the gases through the tube is surprisingly slow in light of 
the fact that the velocities of the HCl and NH; molecules at 25°C are approxi- 
mately 450 and 660 m/s, respectively. Why does it take several minutes for the 
NH; and HCI molecules to meet? The answer is that the tube contains air and 
thus the NH; and HCI molecules undergo many collisions with Oj and N> 
molecules as they travel through the tube. Although these collisions greatly 
slow their progress through the tube, it still seems reasonable to expect the 
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Figure 5.19 

(a) A demonstration of the relative diffu- 
sion rates of NHz and HC! molecules 
through air. Two cotton plugs, one 
dipped in HCl(aq) and one dipped in 
NH,(aq), are simultaneously inserted 
into the ends of the tube. Gaseous 
NHz and HCI vaporizing from the 
cotton plugs diffuse toward each other 
and, where they meet, react to form 
NH4Cl(s). 

(b) When HCI(g) and NH3(g) meet in the 
tube, a white ring of NH4Cl(s) forms. 





If no air were present in the tube, the 
ratio of distances would be 1.5 as 
predicted from Graham’s law 


Cotton wet 


Glass tube Air Air with HCl(aq) 











Cotton wet aNH, dHCl 
with NH;(aq) 
White ring of NH,Cl(s) 
forms where the NH; and 
(a) HCI meet 





Ken O'Donoghue 


(b) 


relative distances traveled by the NH; and HCl molecules to be related to their 
velocities: 





dxn, _ distance traveled by NH3 — “avg(nH,) — | Mu 


| 36.5 
duc ~ distance traveled by HCl 5 Uave(HCl) ¥ Mee a rar, 


= 1.5 











However, careful experiments show that this prediction is not borne out— 
the observed ratio of distances is 1.3, not 1.5 as predicted by Graham’s law. 
This discrepancy is not due to a failure of the kinetic molecular theory or of 
Graham’s law; it exists because this “diffusion” experiment does not involve a 
simple diffusion process. Rather, it involves a flow of ammonia and hydrogen 
chloride gases through the air in the tube. Because the NH; and HCI molecules 
suffer many collisions with the N» and O; molecules in the tube, the flow rates 
of NH; and HCl are not directly proportional to their molecular velocities. 
Higher velocities lead to a higher number of intermolecular collisions, which in 
turn impedes the flow of the gas. Because of its smaller mass (and thus higher 
average velocity), the flow of the ammonia gas is impeded more than the flow 
of the hydrogen chloride gas. Therefore, the NH3(g) travels a smaller distance 
to meet the HCl(g) than is expected from Graham’s law (the distance ratio is 
smaller than 1.5). 

Although we have given only a qualitative treatment here, the phenomena 
accompanying the mixing of gases are well understood, and the results of this 
experiment can be described very accurately by quantitative theories. 

Although other technologies are now coming into use for this purpose, 
gaseous diffusion has played an important role in the enrichment of uranium 
for use in nuclear reactors. Natural uranium is mostly 738U, which cannot be 
fissioned to produce energy. It contains only about 0.7% of the fissionable 
nuclide *33U. For uranium to be useful as a nuclear fuel, the relative amount of 
*39U must be increased to about 3%. In the gas diffusion enrichment process, 
the natural uranium (containing 735U and a small amount of 733U) reacts with 
fluorine to form a mixture of “UF, and 7*°UF,. Because these molecules have 
slightly different masses, they will have slightly different velocities at a given 
temperature, which allows them to be separated by a multistage diffusion pro- 
cess. To understand how this process works, imagine a series of chambers 
separated by semiporous walls that allow passage of some UF, molecules but 
prevent bulk flow of gas. In effect, each porous wall acts much like a tiny hole 
in an effusion cell. Assume that the UF, from natural uranium is placed in 






U.S. Department of Energy 
re TP he 


Figure 5.20 

Uranium-enrichment converters from 
the Paducah gaseous diffusion plant in 
Kentucky. 
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chamber 1. Thus chamber 1 contains 99.3% *°UF, and 0.7% ?°UE, (that is, 
993 molecules of SUF, for every 7 molecules of *°UF,). Some molecules of 
this UF, diffuse through the semiporous barrier into chamber 2, which was 
initially empty. Because of its smaller mass, **°UF,, which has a slightly greater 
velocity than ***UF,, diffuses at a slightly greater rate. Thus chamber 2 will 
contain a ratio of **°UF, to **SUF, that is slightly greater than 7 to 993. 

Although the process is called gaseous diffusion because the chambers are 
separated by barriers that effectively allow only individual UF, molecules to 
pass through, it behaves like an effusion process. Thus we can find the actual 
ratio of the two types of UF, in chamber 2 from Graham’s law: 











Diffusion rate for 7*°UF, | mass(*?8UF,) 
Diffusion rate for 7°°UF, mass(73°UF,) 
_ [352.05 g/mol 
349.03 g/mol 
= 1.0043 
We can use this factor to calculate the ratio of 7*°UF,/738UF, in chamber 2: 
SU ee SUE Wi 
, = 1.0043 x =*1,0043\--— 
UR eaUE, ot 
t 
Chamber 2 Chamber 1 


= 1.0043(7.0493 x 107°) 
= 7.0797 X 1073 


This very slight increase represents a change from the ratio of 70,493 UF, 
molecules per 10,000,000 *3°UF, molecules in chamber 1 to the ratio of 70,797 
°35UF, molecules per 10,000,000 7°°UF, molecules in chamber 2. 

This enrichment process (in 7°°UF,) continues as the slightly enriched gas in 
chamber 2 diffuses into chamber 3 and is again enriched by a factor of 1.0043. 
The same process is repeated until sufficient enrichment occurs. Obviously, 
this process will take many stages. For example, to calculate the number of 
steps required to enrich from 0.700% **°U to 3.00% **°U, we have the follow- 


ing equation: 


0.700 7°UF, a SOOZEUF: 


ph dS 

99.3 8up, *' = 97.0 8UE, 
t t 

Original ratio Desired ratio 


where N represents the number of stages. This equation follows from the fact 
that each stage produces an enrichment by the factor 1.0043. Thus 


Original ratio X 1.0043 X 1.0043 Xx 1.0043 X --- = final ratio 
t t t 
First Second Third 
stage stage stage 


Solving this equation for N yields 345. Thus we predict that 345 stages are 
required to obtain the desired enrichment. 

Although we have greatly oversimplified* the actual enrichment process 
here, this discussion gives you an idea of how it is accomplished. A photo of 
actual diffusion cells is shown in Fig. 5.20. 





*For a more detailed description, see W. Spindel and T. Ishida, “Isotope Separation,” J. Chem. Ed. 
68 (1991): 312. 
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Enrichment of uranium by gaseous diffusion has become obsolete. Increas- 
ingly, a process using gas centrifuges has become the method of choice. Such a 
process uses a large number of rotating cylinders (centrifuges) that cause the 
more massive 2°8UF, to move to the outside of each cylinder relative to the 
235UF.. which remains closer to the center. Gas centrifuge technology requires 
much less energy than gaseous diffusion, and each step has a 1.3 separation 
factor compared to 1.0043 for gaseous diffusion. Other technologies are also 
being explored for uranium enrichment, but we will not discuss them here. 





Collisions of Gas Particles 
with the Container Walls 


In the analysis of the kinetic molecular model that led to the ideal gas equation, 
we assumed that the pressure a gas exerts is caused by the collisions of its par- 
ticles with the walls of its container. In this section we will consider the details 
of that phenomenon. 

Our goal is to obtain an equation that describes the number of particles 
that collide per second with a given area of the wall. Although a rigorous deri- 
vation of such an equation can be carried out from the details of the kinetic 
molecular theory, we will not do that. Instead, we will pursue a qualitative 
strategy, trying to obtain the fundamental relationships from our conceptual 
understanding of how an ideal gas is expected to behave. We will define the 
quantity we are looking for as Z,, the collision rate (per second) of the gas 
particles with a section of wall that has an area A (in m*). We expect Z, to 
depend on the following factors: 


1. The average velocity of the gas particles 
2. The size of the area being considered 


3. The number of particles in the container 


How is Z, expected to depend on the average velocity of the gas particles? 
For example, if we double the average velocity, we double the number of wall 
impacts, so Z,4 should double. Thus Z,4 depends directly on w4,¢: 


ZA cE Uaveg 


Similarly, Z4 depends directly on A, the area of the wall under consider- 
ation. That is, if we double the area being considered, we will double the 
number of impacts per second that occur within that section of the wall. Thus 
Peay a A. 

Likewise, if the number of particles in the container is doubled, the im- 
pacts with the wall will double. For a general case, we need to consider not the 
absolute number of particles but the number of particles per unit volume (the 
number density of particles), which can be represented by N/V, the number of 
particles N divided by the volume V (in m3). Thus Z, is expected to depend 
directly on N/V. That is, Z4 « N/V. 

In summary, Z, should be directly proportional to Uaye, A, and N/V: 


N 
Z4 % avg X AX T7 
Note that the units for Z4 expected from this relationship are 
m articles articles isi 
tas? (p : ) (p ) ae (collisions) 
S m S S 


The parentheses are used here because particles and collisions are understood 
and are not actual units. The correct units for Z4 are 1/s, or s~!. The fact that 
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the product uayg X A X N/V gives the units expected for Z,4 indicates that we 
are considering all the gas properties that influence Z,. Substituting the expres- 


sion for Uayg gives 
Nip SRT 
Li AM 
ane V aM 


A more detailed analysis of the situation shows that the proportionality 
constant is ;. Thus the exact equation for Z, is 


1N 8RT N RT 
AA Saat! arM. oy 27M 


WWL INTERACTIVE EXAMPLE 5.9 


Calculate the impact rate on a 1.00-cm? section of a vessel containing oxygen 
gas at a pressure of 1.00 atm and 27°C. 


Solution To calculate Z,, we must identify the values of the variables in the 
equation 
IN ERT 
eS 
a7" VN 20M 

In this case, A is given as 1.00 cm*. However, to be inserted into the expres- 
sion for Z4, A must have the units m*. The appropriate conversion gives 
A A200. 10> om 

The quantity N/V can be obtained from the ideal gas law by solving for 
n/V and then converting to the appropriate units: 








; = a x ae = 4.06 X 10-2 mol/L 
(0.08206 L =) (300. K) 
K mol 


To obtain N/V, which has the units (molecules)/m’, from n/V, we make the 
following conversion: 


(molecules) 1000 L 
x 3 





l 
~ = 4.06 x 10-2 B& x 6,022 x 1023 
V E mol m 


= 2.44 x 1075 (molecules)/m? 


The quantity M represents the molar mass of O; in kg. Thus 


g 1 kg 
Mie e0)(0) ~ 
: mol 1000 g 





= 3.20 <107- ke/mol 


Next, we insert these quantities into the expression for Z,: 


ak : 
Za= Ay aan (1.00410 m?)(2.44 x 10> m-~>) 





J 
(8.31455 J oo K) 


=2./2 x 107s 





. k 

2)(3.14)(3.20 2 =| 
mol 

That is, in this gas 2.72 x 10? collisions per second occur on each 1.00-cm? 

area of the container. 
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5.9 | Intermolecular Collisions 


Recall that the postulates of the kinetic molecular model do not take into ac- 
count collisions between gas particles. Since this model correctly fits ideal gas 
behavior (that is, the behavior approached by real gases at high T and low P), 
our conclusion is that intermolecular collisions apparently do not have an im- 
portant influence on the pressure, volume, or temperature of a gas behaving 
ideally. That is, the effects of the collisions must somehow “cancel out” rela- 
tive to the properties P, V, and T of an ideal gas. However, there is much evi- 
dence to suggest that collisions do occur among the gas particles in a real gas. 
For example, a gas that is somehow disturbed from a Maxwell—Boltzmann 
distribution of velocities will rapidly change until it again reaches a Maxwell- 
Boltzmann distribution. This behavior must be caused by energy exchanges 
through collisions. 

In this section we will consider the collision frequency of the particles in a 
gas. We will start by considering a single spherical gas particle with diameter d 
(in meters) that is moving with velocity u,,,. As this particle moves through the 
gas in a straight line, it will collide with another particle only if the other par- 
ticle has its center in a cylinder with radius d, as shown in Fig. 5.21. 

Any particle with its center outside this cylinder will not be hit by our 
particle. Thus our particle “sweeps out” a cylinder of radius d and length 
Uayg X 1 second during every second of its flight. Therefore, the volume of the 
cylinder swept out per second is 


V = volume = (7rd’) (tayg)(1 $) 





t bs 
Area of Length of 
cylinder cylinder 


slice 


As the particle travels through this cylinder, the number of collisions de- 
pends on the number of gas particles in that volume. To specify the number of 
gas particles, we use the number density of the gas N/V, which indicates the 
number of gas particles per unit volume. Thus we can write 


Number of collisions volume N : N 
7 x 74° (tae) = 
per second swept out PONE 


our — 
4 8RT\(N N §° /8aRT 
ad = — q? 
7M V V M 
Figure 5.21 
The cylinder swept out by a gas Will not 
particle of diameter a. a 1 collide 
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This equation is not quite correct. If you are thinking carefully about this 
situation, you may be asking yourself the question, “What about the motions 
of the other particles?” That is, we have said that the primary particle has ve- 
locity uayg, but we have assumed that the other particles are stationary. Of 
course, they are not really stationary. They are moving in various directions 
with various velocities. When the motions of the other particles are accounted 
for (a derivation we will not show here), the relative velocity of the primary 
particle becomes V2 u,yg rather than the value wy, that we have been using. 
Thus the expression for the collision rate becomes 


N RT 48 
Collision rate (per second) = Z = vo) V d*. rae = 4 da, in 


OWL INTERACTIVE EXAMPLE 5.10 


Calculate the collision frequency for an oxygen molecule in a sample of pure 
oxygen gas at 27°C and 1.0 atm. Assume that the diameter of an O) molecule 
is 300 pm. 


Solution To obtain the collision frequency, we must identify the quantities in 
the expression 


that are appropriate to this case. We can obtain the value of N/V for this 
sample of oxygen by assuming ideal behavior. From the ideal gas law, 








ie a = a: = = 4.1 X 10>? mol/L 
m 
(0.08206 : (G00. K) 
K mol 


Thus 





f i 
ed ai eG IVER mel (6.022 ere selec ae ) 
i L mol m 


= 2.5 X 107° (molecules) /m? 
From the given information, we know that 
d = 300:;pm = 300-10; * m or 3)\x. 1052 m 
Also, for O2, M =3.20 X 10-2 kg/mol. Thus 





(8.3145 J K~! mol” ')(300 kK) 
3.20 X 10-7 kg/mol 





f= dies 5 10 te) og Oss” On) X x 


= 4X 107 (collisions)/s.= 4 x 10’ s- 


Notice how large this number is. Each O) molecule undergoes approximately 
4 billion collisions per second in this gas sample. 


Mean Free Path 

As we saw earlier, the collision frequency Z represents the number of collisions 
per second that occur in a given gas sample. On the other hand, the reciprocal 
of Z gives the time (in seconds) between collisions. Thus, if Z = 4 10” (col- 
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lisions) per second, then 1/Z = 2.5 X 107'° seconds between collisions. Now if 
we multiply 1/Z by the average velocity, we obtain the mean free path A: 
1 


i Z X Uayg = distance between collisions 


7 t 
Time between Distance traveled 
collisions (s) | per second 


Substituting the expressions for 1/Z and wave gives 
= 1 
mM} \/2(N/V) (zd?) 





1 
ae manera lh 


Calculate the mean free path in a sample of oxygen gas at 27°C and 1.0 atm. 





Solution Using data from the preceding example, we have 
1 
A= = 1x 107-7 m 
V/2(2.5 X 10% mi \@)GB X 10-* my 

Note that an O> molecule travels only a very short distance before it collides 
with another O) molecule. This produces a path for a given O) molecule like 
the one represented in Fig. 5.14, where the length of each straight line is 
10>? in: 
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Figure 5.22 

Plots of PV/nRT versus P for several 
gases (200 kK). Note the significant 
deviations from ideal behavior (PV/ 
nRT = 1). The behavior is close to ideal 
only at low pressures (less than 1 atm). 


Real Gases 


An ideal gas is a hypothetical concept. No gas exactly follows the ideal gas law, 
although many gases come very close at low pressures and/or high tempera- 
tures. Thus ideal gas behavior can best be thought of as the behavior ap- 
proached by real gases under certain conditions. 

We have seen that a very simple model, the kinetic molecular theory, by 
making some rather drastic assumptions (no interparticle interactions and zero 
volume for the gas particles), successfully explains ideal behavior. However, it 
is important that we examine real gas behavior to see how it differs from that 
predicted by the ideal gas law and to determine what modifications of the ki- 
netic molecular theory are needed to explain the observed behavior. Since a 
model is an approximation and will inevitably fail, we must be ready to learn 
from such failures. In fact, we often learn more about nature from the failures 
of our models than from their successes. 

We will examine the experimentally observed behavior of real gases by 
measuring the pressure, volume, temperature, and number of moles for a gas 
and noting how the quantity PV/nRT depends on pressure. Plots of PV/nRT 
versus P are shown for several gases in Fig. 5.22. For an ideal gas, PV/nRT 
equals 1 under all conditions, but notice that for real gases, PV/nRT approaches 
1 only at low pressures (typically 1 atm). To illustrate the effect of tempera- 
ture, we have plotted PV/nRT versus P for nitrogen gas at several temperatures 
in Fig. 5.23. Notice that the behavior of the gas appears to become more nearly 
ideal as the temperature is increased. The most important conclusion to be 
drawn from these plots is that a real gas typically exhibits behavior that is clos- 
est to ideal behavior at low pressures and high temperatures. 

How can we modify the assumptions of the kinetic molecular theory to fit 
the behavior of real gases? An equation for real gases was developed in 1873 
by Johannes van der Waals, a physics professor at the University of Amster- 


Figure 5.23 

Plots of PV/nAT versus P for nitrogen 
gas at three temperatures. Note that 
although nonideal behavior is evident in 
each case, the deviations are smaller at 
the higher temperatures. 


PV/nAT is also 1 at high pressures for 
many gases because of a canceling of 
nonideal effects. 


P’ is corrected for the finite volume of 
the particles. The attractive forces have 
not yet been taken into account 


Pops iS USUally called just P. 
We have now corrected for both the 


finite volume and the attractive forces 
of the particles. 
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(a) Gas at low concentration —relatively 
few interactions between particles. The 
indicated gas particle exerts a pressure 
on the wall close to that predicted 

for an ideal gas. 

(b) Gas at high concentration— many 
more interactions between particles. 
Because of these interactions the colli- 
sion frequency with the walls is 
lowered, thus causing the observed 
pressure to be smaller than if the gas 
were behaving ideally. 
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dam who in 1910 received a Nobel Prize for his work. To follow his analyses, 
we start with the ideal gas law, 
nRT 


= 
V 





Remember that this equation describes the behavior of a hypothetical gas con- 
sisting of volumeless entities that do not interact with each other. In contrast, a 
real gas consists of atoms or molecules that have finite volumes. Thus the volume 
available to a given particle in a real gas is less than the volume of the container 
because the gas particles themselves take up some of the space. To account for 
this discrepancy, van der Waals represented the actual volume as the volume of 
the container V minus a correction factor for the volume of the molecules ub, 
where 7 is the number of moles of gas and 6 is an empirical constant (one deter- 
mined by fitting the equation to the experimental results). Thus the volume actu- 
ally available to a given gas molecule is given by the difference V — nb. 
This modification of the ideal gas equation leads to the expression 


nRT 
(V — nb) 
The volume of the gas particles has now been taken into account. 
The next step is to account for the attractions that occur among the par- 


ticles in a real gas. The effect of these attractions is to make the observed pres- 
sure P,,, smaller than it would be if the gas particles did not interact: 


nRT 
V-—nb 


Pp’ = 


Pops = (P’ — correction factor) = ( — correction factor} 

This effect can be understood by using the following model. When gas particles 
come close together, attractive forces occur, which cause the particles to hit the 
wall slightly less often than they would in the absence of these interactions 
(Fig. 5.24). 

The size of the correction factor depends on the concentration of gas mol- 
ecules defined in terms of moles of gas particles per liter (7/V). The higher the 
concentration, the more likely a pair of gas particles will be close enough to 
attract each other. For large numbers of particles, the number of interacting 
pairs of particles depends on the square of the number of particles and thus on 
the square of the concentration, or (n/V)*. This reasoning can be justified as 
follows: In a gas sample containing N particles, there are N — 1 partners avail- 
able for each particle, as shown in Fig. 5.25. Since the 1 --- 2 pair is the same 
as the 2:-+1 pair, this analysis counts each pair twice. Thus for N particles 
there are N(N — 1)/2 pairs. If N is a very large number, N — 1 approximately 
equals N, giving N?/2 possible pairs. Thus the correction to the ideal pressure 
for the attractions of the particles has the form 


recede) 
obs —_ a V 


180 Chapter5 Gases 


Given particle where a is a proportionality constant (which includes the factor of 15 from 
N2/2). The value of a for a given real gas can be determined from observing the 
actual behavior of that gas. Inserting the corrections for both the volume of the 
particles and the attractions of the particles gives the equation 


ee nRT (=) 
aay np V 








x |» —— 
x 4 
os 
a 
10) ~ ; Observed Volume Volume Pressure 
4 pressure of the correction correction 
Gas sample with 10 particles container 


Figure 5.25 
lllustration of pairwise interactions 
among gas particles. In a sample with 


This equation can be rearranged to give the van der Waals equation: 








10 particles, each particle has 9 possi- ae 
ble partners, to give 10(9)/2 = 45 dis- Pas ae (=) | (V-—nb) = mRT 
tinct pairs. The factor of 4 arises 
because when particle dD is the parti- Corrected pressure Corrected volume 
cle of interest, we count the &d tee We ey ace * 
ideal ideal 


pair, and when particle 2) is the parti- 

cle of interest, we count the 2 

pair. However, @- and @- @ The values of the weighting factors, a and b, are determined for a given gas 

atedNenaine: Pal swhich werlhus have by fitting experimental behavior. That is, a and b are varied until the best fit of 

ee eee ae a the observed pressure is obtained under all conditions. The values of a and b 
for various gases are given in Table 5.3. 











ks Experimental studies indicate that the changes van der Waals made in the 
basic assumptions of the kinetic molecular theory corrected the major flaws in 
the model. First, consider the effects of volume. For a gas at low pressure (large 
volume), the volume of the container is very large compared with the volumes 
of the gas particles. That is, the volume available to the gas is essentially equal 
to the volume of the container, so the gas behaves ideally. On the other hand, 
for a gas at high pressure (small volume), the volume of the particles becomes 
significant so that the volume available to the gas is significantly less than the 
container volume. These observations are illustrated in Fig. 5.26. Note that the 
volume-correction constant b generally increases with the size of the gas mol- 
ecule, which gives further support to these arguments. 
The fact that a real gas tends to behave more ideally at high temperatures 
Table 5.3 can also be explained in terms of the van der Waals model. At high tempera- 
Wainastor van der Waele Consents tures the particles are moving so rapidly that the effects of interparticle interac- 
for Some Common Gases tions are not very important. 
—— : The corrections made by van der Waals to the kinetic molecular theory 
Gas (= L ) () make physical sense, which makes us confident that we understand the funda- 
mol” mol mentals of gas behavior at the particle level. This is significant because so much 
He 0.034 0.0237 important chemistry takes place in the gas phase. 
Ne 0.211 0.0171 
Ar L335) 0.0322 
Kr Ze 0.0398 
Xe 4.19 0.0511 
H, 0.244 0.0266 
N> oe 0.0391 
Op hax 0.0318 
Cl, 6.49 0.0562 ’ 
CO; 3.59 0.0427 Figure 5.2600 
CH: 2.25 0.0428 The volume occupied by the gas particles 
NH; 4.17 0.0371 themselves is less important at (a) large 
So) 5.46 0.0305 container volumes (low pressure) than at 


een = (6) small container volumes (high pressure). 
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Kenneth Suslick Practices Sound Chemistry 


Chemistry Explorers 





Professor Kenneth S. Suslick, who received his B.S. 
degree from the California Institute of Technology 
and his Ph.D. from Stanford University, has spent 
his entire academic career at the University of Illi- 
nois at Urbana-Champaign. Although his research 
interests have spanned the traditional areas of 
chemistry, Professor Suslick and his group have 
been especially interested in sonochemistry, the 
chemical effects of ultrasound in which sound 
waves (pitched above human hearing) are applied 
to solutions. 

The effects of high-intensity sound waves on 
solutions come from cavitation: the formation, 
growth, and implosive collapse of bubbles in a 
liquid. Cavitational collapse produces very high 
pressures that lead to local heating so intense that 
they cause reactions requiring high energies to 
occur, often accompanied by the emission of light. 

In fact, Suslick’s research has just shown that 
as the bubble implodes, the interior can reach tem- 
peratures higher than 15,000 K—about three times 
the temperature of the surface of the sun. At these 
temperatures atoms come apart to form a plasma, 
which contains ions and electrons. Thus cavitation 





can create extraordinarily 
hot spots in an otherwise 
cold liquid. 

Besides its use for 
studying high-energy 
reactions, ultrasound has 
also proved valuable in 
the synthesis of nano- 
structured materials. One 
example is the formation 
of liquid-containing 
protein microspheres that 
could be injected into the 
body’s circulatory system 
to deliver drugs. Another 
application involves 
surface chemistry. When 
cavitation occurs near a 
solid surface, the high- 


speed jets of liquid and the associated sound waves 
can alter the surface properties of the solid. This 
has proved useful in activating the surfaces of 


metals used as catalysts. 


Sonochemistry is indeed sound chemistry. 







Jim Gray/Courtesy of Kenneth S. Suslick 


A humorous photograph 
of Professor Kenneth S. 
Suslick. The fog appar- 
ently emanating from his 
head is produced by a 
very cold vapor from liquid 
nitrogen, which freezes 
moisture from the air. 
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We can understand gas behavior more completely if we examine the character- 
istics of several common gases. Note from Fig. 5.22 that the gases H2, No, CHa, 
and CO, show different behavior when the compressibility PV/nRT is plotted 
versus P. For example, notice that the plot for H2(g) never drops below the 
ideal value (1.0) in contrast to all the other gases. What is special about H) 
compared to these other gases? Recall from Section 5.8 that the reason that the 
compressibility of a real gas falls below 1.0 is that the actual (observed) pres- 
sure is lower than the pressure expected for an ideal gas due to the intermo- 
lecular attractions that occur in real gases. This must mean that H; molecules 
have very low attractive forces for each other. This idea is borne out by looking 
at the van der Waals a value for H> in Table 5.3. Note that H, has the lowest 
value among the gases Hj, No, CH4, and CO. Remember that the value of a 
reflects how much of a correction must be made to adjust the observed pres- 
sure up to the expected ideal pressure: 


Page Pig + (2) 
ideal — F obs a\ 
ideal b V 


A low value for a reflects weak intermolecular forces among the gas molecules. 
Also notice that although the compressibility for N> dips below 1.0, it does 
not show as much deviation as that for CH4, which in turn does not show as 
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much deviation as the compressibility for CO2. Based on this behavior, we can 
surmise that the importance of intermolecular interactions increases in this 
order: 


H, < N2 < CH, < CO, 


This order is reflected by the relative a values for these gases in Table 5.3. In Sec- 
tion 16.1, we will see how these variations in intermolecular interactions can be 
explained. The main point to be made here is that real gas behavior can tell us 
about the relative importance of intermolecular attractions among gas molecules. 
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Table 5.4 


Atmospheric Composition Near Sea 
Level (dry air)* 


Component Mole Fraction 
N> 0.78084 
O, 0.20946 
Ar 0.00934 
CO, 0.000345 
Ne 0.00001818 
He 0.00000524 
CH, 0.00000168 
Kr 0.00000114 
H) 0.0000005 
NO 0.0000005 
Xe 0.000000087 


*The atmosphere contains various 
amounts of water vapor, depending on 
conditions. 


Figure 5.27 

The variation of temperature and pres- 
sure with altitude. Note that the pres- 
sure steadily decreases with increasing 
altitude but that the temperature does 
not change monotonically. 


Chemistry in the Atmosphere 


The gases that are most important to us are located in the atmosphere that sur- 
rounds the earth’s surface. The principal components are N and O:, but many 
other important gases, such as H,O and COs, are also present. The average 
composition of the earth’s atmosphere near sea level, with the water vapor 
removed, is shown in Table 5.4. Because of gravitational effects, the composi- 
tion of the earth’s atmosphere is not constant: Heavier molecules tend to be 
near the earth’s surface, and light molecules tend to migrate to higher altitudes 
and eventually to escape into space. The atmosphere is a highly complex and 
dynamic system, but for convenience, we divide it into several layers based on 
the way the temperature changes with altitude. (The lowest layer, called the 
troposphere, is shown in Fig. 5.27.) Note that in contrast to the complex tem- 
perature profile of the atmosphere in general, the pressure decreases in a regu- 
lar way with increasing altitude in the troposphere. 

The chemistry occurring in the higher levels of the atmosphere is mostly 
determined by the effects of high-energy radiation and particles from the sun 
and other sources in space. In fact, the upper atmosphere serves as an impor- 
tant shield to prevent this high-energy radiation from reaching the earth, where 
it would damage the relatively fragile molecules sustaining life. In particular, 
the ozone in the upper atmosphere helps prevent high-energy ultraviolet radia- 
tion from penetrating to the earth. Intensive research is in progress to deter- 
mine the natural factors that control the ozone concentration and to under- 
stand how it is affected by chemicals released into the atmosphere. 

The chemistry occurring in the troposphere is strongly influenced by human 
activities. Millions of tons of gases and particulates are released into the tropo- 
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Although represented here as Os, the 
actual oxidant is an organic peroxide 

such as CH3COO, formed by reaction 
of Os with organic pollutants 
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Figure 5.28 


Concentration (in molecules per million 
molecules of “air”) of some smog com- 
ponents versus time of day. After P. A. 
Leighton’s classic experiment, “Photo- 
chemistry of Air Pollution,” in Physical 
Chemistry: A Series of Monographs, 
ed. Eric Hutchinson and P. Van Ryssel- 
berghe, Vol. IX. New York: Academic 
Press, 1961. 


Jonn Lawlor 


Figure 5.29 

Our various modes of transportation 
produce large amounts of nitrogen 
oxides, which facilitate the formation of 
photochemical smog. 
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sphere by our highly industrial civilization. Actually, it is amazing that the at- 
mosphere can absorb so much material with relatively small permanent changes. 

Significant changes, however, are occurring. Severe air pollution is found 
around many large cities, and it is probable that long-range changes in the 
planet’s weather are taking place. We will deal only with the short-term, local- 
ized effects of pollution. 

The two main sources of pollution are transportation and the production 
of electricity. The combustion of petroleum in vehicles produces CO, CO», 
NO, and NOs, along with unburned molecules from petroleum. When this 
mixture is trapped close to the ground in stagnant air, reactions occur, produc- 
ing chemicals that are potentially irritating and harmful to living systems. 

The complex chemistry of polluted air appears to center on ozone and the 
nitrogen oxides (NO,). At the high temperatures in the gasoline and diesel en- 
gines of cars and trucks, Ny and O, react to form a small quantity of NO, 
which is emitted into the air with the exhaust gases (Fig. 5.28). This NO is oxi- 
dized in air to NO, which in turn absorbs energy from sunlight and breaks up 
into nitric oxide and free oxygen atoms: 


Radiant 


energy 


NO,(g) NO(g) + O(g) 


Oxygen atoms are very reactive and can combine with O, to form ozone: 
Ole) Ong) One) 


Ozone is also very reactive. It can react with the unburned hydrocarbons in the 
polluted air to produce chemicals that cause the eyes to water and burn and are 
harmful to the respiratory system. 

The end product of this whole process is often referred to as photochemi- 
cal smog, so called because light is required to initiate some of the reactions. 
The production of photochemical smog can be more clearly understood by 
examining as a group the preceding reactions: 

NO; (2) >) NOG) Og) 


O(g) + Or(g) — > O3(g) 
NO(g) + 3O2(g) —> NO,(g) 





Net reaction: $O.(g) —> O3(g) 


Note that the NO, molecules assist in the formation of ozone without being 
consumed themselves. The ozone then produces other pollutants. 

We can observe this process by analyzing polluted air at various times dur- 
ing a day (Fig. 5.28). As people drive to work between 6 and 8 a.m., the 
amounts of NO, NO», and unburned molecules from petroleum increase. 
Later, as the decomposition of NO, occurs, the concentration of ozone and 
other pollutants builds up. Current efforts to combat the formation of photo- 
chemical smog are focused on cutting down the amounts of molecules from 
unburned fuel in automobile exhaust and designing engines that produce less 
nitric oxide (Fig. 5.29). 

The other major source of pollution results from burning coal to produce 
electricity. Much of the coal found in the Midwest contains significant quanti- 
ties of sulfur, which, when burned, produces sulfur dioxide: 


S (In coal) + O2(g) —> SO,(g) 


A further oxidation reaction occurs when sulfur dioxide is changed to sulfur 
trioxide in the air: 


2$O2(g) + O2(g) —> 2503(g) 
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The Importance of Oxygen 





Oxygen has been present only for the last half of 
the earth’s history—appearing about 2.5 billion 
years ago in what is called The Great Oxidation 
Event. Before this time the earth’s atmosphere con- 
tained large quantities of methane, which reacted 
with oxygen and prevented its buildup. Now there 
is geological evidence that about 2.7 billion years 
ago the amount of dissolved nickel in the oceans 
began to decrease. This was important because the 
organisms that produced methane required nickel 
ions to exist. As the methane concentrations in the 
atmosphere decreased, oxygen produced by chlo- 
rophyll-containing organisms began to build up. In 
contrast, oxygen was removed from the atmos- 
phere by mountain building and erosion as freshly 
exposed rocks combined with oxygen to form 
oxygen-containing minerals. 

The concentration of oxygen in the atmosphere 
has varied greatly over the last 600 million years, 
as shown in the accompanying graph. Note that 
300 million years ago (at the end of the Carbonif- 
erous period) the air consisted of about 35% 
oxygen. The fossil record indicates that during this 
time insects and other arthropods that absorb 
oxygen through holes in their exoskeletons were 
extraordinarily large. It is thought that mayflies as 
big as today’s robins and dragonflies as big as 
modern hawks were commonplace in this period. 

About 255 million years ago, the oxygen con- 
centration in the atmosphere was about 30%, but 
for some reason the oxygen content plunged to 
about 13% (about the concentration at an eleva- 
tion of 15,000 feet in today’s world) in the rela- 
tively short geological time span of 10 million 
years. Die-offs during this period claimed as many 
as 95% of the species living in the ocean and about 
70% of those living on land. The oxygen content 
then began to rebound (to about 16%) 200 million 





Percent oxygen 





-600 -500 400 -300 -200 -100 0 


Time (millions of years) 


years ago, which led to a dramatic increase in bio- 
logical innovation. For example, the first dinosaurs 
appeared only about 15 million years after the 
mass die-offs. 

During the last 200 million years the oxygen 
content has increased rather steadily, making pos- 
sible the existence of fuel-intense species such as 
mammals. In fact about 25 million years ago when 
oxygen concentration maximized at 23%, many 
mammals had become gigantic. For example, the 
relatives of today’s rhino stood almost 5 m tall 
and weighed 15 metric tons—the largest ever land 
mammals. After peaking at 23%, the oxygen 
levels dropped to today’s level of 21% and the 
“megamammals” disappeared. If history is any 
indication, the oxygen levels in the atmosphere will 
continue to change significantly over time, but this 
is obviously not a high-priority problem for us in 
the twenty-first century. 


Reprinted with permission from Science News, the weekly news 
magazine of science. Copyright © 2005 by Science Service. 





This equation describes only the overall stoichiometry of the process; many 
different oxidants actually participate in the oxidation of sulfur dioxide (see 
Chapter 15 for a further discussion). The production of sulfur trioxide is sig- 
nificant because it can combine with droplets of water in the air to form sulfu- 


ric acid: 


SO3(g) + H2,O(/) —> HSO,(aq) 
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Kristie A. Boering and Ronald C. 


Study the Earth’s Atmosphere 


Cohen 


Chemistry Explorers 





One of the most important areas of research is the 
study of the chemistry of the earth’s atmosphere 
and how human activities are changing it. Two 
researchers who are exploring these issues are 
Kristie A. Boering and Ronald C. Cohen, both 
faculty members at the University of California at 
Berkeley. Professor Boering and her research group 
are studying the earth’s atmospheric chemistry 
through observations from aircraft, balloons, and 
ground-based platforms; computer simulations; 
and laboratory experiments. Dr. Boering is partic- 
ularly interested in the exchange of gases between 
the biosphere and the atmosphere in modern times 
and over the past millennium. 

Professor Cohen’s overall goal is to develop a 
model for the ways human activity can cause 
global changes in the atmosphere. His group is 
particularly interested in what chemical reactions 
control ozone formation and depletion. 












Photo by Michael Barnes/University of 


Photo by Michael Barnes/University of 
California at Berkeley 


Kristie A. Boering. Ronald C. Cohen. 


Professors Boering and Cohen hope their 
efforts to understand the changes in atmospheric 
chemistry will lead to solutions to problems such 
as global warming. 





Sulfuric acid is very corrosive to both living things and building materials. 
Another result of this type of pollution is acid rain (Fig. 5.30). In many parts 
of the northeastern United States and southeastern Canada, acid rain has 
caused some freshwater lakes to become too acidic for fish to live. 


Figure 5.30 

A helicopter dropping lime in a lake in 
Sweden to neutralize excess acid from 
acid rain. 


M. Edwards/Peter Arnold, Inc. 
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the world. 
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Acid Rain: An Expensive Problem 





H,O(1) + CO2(g) —~> H*(aq) + HCO; (aq) 


2NO>(g) + H,O(!) —» HNO (aq) + HNO3(aq) 


The damage caused by the acid formed in polluted 
air is a growing worldwide problem. Lakes are 

dying in Norway, the forests are sick in Germany, 
and buildings and statues are deteriorating all over CaCO3(s) + H,SO,4(aq) 


Rainwater, even in pristine wilderness areas, is For example, the Field Museum in Chicago 
slightly acidic because some of the carbon dioxide contains more white Georgia marble than any 
present in the atmosphere dissolves in the rain- other structure in the world. But more than 
drops to produce H* ions by the following 70 years of exposure to the elements has taken 


such a toll on it that the building underwent a 
multimillion-dollar renovation to replace the 
damaged marble with freshly quarried material. 


This process produces only very small concentra- What is the chemistry of the deterioration of 
tions of H* ions in the rainwater. However, gases marble by sulfuric acid? Marble is produced by 
such as NO, and SOs, which are by-products of geological processes at high temperatures and pres- 
energy use, can produce significantly higher H* sures from limestone, a sedimentary rock formed 
concentrations. Nitrogen dioxide reacts with water by slow deposition of calcium carbonate from the 
to give a mixture of nitrous acid and nitric acid: shells of marine organisms. Limestone and marble 


are chemically identical (CaCO3) but differ in 
physical properties because limestone is composed 


Sulfur dioxide is oxidized to sulfur trioxide, which of smaller particles of calcium carbonate and is 
then reacts with water to form sulfuric acid: thus more porous and more workable. Although 


2S02(g) + O2(g) —> 2503(g) 


both limestone and marble are used for buildings, 
marble can be polished to a higher sheen and is 


SO3(g) + H,O(/) — > H)SO,(aq) often preferred for decorative purposes. 


Both marble and limestone react with sulfuric 
acid to form calcium sulfate. The process can be 
represented most simply as 


—> Ca?**(aq) + SO.“ (aq) + H2O(l) + COxr(g) 








The problem of sulfur dioxide pollution is further complicated by the en- 
ergy crisis. As petroleum supplies dwindle and the price increases, our depen- 
dence on coal! will grow. As supplies of low-sulfur coal are used up, high-sulfur 
coal will be used. One way to use high-sulfur coal without further harming the 
air quality is to remove the sulfur dioxide from the exhaust gas by means of a 
system called a scrubber before it is emitted from the power plant stack. A 
common method of scrubbing involves blowing powdered limestone (CaCO;) 
into the combustion chamber, where it is decomposed to lime and carbon 
dioxide: 


CaCO3(s) —~> CaO(s) + CO3(g) 
The lime then combines with the sulfur dioxide to form calcium sulfite: 
CaO(s) + SO2(g) ——> CaSO,;(s) 


The calcium sulfite and any remaining unreacted sulfur dioxide are removed 
by injecting an aqueous suspension of lime into the combustion chamber and 
the stack, producing a slurry (a thick suspension), as shown in Fig. 5.31. 
Unfortunately, there are many problems associated with scrubbing. The 
systems are complicated and expensive and consume a great deal of energy. 
The large quantities of calcium sulfite produced in the process present a dis- 
posal problem. For a typical scrubber approximately 1 ton of calcium sulfite 


5.12 Chemistry in the Atmosphere 








In this equation the calcium sulfate is represented 
by separate hydrated ions because calcium sulfate 
dissolves in rainwater. Thus in areas bathed in 
rainwater, the marble slowly dissolves away. 

In areas of the building protected from the 
rain, the calcium sulfate can form the mineral 
gypsum, CaSO, - 2H;O. The - 2H;O in the 
formula of gypsum indicates the presence of two 
water molecules (called waters of hydration) for 
each CaSO, formula unit in the solid. The smooth 
surface of the marble is thus replaced by a thin 
layer of gypsum, a more porous material that 
binds soot and dust. 

What can be done to protect limestone and 
marble structures from this kind of damage? Of 
course, one approach is to lower sulfur dioxide 
and nitrogen oxide emissions from power plants 
(Fig. 5.31). In addition, scientists are experiment- 
ing with coatings to protect marble from the acidic 
atmosphere. However, a coating can do more 
harm than good unless it “breathes.” If moisture 
trapped beneath the coating freezes, the expanding 
ice can fracture the marble. Needless to say, it is 
difficult to find a coating that will allow water to 
pass but not allow acid to pass, so the search 
continues. 








The damaging effects of acid rain can be seen by com- 
paring these photos of a decorative statue at the Field 
Museum in Chicago. The photo on the left was taken 
c. 1920; the photo on the right was taken in 1990. 
Recent renovation has since replaced the deteriorating 
marble. 





Photos Field Museum, Chicago #CSGN40263 and #GN83213_6C. 








Figure 5.31 

Schematic diagram of the process for 
scrubbing sulfur dioxide from stack 
gases in power plants. CaCO, 


Coal 


Air 


CO,+ CaO 


Combustion chamber 


Water + CaO 









CaSO; slurry 


Scrubber 


To 
smokestack 


per year is produced per person served by the power plant. Since no use has yet 
been found for this calcium sulfite, it is usually buried in a landfill. As a result 
of these difficulties, air pollution by sulfur dioxide continues to be a major 
problem, one that is expensive in terms of damage to the environment and to 
human health, as well as in monetary terms. 
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Key Terms For Review 

Section 5.1 OWL ang (22 WUT 

barometer Sign in at www.cengage.com/ow/l to: 

manometer e View tutorials and simulations, develop problem-solving skills, and complete online nomework 
H assigned by your professor. 

OS eg * Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 

coe (or purchase them at www.cengagebrain.com) 

standard atmosphere 

pascal State of a gas 

Section 5.2 = The state of a gas can be described completely by specifying its pressure 

Boyle’s law (P), volume (V), temperature (T), and the amount (moles) of gas pres- 

ideal gas ent (7). 

Charles’s law a Pressure 


absolute zero 
Avogadro’s law 


Section 5.3 
universal gas constant 
ideal gas law 


Section 5.4 

molar volume 

standard temperature and 
pressure (STP) 


Section 5.5 

Dalton’s law of partial pressures 
partial pressure 

mole fraction 


Section 5.6 

kinetic molecular theory 
root mean square velocity 
joule 

mean free path 

Section 5.7 

diffusion 

effusion 

Graham’s law of effusion 
Section 5.9 

mean free path (A) 


Section 5.10 
van der Waals equation 


Section 5.12 
atmosphere 

air pollution 
photochemical smog 
acid rain 





s Common units 
# | torr = 1mmHg 
a 1 atm = 760 torr 

a SI unit: pascal 
me 1 atm = 101,325 Pa 


Gas laws 

a Discovered by observing the properties of gases 

Boyle’s law: PV =k 

Charles’s law: V = bT 

Avogadro’s law: V = an 

Ideal gas law: PV = nRT 

Dalton’s law of partial pressures: Proiaj = P; + P2 + P3 + ---, where P,, 
represents the partial pressure of component 7 in a mixture of gases 


Kinetic molecular theory (KMT) 
= Model that accounts for ideal gas behavior 
a Postulates of the KMT: 
a Volume of gas particles is negligible (zero) 
a No particle interactions 
a Particles are in constant motion, colliding with the container walls to 
produce pressure 
a The average kinetic energy of the gas particles is directly propor- 
tional to the Kelvin temperature of the gas 


Gas properties 

u The particles in any gas sample have a range of velocities 

a The root mean square (rms) velocity for a gas represents the average of 
the squares of the particle velocities 


3RT 
Mims a Repo. 


M 
a Diffusion: the mixing of two or more gases 
a Effusion: the process in which a gas passes through a small hole into an 
empty chamber 
a The collision rate (per second) of gas particles with the container walls 
(Z,) depends on the average velocity of the gas particles, the size of the 
area being considered, and the number of particles in the container 
N RT 
Vlg 8 x ae Ol ero 
* V V 17M 
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Real gas behavior 


pressures 


level 





Discussion Questions 


a The intermolecular collision rate (per second) of gas particles (Z) de- 
pends on the average velocity of the gas particles, the size of the gas 
particles, and the number of particles in the container 


N , /aRT 
Sige Nar aat ae eer 
V M 


= Real gases approach ideal behavior at high temperatures and low 


= Understanding how the ideal gas law must be modified to account for 
real gas behavior helps us understand how gases behave on a molecular 


» Van der Waals found that to describe real gas behavior we must con- 
sider particle interactions and particle volumes 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


1. Consider the following apparatus: a test tube covered 
with a nonpermeable elastic membrane inside a con- 
tainer that is closed with a cork. A syringe goes through 
the cork. 


Membrane 





a. As you push down on the syringe, how does the 
membrane covering the test tube change? 

b. You stop pushing the syringe but continue to hold it 
down. In a few seconds, what happens to the 
membrane? 

2. Figure 5.1 shows a picture of a barometer. Which of the 
following statements is the best explanation of how this 


barometer works? 

a. Air pressure outside the tube causes the mercury to 
move in the tube until the air pressure inside and 
outside the tube is equal. 








b. Air pressure inside the tube causes the mercury to 
move in the tube until the air pressure inside and 
outside the tube is equal. 

c. Air pressure outside the tube counterbalances the 
weight of the mercury in the tube. 

d. Capillary action of the mercury causes the mercury 
to go up the tube. 

e. The vacuum that is formed at the top of the tube 
holds up the mercury. 


Justify your choice. For choices that you did not pick, 
explain why they are incorrect. Pictures help! 


. The barometer on the left in the following diagram 


shows the level of mercury at a given atmospheric pres- 
sure. Fill all the other barometers with mercury for that 
same atmospheric pressure. Explain your answer. 


C-) 









































4. As you increase the temperature of a gas in a sealed, 
rigid container, what happens to the density of the gas? 
Would the results be the same if you did the same ex- 
periment in a container with a piston at constant pres- 
sure? Explain. 


190 


on 


10. 


Chapter5 Gases 


A diagram in a chemistry book shows a magnified view 
of a flask of air as follows: 





What do you suppose is between the dots (the dots rep- 
resent air molecules)? 

a.) ait c. pollutants 
b. dust d. oxygen 


e. nothing 


. If you put a drinking straw in water, place your finger 


over the opening, and lift the straw out of the water, 
some water stays in the straw. Explain. 


. A chemistry student relates the following story: “I no- 


ticed my tires were a bit low and went to the gas station. 
As I was filling the tires, I thought about the kinetic mo- 
lecular theory (KMT), and I realized that I was increas- 
ing both the pressure and volume of the tires as I filled 
the tires with air. ‘Hmmm,’ I thought, ‘that goes against 
what I learned in chemistry, where I was told pressure 
and volume are inversely proportional.’” What is the 
fault of the logic of the chemistry student in this situa- 
tion? Explain why we think pressure and volume to be 
inversely related (draw pictures and use the KMT). 


. Chemicals X and Y (both gases) react to form the gas 


XY, but it takes a bit of time for the reaction to occur. 
Both X and Y are placed in a container with a piston 
(free to move), and you note the volume. As the reaction 
occurs, what happens to the volume of the container? 
Explain. 


. Which statement best explains why a hot-air balloon 


rises when the air in the balloon is heated? 

a. According to Charles’s law, the temperature of a gas 
is directly related to its volume. Thus the volume of 
the balloon increases, decreasing the density. 

b. Hot air rises inside the balloon, and this lifts the 
balloon. 

c. The temperature of a gas is directly related to its 
pressure. The pressure therefore increases, and this 
lifts the balloon. 

d. Some of the gas escapes from the bottom of the 
balloon, thus decreasing the mass of gas in the 
balloon. This decreases the density of the gas in the 
balloon, and this lifts the balloon. 

e. Temperature is related to the root mean square 
velocity of the gas molecules. Thus the molecules are 
moving faster, hitting the balloon more often, and 
thus lifting the balloon. 


Justify your choice. For those you did not choose, ex- 
plain why they are incorrect. 


Draw a highly magnified view of a sealed, rigid container 
filled with a gas. Then draw what it would look like if 
you cooled the gas significantly, but kept the tempera- 
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ture above the boiling point of the substance in the con- 
tainer. Also draw what it would look like if you heated 
the gas significantly. Finally, draw what each situation 
would look like if you evacuated enough of the gas to 
decrease the pressure by a factor of 2. 


If you release a helium balloon, it soars upward and 
eventually pops. Explain. 


If you have any two gases in different containers that are 
the same size at the same pressure and same temperature, 
what is true about the moles of each gas? Why is this 
true? 


Explain the following seeming contradiction: You have 
two gases, A and B, in two separate containers of equal 
volume and at equal pressure and temperature. There- 
fore, you must have the same number of moles of each 
gas. Because the two temperatures are equal, the average 
kinetic energies of the two samples are equal. Therefore, 
since the energy of such a system corresponds to transla- 
tional motion, the root mean square velocities of the two 
are equal, and thus the particles in each sample move, on 
average, with the same relative speed. Since A and B are 
different gases, each must have a different molar mass. If 
A has a higher molar mass than B, the particles of A must 
be hitting the sides of the container with more force. 
Thus the pressure in the container of gas A must be 
higher than that in the container with gas B. However, 
one of our initial assumptions was that the pressures 
were equal. Explain. 


Using postulates of the kinetic molecular theory, give a 
molecular interpretation of Boyle’s law, Charles’s law, 
and Dalton’s law of partial pressures. 


Rationalize the following observations. 

a. Aerosol cans will explode if heated. 

b. You can drink through a soda straw. 

c. A thin-walled can will collapse when the air inside is 
removed by a vacuum pump. 

d. Manufacturers produce different types of tennis balls 
for high and low elevations. 


Show how Boyle’s law and Charles’s law are special 
cases of the ideal gas law. 


At the same conditions of pressure and temperature, am- 
monia gas is less dense than air. Why is this true? 


For each of the quantities (a-f) listed below, explain 

which of the following properties (mass of the molecule, 

density of the gas sample, temperature of the gas sample, 

size of the molecule, and number of moles of gas) must 

be known to calculate the quantity. 

a. average kinetic energy 

b. average number of collisions per second with other 
gas molecules 

c. average force of each impact with the wall of the 
container 

d. root mean square velocity 

e. average number of collisions with a given area of the 
container 

f. distance between collisions 


19. You have two containers each with 1 mole of xenon gas 


at 15°C. Container A has a volume of 3.0 L, and con- 

tainer B has a volume of 1.0 L. Explain how the follow- 

ing quantities compare between the two containers. 

a. the average kinetic energy of the Xe atoms 

b. the force with which the Xe atoms collide with the 
container walls 

c. the root mean square velocity of the Xe atoms 

d. the collision frequency of the Xe atoms (with other 
atoms) 

e. the pressure of the Xe sample 
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20. You have a balloon covering the mouth of a flask filled 


with air at 1 atm. You apply heat to the bottom of the 
flask until the volume of the balloon is equal to that of 
the flask. 
a. Which has more air in it—the balloon or the flask? 
Or do both contain the same amount of air? 
Explain. 
b. In which is the pressure greater—the balloon or the 
flask? Or is the pressure the same? Explain. 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Pressure 


Pee 


A sealed-tube manometer as shown below can be used to 
measure pressures below atmospheric pressure. The tube 
above the mercury is evacuated. When there is a vacuum 
in the flask, the mercury levels in both arms of the U- 
tube are equal. If a gaseous sample is introduced into the 
flask, the mercury levels are different. The difference h is 
a measure of the pressure of the gas inside the flask. If b 
is equal to 4.75 cm, calculate the pressure in the flask in 
torr, pascals, and atmospheres. 


(a = 

















22. A diagram for an open-tube manometer is shown below. 


Atmosphere 











If the flask is open to the atmosphere, the mercury levels 
are equal. For each of the following situations in which 
a gas is contained in the flask, calculate the pressure in 
the flask in torr, atmospheres, and pascals. 
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Atmosphere 
(760. torr) 


Atmosphere 
(760. torr) 




















a. b. 


c. Calculate the pressures in the flask in parts a and b 
(in torr) if the atmospheric pressure is 635 torr. 


The gravitational force exerted by an object is given by 
F=mg 


where F is the force in newtons, ™ is the mass in kilograms, 
and g is the acceleration due to gravity, 9.81 m/s. Calcu- 
late the force exerted per unit of area by a column of mer- 
cury (density = 13.59 g/cm?) that is 76.0 cm high. How 
high would a column of water (density = 1.00 g/cm?) have 
to be to exert the same force? 


a. If the open-tube manometer in Exercise 22 contains a 
nonvolatile silicone oil (density = 1.30 g/cm?) instead 
of mercury (density = 13.6 g/cm), what are the pres- 
sures in the flask as shown in parts a and b in torr, 
atmospheres, and pascals? 

b. What advantage would there be in using a less dense 
fluid than mercury in a manometer used to measure 
relatively small differences in pressure? 


. Freon-12 (CF Cly) is commonly used as the refrigerant in 


central home air conditioners. The system is initially 
charged to a pressure of 4.8 atm. Express this pressure in 
each of the following units (1 atm = 14.7 psi). 

a. mm Hg b. torr oaa d. psi 


Gas Laws 


26. Draw a qualitative graph to show how the first property 


varies with the second in each of the following (assume 
1 mole of an ideal gas and T in kelvins). 

a. PV versus V with constant T 

b. P versus T with constant V 
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. T versus V with constant P 

. P versus V with constant T 

. P versus 1/V with constant T 
. PV/T versus P 


As weather balloons rise from the earth’s surface, the 
pressure of the atmosphere becomes less, tending to cause 
the volume of the balloons to expand. However, the tem- 
perature is much lower in the upper atmosphere than at 
sea level. Would this temperature effect tend to make 
such a balloon expand or contract? Weather balloons do, 
in fact, expand as they rise. What does this tell you? 


moan 


Consider the flasks in the following diagrams. 





Volume = 2X 


Volume = X Volume = X 


Assuming the connecting tube has negligible volume, 
draw what each diagram will look like after the stopcock 
between the two flasks is opened. Also, solve for the fi- 
nal pressure in each case, in terms of the original pres- 
sure. Assume temperature is constant. 


Consider the flask diagramed below. What are the final 
partial pressures of H, and N) after the stopcock be- 
tween the two flasks is opened? (Assume the final vol- 
ume is 3.00 L.) What is the total pressure (in torr)? 





2.00 L H, 
475 torr 


1.00 LN, 
0.200 atm 


Consider the flask apparatus in Exercise 29, which con- 
tains 2.00 L of H) at a pressure of 360. torr and 1.00 L 
of N> at an unknown pressure. If the total pressure in the 
flasks is 320. torr after the stopcock is opened, deter- 
mine the initial pressure of N) in the 1.00-L flask. 


A compressed-gas cylinder contains 1.00 x 10° g of ar- 
gon gas. The pressure inside the cylinder is 2050. psi 
(pounds per square inch) at a temperature of 18°C. How 
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much gas remains in the cylinder if the pressure is de- 
creased to 650. psi at a temperature of 26°C? 


A sealed balloon is filled with 1.00 L of helium at 23°C 
and 1.00 atm. The balloon rises to a point in the atmos- 
phere where the pressure is 220. torr and the temperature 
is —31°C. What is the change in the volume of the balloon 
as it ascends from 1.00 atm to a pressure of 220. torr? 


A piece of solid carbon dioxide, with a mass of 22.0 g, is 
placed in an otherwise empty 4.00-L container at 27°C. 
What is the pressure in the container after all the carbon 
dioxide vaporizes? If 22.0 g of solid carbon dioxide was 
placed in a similar container already containing air at 
740. torr, what would be the partial pressure of carbon 
dioxide and the total pressure in the container after the 
carbon dioxide had vaporized? 


An ideal gas is in a cylinder with a volume of 5.0 x 10? mL 
at a temperature of 30.°C and a pressure of 710 torr. The 
gas is compressed to a volume of 25 mL, and the tempera- 
ture is raised to 820°C. What is the new pressure? 


. Suppose two 200.0-L tanks are to be filled separately 


with the gases helium and hydrogen. What mass of each 
gas is needed to produce a pressure of 135 atm in its re- 
spective tank at 24°C? 


An ideal gas at 7°C is in a spherical flexible container 
having a radius of 1.00 cm. The gas is heated at constant 
pressure to 88°C. Determine the radius of the spherical 
container after the gas is heated. (Volume of a sphere = 
4/37r°.) 


. A flask that can withstand an internal pressure of 


2500 torr, but no more, is filled with a gas at 21.0°C and 
758 torr and heated. At what temperature will it burst? 


A gas sample containing 1.50 moles at 25°C exerts a 
pressure of 400. torr. Some gas is added to the same con- 
tainer, and the temperature is increased to 50.°C. If the 
pressure increases to 800. torr, how many moles of gas 
were added to the container? Assume a constant-volume 
container. 


. Consider the following chemical equation: 


2NO2(g) —> N204(g) 


If 25.0 mL of NO) gas is completely converted to NO, 
gas under the same conditions, what volume will the 
N3O,4 occupy? 


A bicycle tire is filled with air to a pressure of 75 psi at a 
temperature of 19°C, Riding the bike on asphalt on a hot 
day increases the temperature of the tire to 58°C. The 
volume of the tire increases by 4.0%. What is the new 
pressure in the bicycle tire? 


A hot-air balloon is filled with air to a volume of 
4.00 X 10° m? at 745 torr and 21°C. The air in the bal- 
loon is then heated to 62°C, causing the balloon to ex- 
pand to a volume of 4.20 X 10° m3. What is the ratio of 
the number of moles of air in the heated balloon to the 
original number of moles of air in the balloon? (Hint: 
Openings in the balloon allow air to flow in and out. 
Thus the pressure in the balloon is always the same as 
that of the atmosphere.) 


42, 


Determine the partial pressure of each gas as shown in 
the figure below. Note: The relative numbers of each 
type of gas are depicted in the figure. 


1.00 atm 
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Volume = X 





Volume = X 


a. Which is greater, the initial pressure of helium or 
initial pressure of neon? How much greater? 

b. Assuming the connecting tube has negligible volume, 
draw what each diagram will look like after the 
stopcock between the two flasks is opened. 

c. Solve for the final pressure in terms of the original 
pressures of helium and neon. Assume temperature 
is constant. 

d. Solve for the final partial pressures of helium and 
neon in terms of their original pressures. Assume the 
temperature is constant. 


A sample of nitrogen gas was collected over water at 
20.°C and a total pressure of 1.00 atm. A total volume of 
2.50 X 10? mL was collected. What mass of nitrogen 
was collected? (At 20.°C the vapor pressure of water is 
17.5 torr.) 


. Helium is collected over water at 25°C and 1.00 atm 


total pressure. What total volume of gas must be col- 
lected to obtain 0.586 g of helium? (At 25°C the vapor 
pressure of water is 23.8 torr.) 


A 2.00-L sample of O2(g) was collected over water at a 
total pressure of 785 torr and 25°C. When the O(g) was 
dried (water vapor removed), the gas had a volume of 
1.94 L at 25°C and 785 torr. Calculate the vapor pres- 
sure of water at 25°C. 


In a mixture of the two gases, the partial pressures of 

CH,(g) and O,(g) are 0.175 atm and 0.250 atm, 

respectively. 

a. What is the mole fraction of each gas in the mixture? 

b. If the mixture occupies a volume of 10.5 L at 65°C, 
calculate the total number of moles of gas in the 
mixture. 

c. Calculate the number of grams of each gas in the 
mixture. 
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A 1.00-L gas sample at 100.°C and 600. torr contains 
50.0% helium and 50.0% xenon by mass. What are the 
partial pressures of the individual gases? 


At 0°C a 1.0 L flask contains 5.0 * 10-2 mole of No, 1.5 
xX 10? mg O;, and 5.0 X 10?! molecules of NH3. What is 
the partial pressure of each gas, and what is the total 
pressure in the flask? 


Gas Density, Molar Mass, and Reaction Stoichiometry 
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Given that a sample of air is made up of nitrogen, oxy- 
gen, and argon in the mole fractions 78% No, 21% O», 
and 1.0% Ar, what is the density of air at standard tem- 
perature and pressure? 


. Consider two different containers, each filled with 2 moles 


of Ne(g). One of the containers is rigid and has constant 
volume. The other container is flexible (like a balloon) 
and is capable of changing its volume to keep the external 
pressure and internal pressure equal to each other. If you 
raise the temperature in both containers, what happens to 
the pressure and density of the gas inside each container? 
Assume a constant external pressure. 

An unknown diatomic gas has a density of 3.164 g/L at 
STP. What is the identity of the gas? 

A compound contains only nitrogen and hydrogen and is 
87.4% nitrogen by mass. A gaseous sample of the com- 
pound has a density of 0.977 g/L at 710. torr and 100.°C. 
What is the molecular formula of the compound? 

A compound has the empirical formula CHCl. A 256- 


mL flask, at 373 K and 750. torr, contains 0.800 g of the 
gaseous compound. Give the molecular formula. 


. One of the chemical controversies of the nineteenth cen- 


tury concerned the element beryllium (Be). Berzelius orig- 
inally claimed that beryllium was a trivalent element 
(forming Be** ions) and that it formed an oxide with the 
formula Be»O 3. This assumption resulted in a calculated 
atomic mass of 13.5 for beryllium. In formulating his 
periodic table, Mendeleev proposed that beryllium was 
divalent (forming Be** ions) and that it gave an oxide 
with the formula BeO. This assumption gives an atomic 
mass of 9.0. In 1894 A. Combes (Comptes Rendes, 1894, 
p. 1221) reacted beryllium with the anion C;sH7O,~ and 
measured the density of the gaseous product. Combes’s 
data for two different experiments are as follows: 


I II 
Mass 0.2022 g 0.2224 g 
Volume 22.6 cm? 26.0 cm? 
Temperature L3G LES 
Pressure 765.2 torr 764.6 torr 


If beryllium is a divalent metal, the molecular formula of 
the product will be Be(Cs;H7Oz),; if it is trivalent, the 
formula will be Be(C;H7O2)3. Show how Combes’s data 
help to confirm that beryllium is a divalent metal. 


Discrepancies in the experimental values of the molar 
mass of nitrogen provided some of the first evidence for 
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the existence of the noble gases. If pure nitrogen is col- 
lected from the decomposition of ammonium nitrite, 
Heat 


NH,NO,(s) ——— N)(g) + 2H2O(g) 


its measured molar mass is 28.01. If O2, CO2, and H,O 
are removed from air, the remaining gas has an average 
molar mass of 28.15. Assuming this discrepancy is solely 
a result of contamination with argon (atomic mass = 
39.95), calculate the ratio of moles of Ar to moles of N> 
in air. 

A sample of methane (CH,) gas contains a small amount 
of helium. Calculate the volume percentage of helium if 
the density of the sample is 0.70902 g/L at 0.0°C and 
1.000 atm. 


Metallic molybdenum can be produced from the mineral 
molybdenite (MoS). The mineral is first oxidized in air 
to molybdenum trioxide and sulfur dioxide. Molybde- 
num trioxide is then reduced to metallic molybdenum 
using hydrogen gas. The balanced equations are 


MoS;(s) + 7/202(g) —~> MoO3;(s) + 2SO2(g) 
MoO3(s) + 3H2(g) —~ Mo(s) + 3H2O(/) 


Calculate the volumes of air and hydrogen gas at 17°C 
and 1.00 atm that are necessary to produce 1.00 X 10° kg 
of pure molybdenum from MoS). Assume air contains 
21% oxygen by volume and assume 100% yield for each 
reaction. 


In 1897 the Swedish explorer Andreé tried to reach the 
North Pole in a balloon. The balloon was filled with hy- 
drogen gas. The hydrogen gas was prepared from iron 
splints and diluted sulfuric acid. The reaction is 


Fe(s) + H»SO4(aq) ——> FeSO,(aq) + H:(g) 


The volume of the balloon was 4800 m?, and the loss of 
hydrogen gas during filling was estimated at 20.%. What 
mass of iron splints and 98% (by mass) H,SO,4 were 
needed to ensure the complete filling of the balloon? As- 
sume a temperature at 0°C, a pressure of 1.0 atm during 
filling, and 100% yield. 


Urea (H,NCONH)) is used extensively as a nitrogen 
source in fertilizers. It is produced commercially from 
the reaction of ammonia and carbon dioxide: 


Hez 
—<"_; H)NCONH,(s) + H,O(g) 


Pressure 


2NH;(g) + CO2(g) 


Ammonia gas at 223°C and 90. atm flows into a reactor 
at a rate of 500. L/min. Carbon dioxide at 223°C and 
45 atm flows into the reactor at a rate of 600. L/min. 
What mass of urea is produced per minute by this reac- 
tion assuming 100% yield? 


Methanol (CH;OH) can be produced by the following 
reaction: 


CO(g) + 2H2(g) —> CH30H(g) 


Hydrogen at STP flows into a reactor at a rate of 
16.0 L/min. Carbon monoxide at STP flows into the re- 
actor at a rate of 25.0 L/min. If 5.30 g of methanol is 
produced per minute, what is the percent yield of the 
reaction? 
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Consider the reaction between 50.0 mL of liquid metha- 
nol (CH;OH; density = 0.850 g/mL) and 22.8 L of O; at 
27°C and a pressure of 2.00 atm. The products of the 
reaction are CO>(g) and H,O(g). Calculate the number of 
moles of HO formed if the reaction goes to completion. 


Some very effective rocket fuels are composed of light- 
weight liquids. The fuel composed of dimethylhydrazine 
[(CH3)2N>H>] mixed with dinitrogen tetroxide was used 
to power the lunar lander in its missions to the moon. 
The two components react according to the following 
equation: 


(CH3),N.H)(/) ate 2N40,(/) Sores 3N2(g) + 4H,O0(g) ae 2CO)(g) 
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If 150 g of dimethylhydrazine reacts with excess dinitro- 
gen tetroxide and the product gases are collected at 27°C 
in an evacuated 250-L tank, what is the partial pressure 
of nitrogen gas produced and what is the total pressure 
in the tank assuming the reaction has 100% yield? 


Air bags are activated when a severe impact causes a 
steel ball to compress a spring and electrically ignite a 
detonator cap. This action causes sodium azide (NaN3) 
to decompose explosively according to the following 
reaction: 


2NaN3(s) ——~ 2Na/(s) + 3N2(g) 


What mass of NaN3(s) must be reacted to inflate an air 
bag to 70.0 L at STP? 


At elevated temperatures, sodium chlorate decomposes 
to produce sodium chloride and oxygen gas. A 0.8765-g 
sample of impure sodium chlorate was heated until the 
production of oxygen gas ceased. The oxygen gas col- 
lected over water occupied 57.2 mL at a temperature of 
22°C and a pressure of 734 torr. Calculate the mass per- 
cent of NaClO; in the original sample. (At 22°C the va- 
por pressure of water is 19.8 torr.) 


Xenon and fluorine will react to form binary compounds 
when a mixture of these two gases is heated to 400°C in 
a nickel reaction vessel. A 100.0-mL nickel container is 
filled with xenon and fluorine giving partial pressures of 
1.24 atm and 10.10 atm, respectively, at a temperature 
of 25°C. The reaction vessel is heated to 400°C to cause 
a reaction to occur and then cooled to a temperature at 
which F; is a gas and the xenon fluoride is a nonvolatile 
solid. The remaining F, gas is transferred to another 
100.0-mL nickel container where the pressure of F, at 
25°C is 7.62 atm. Assuming all of the xenon has reacted, 
what is the formula of the product? 


’. The nitrogen content of organic compounds can be de- 


termined by the Dumas method. The compound in ques- 
tion is first reacted by passage over hot CuO(s): 


Hot 
Compound <=————> 


CuO(s) Na(g) a CO;(g) at H,O(g) 


The gaseous products are then passed through a concen- 
trated solution of KOH to remove the CO). After pas- 
sage through the KOH solution, the gas contains Ny and 
is saturated with water vapor. In a given experiment, a 
0.253-g sample of a compound produced 31.8 mL of N; 
saturated with water vapor at 25°C and 726 torr. What 
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is the mass percent of nitrogen in the compound? (The 
vapor pressure of water at 25°C is 23.8 torr.) 


An organic compound contains C, H, N, and O. Com- 
bustion of 0.1023 g of the compound in excess oxygen 
yielded 0.2766 g of CO) and 0.0991 g of HO. A sample 
of 0.4831 g of the compound was analyzed for nitrogen 
by the Dumas method (see Exercise 67). At STP, 27.6 mL 
of dry N2 was obtained. In a third experiment, the density 
of the compound as a gas was found to be 4.02 g/L at 
127°C and 256 torr. What are the empirical formula and 
the molecular formula of the compound? 


Nitric acid is produced commercially by the Ostwald 
process. In the first step, ammonia is oxidized to nitric 
oxide: 


4NH3(g) + SO2(g) —> 4NO(g) + 6H2O(g) 


Assume this reaction is carried out in the apparatus dia- 
gramed below. 





2.00 L NH; 
0.500 atm 


1,00 L O; 
1.50 atm 


The stopcock between the two reaction containers is 
opened, and the reaction proceeds using proper cata- 
lysts. Calculate the partial pressure of NO after the reac- 
tion is complete. Assume 100% yield for the reaction, 
assume the final container volume is 3.00 L, and assume 
the temperature is constant. 


Consider the following balanced equation in which gas 
X forms gas X): 


2X(g) —> X.(g) 


Equal moles of X are placed in two separate containers. 
One container is rigid, so the volume cannot change; the 
other container is flexible, so the volume changes to keep 
the internal pressure equal to the external pressure. The 
above reaction is run in each container. What happens to 
the pressure and density of the gas inside each container 
as reactants are converted to products? 


As NH;(g) is decomposed into nitrogen gas and hydro- 
gen gas at constant pressure and temperature, the vol- 
ume of the product gases collected is twice the volume of 
NH; reacted. Explain. As NH3(g) is decomposed into ni- 
trogen gas and hydrogen gas at constant volume and 
temperature, the total pressure increases by some factor. 
Why does the increase in pressure occur, and by what 
factor does the total pressure increase when reactants are 
completely converted into products? How do the partial 
pressures of the product gases compare to each other 
and to the initial pressure of NH3? 
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Kinetic Molecular Theory and Real Gases 


72. Use the postulates of the kinetic molecular theory (KMT) 
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to explain why Boyle’s law, Charles’s law, Avogadro’s 
law, and Dalton’s law of partial pressures hold true for 
ideal gases. Use the KMT to explain the P versus n (at 
constant V and T) relationship and the P versus T (at 
constant V and 7) relationship. 


You have a gas in a container fitted with a piston and 
you change one of the conditions of the gas such that a 
change takes place, as shown below: 


1.00 atm 





State two distinct changes you can make to accomplish 
this, and explain why each would work. 


You have a gas in a container fitted with a piston and 
you change one of the conditions of the gas such that a 
change takes place, as shown below: 


Volume = X Volume = 2X 
State three distinct changes you can make to accomplish 
this, and explain why each would work. 


. Consider two gases, A and B, each in a 1.0-L container 


with both gases at the same temperature and pressure. 
The mass of gas A in the container is 0.34 g, and the 
mass of gas B in the container is 0.48 g. 


0,34 g 0.48 g 


a. Which gas sample has the most molecules present? 
Explain. 

b. Which gas sample has the largest average kinetic 
energy? Explain. 

c. Which gas sample has the fastest average velocity? 
Explain. 
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d. How can the pressure in the two containers be equal 
to each other since the larger gas B molecules collide 
with the container walls more forcefully? 


76. Consider the following samples of gases at the same 
temperature. 


ul iil iv 


i 
eo @ 
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Vi Vil 
Arrange each of these samples in order from lowest to 


Vv 

highest. 

a. pressure 

b. average kinetic energy 

c. density 

d. root mean square velocity 

Note: Some samples of gases may have equal values for 
these attributes. Assume the larger containers have a vol- 
ume twice the volume of the smaller containers and as- 
sume the mass of an argon atom is twice the mass of a 
neon atom. 


2 Ne 
@Ar 





Vili 


77. Calculate the average kinetic energies of the CH4 and N) 
molecules at 273 K and 546 K. 


78. Calculate the root mean square velocities of CH4 and N) 
molecules at 273 K and 546 K. 


79. Do all the molecules in a 1-mole sample of CH4(g) have 
the same kinetic energy at 273 K? Do all the molecules 
in a 1-mole sample of N2(g) have the same velocity at 
546 K? Explain. 


80. Consider separate 1.0-L gaseous samples of Hy, Xe, Ch, 

and QO), all at STP. 

a. Rank the gases in order of increasing average kinetic 
energy. 

b. Rank the gases in order of increasing average 
velocity. 

c. How can separate 1.0-L samples of O) and H) both 
have the same average velocity? 


51. Consider three identical flasks filled with different gases. 

Flask A: CO at 760 torr and 0°C 
Flask B: N, at 250 torr and 0°C 
Flask C: Hy), at 100 torr and 0°C 

a. In which flask will the molecules have the greatest 
average kinetic energy? 

b. In which flask will the molecules have the greatest 
root mean square velocity? 


c. Which flask will have the greatest number of colli- 
sions per second with the walls of the container? 


82. 


Consider a 1.0-L container of neon gas at STP. Will the 
average kinetic energy, root mean square velocity, fre- 
quency of collisions of gas molecules with each other, 
frequency of collisions of gas molecules with the walls of 
the container, and energy of impact of gas molecules 
with the container increase, decrease, or remain the same 
under each of the following conditions? 

a. The temperature is increased to 100°C. 

b. The temperature is decreased to — 50°C. 

c. The volume is decreased to 0.5 L. 

d. The number of moles of neon is doubled. 


83. Freon-12 is used as a refrigerant in central home air con- 
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ditioners. The rate of effusion of Freon-12 to Freon-11 
(molar mass = 137.4 g/mol) is 1.07:1. The formula of 
Freon-12 is one of the following: CF4, CF3Cl, CF2Ch, 
CFCl;, or CCl4. Which formula is correct for Freon-12? 


One way of separating oxygen isotopes is by gaseous dif- 
fusion of carbon monoxide. The gaseous diffusion pro- 
cess behaves like an effusion process. Calculate the rela- 
tive rates of effusion of !*C!*O, !2C!70, and !*C18O. List 
some advantages and disadvantages of separating oxy- 
gen isotopes by gaseous diffusion of carbon dioxide in- 
stead of carbon monoxide. 


The rate of effusion of a particular gas was measured to 
be 24.0 mL/min. Under the same conditions, the rate of 
effusion of pure methane gas (CH4) is 47.8 mL/min. 
What is the molar mass of the unknown gas? 

It took 4.5 minutes for 1.0 L of helium to effuse through 


a porous barrier. How long will it take for 1.0 L of Cl, 
gas to effuse under identical conditions? 


’. Calculate the pressure exerted by 0.5000 mole of N2 ina 


1.0000-L container at 25.0°C. (See Table 5.3.) 
a. Use the ideal gas law. 

b. Use the van der Waals equation. 

c. Compare the results from parts a and b. 


Calculate the pressure exerted by 0.5000 mole of N> ina 
10.000-L container at 25.0°C. (See Table 5.3.) 

a. Use the ideal gas law. 

b. Use the van der Waals equation. 

c. Compare the results from parts a and b. 

d. Compare the results with those in Exercise 87. 


Why do real gases not always behave ideally? Under what 
conditions does a real gas behave most ideally? Why? 


Consider the following velocity distribution curves A 
and B. 


Relative number of molecules 





Velocity (m/s) 


a. If the plots represent the velocity distribution of 
1.0 L of He(g) at STP versus 1.0 L of Cla(g) at STP, 
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. A flask contains } mole of H) and 


which plot corresponds to each gas? Explain your 
reasoning. 
b. If the plots represent the velocity distribution of 
1.0 L of O2(g) at temperatures of 273 K versus 
1273 K, which plot corresponds to each tempera- 
ture? Explain your reasoning. Under which tempera- 
ture condition would the O2(g) sample behave most 
ideally? Explain. 
In the van der Waals equation, why is a term added to the 
observed pressure and why is a term subtracted from the 
container volume to correct for nonideal gas behavior? 


Without looking at tables of values, which of the follow- 
ing gases would you expect to have the largest value of the 
van der Waals constant b: H2, No, CH4, CyH¢, or C3H¢? 


. From the values in Table 5.3 for the van der Waals con- 


stant a for the gases H), CO2, No, and CHy, predict which 
molecule shows the strongest intermolecular attractions. 
The Maxwell-Boltzmann distribution function f(z) in- 
creases at small values of u and decreases at large values 
of u. Identify the parts of the function responsible for 
this behavior. 


). Calculate the root mean square, the most probable, and 


the average velocities for N2(g) at 227°C. 


. Calculate the kinetic energy possessed by 1.00 x 107° 


molecules of methane gas (CH4) at T = 27°C, assuming 
ideal behavior. 


5 


3; mole of He. Com- 
pare the force on the wall per impact of H) relative to 
that for He. 


A certain sample of uranium is reacted with fluorine to 
form a mixture of 7>°UF,(g) and **SUF,(g). After 100 dif- 
fusion steps, the gas contains 1526 ?°UF, molecules per 
1.000 xX 10° total number of molecules in the gas 
(35UF, + 238UF,). What is the ratio of 7°5U to 738U atoms 
in the original sample of uranium? 

Consider separate 1.0-L samples of O2(g) and He(g), 
both at 25°C and the same pressure. Compare the change 
in momentum per impact and the number of impacts per 
second in the two samples. 


Consider separate 1.00-L samples of Ar(g), both con- 
taining the same number of moles, one at 27°C and the 
other at 77°C. Compare the change in momentum per 
impact and the number of impacts per second in the two 
samples. 
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Calculate the intermolecular collision frequency and the 
mean free path in a sample of helium gas with a volume 
of 5.0 L at 27°C and 3.0 atm. Assume that the diameter 
of a helium atom is 50. pm. 


Atmosphere Chemistry 
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Use the data in Table 5.4 to calculate the partial pressure 
of He in dry air assuming that the total pressure is 1.0 
atm. Assuming a temperature of 25°C, calculate the 
number of He atoms per cubic centimeter. 

Atmospheric scientists often use mixing ratios to express 
the concentrations of trace compounds in air. Mixing 


ratios are often expressed as ppmv (parts per million 
volume): 


vol of X at STP 


Kel 0° 
total vol of air at STP v 





ppmv of X = 


On a certain November day, the concentration of carbon 

monoxide in the air in downtown Denver, Colorado, 

reached 3.0 X 10? ppmv. The atmospheric pressure at 

that time was 628 torr and the temperature was 0°C. 

a. What was the partial pressure of CO? 

b. What was the concentration of CO in molecules per 
cubic meter? 

c. What was the concentration of CO in molecules per 
cubic centimeter? 


Write reactions to show how nitric and sulfuric acids are 
produced in the atmosphere. Write reactions to show 
how the nitric and sulfuric acids in acid rain react with 
marble and limestone. (Both marble and limestone are 
primarily calcium carbonate.) 


Trace organic compounds in the atmosphere are first 
concentrated and then measured by gas chromatogra- 
phy. In the concentration step, several liters of air are 
pumped through a tube containing a porous substance 
that traps organic compounds. The tube is then con- 
nected to a gas chromatograph and heated to release the 
trapped compounds. The organic compounds are sepa- 
rated in the column and the amounts are measured. In an 
analysis for benzene and toluene in air, a 3.00-L sample 
of air at 748 torr and 23°C was passed through the trap. 
The gas chromatography analysis showed that this air 
sample contained 89.6 ng of benzene (CsHg) and 153 ng 
of toluene (C7Hg). Calculate the mixing ratio (see Exer- 
cise 103) and number of molecules per cubic centimeter 
for both benzene and toluene. 
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A form of Boyle’s law is PV = k (at constant T and 7). 
Table 5.1 contains actual data from pressure-volume ex- 
periments conducted by Robert Boyle. The value of k in 
most experiments is 14.1 X 10 in Hg - in’. Express k in 
units of atm: L. In Example 5.1, & was determined for 
NH, at various pressures and volumes. Give some rea- 
sons why the k values differ so dramatically between Ex- 
ample 5.1 and Table 5.1. 
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A glass vessel contains 28 g nitrogen gas. Assuming ideal 

behavior, which of the processes listed below would 

double the pressure exerted on the walls of the vessel? 

a. Adding enough mercury to fill one-half the container. 

b. Raising the temperature of the container from 30.°C 
to 60.°C. 

c. Raising the temperature of the container from 
dk eatonl27.G; 

d. Adding 28 g nitrogen gas. 
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Which of the following statements is(are) true? For the 

false statements, correct them. 

a. At constant temperature, the lighter the gas mole- 
cules, the faster the average velocity of the gas 
molecules. 

b. At constant temperature, the heavier the gas mole- 
cules, the larger the average kinetic energy of the gas 
molecules. 

c. A real gas behaves most ideally when the container 
volume is relatively large and the gas molecules are 
moving relatively quickly. 

d. As temperature increases, the effect of interparticle 
interactions on gas behavior is increased. 

e. At constant V and T, as gas molecules are added 
into a container, the number of collisions per unit 
area increases, resulting in a higher pressure. 

f. The kinetic molecular theory predicts that pressure is 
inversely proportional to temperature at constant 
volume and moles of gas. 


A person accidentally swallows a drop of liquid oxygen, 
O,(/), which has a density of 1.149 g/mL. Assuming the 
drop has a volume of 0.050 mL, what volume of gas will 
be produced in the person’s stomach at body tempera- 
ture (37°C) and a pressure of 1.0 atm? 


Hydrogen azide, HN;, decomposes on heating by the 
following unbalanced reaction: 


HIN3(g) —> No(g) + Ha(g) 


If 3.0 atm of pure HN3(g) is decomposed initially, what 
is the final total pressure in the reaction container? What 
are the partial pressures of nitrogen and hydrogen gas? 
Assume the volume and temperature of the reaction con- 
tainer are constant. 


A 20.0 L stainless steel container at 25°C was charged 
with 2.00 atm of hydrogen gas and 3.00 atm of oxygen 
gas. A spark ignited the mixture, producing water. What 
is the pressure in the tank at 25°C? If the same experi- 
ment were performed, but the temperature was 125°C 
instead of 25°C, what would be the pressure in the tank? 


In the “Méthode Champenoise,” grape juice is fermented 
in a wine bottle to produce sparkling wine. The reaction is 


C¢H120¢(aq) Sy 2C,H;OH(aq) se 2CO3(g) 


Fermentation of 750. mL of grape juice (density = 1.0 g/ 
cm+) is allowed to take place in a bottle with a total volume 
of 825 mL until 12% by volume is ethanol (C)H;OH). 
Assuming that the CO, is insoluble in H,O (actually a 
wrong assumption), what would be the pressure of CO) 
inside the wine bottle at 25°C? (The density of ethanol is 
0.79 g/cm?.) 


A 2.747-g sample of manganese metal is reacted with ex- 
cess HCl gas to produce 3.22 L of H2(g) at 373 K and 
0.951 atm and a manganese chloride compound (MnCl,). 
What is the formula of the manganese chloride compound 
produced in the reaction? 


The total mass that can be lifted by a balloon is given by 
the difference between the mass of air displaced by the 
balloon and the mass of the gas inside the balloon. Con- 
sider a hot-air balloon that approximates a sphere 
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5.00 m in diameter and contains air heated to 65°C. The 

surrounding air temperature is 21°C. The pressure in the 

balloon is equal to the atmospheric pressure, which is 

745 torr. 

a. What total mass can the balloon lift? Assume the 
average molar mass of air is 29.0 g/mol. (Hint: 
Heated air is less dense than cool air.) 

b. If the balloon is filled with enough helium at 21°C 
and 745 torr to achieve the same volume as in part 
a, what total mass can the balloon lift? 

c. What mass could the hot-air balloon (from part a) 
lift if it were on the ground in Denver, Colorado, 
where a typical atmospheric pressure is 630. torr? 

d. What mass could the hot-air balloon (from part a) 
lift if it were a cold day with a temperature of —8°C? 


At STP, 1.0 L Bry reacts completely with 3.0 L Fy, pro- 
ducing 2.0 L of a product. What is the formula of the 
product? (All substances are gases.) 


Natural gas is a mixture of hydrocarbons, primarily 
methane (CH,) and ethane (C,H). A typical mixture 
might have Xmethane = 0.915 and Xethane = 0.085. What 
are the partial pressures of the two gases in a 15.00-L 
container of natural gas at 20.°C and 1.44 atm? Assum- 
ing complete combustion of both gases in the natural gas 
sample, what is the total mass of water formed? 


An important process for the production of acrylonitrile 
(C3H3N) (annual U.S. production is greater than 10? Ib) 
is given by the following equation: 


2C3H¢(g) + 2NH3(g) + 302(g) 
—> 2C3H3N(g) + 6H,0(g) 


A 150.-L reactor is charged to the following partial pres- 
SURES an ZS (Ce 


Pou, = 0.500 MPa 
Px, = 0.800 MPa 
Po, = 1.500 MPa 


What mass of acrylonitrile can be produced from this 
mixture (MPa = 10° Pa)? 
The oxides of Group 2A metals (symbolized by M here) 


react with carbon dioxide according to the following 
reaction: 


MO(s) + CO2(g) —> MCO,(s) 


A 2.85-g sample containing only MgO and CuO is 
placed in a 3.00-L container. The container is filled with 
CO) to a pressure of 740. torr at 20.°C. After the reac- 
tion has gone to completion, the pressure inside the flask 
is 390. torr at 20.°C. What is the mass percent of MgO 


in the mixture? Assume that only the MgO reacts with 
CO). 


Small quantities of hydrogen gas can be prepared in the 
laboratory by the addition of aqueous hydrochloric acid 
to metallic zinc. 


Zn(s) + 2HCl(aq) —> ZnCl,(aq) + H2(g) 


Typically, the hydrogen gas is bubbled through water for 
collection and becomes saturated with water vapor. Sup- 
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pose 240. mL of hydrogen gas is collected at 30.°C and 
has a total pressure of 1.032 atm by this process. What 
is the partial pressure of hydrogen gas in the sample? 
How many grams of zinc must have reacted to produce 
this quantity of hydrogen? (The vapor pressure of water 
is 32 torr at 30°C.) 


Nitrogen gas (N>) reacts with hydrogen gas (H)) to form 
ammonia gas (NH3). You have nitrogen and hydrogen 
gases in a 15.0-L container fitted with a movable piston 
(the piston allows the container volume to change so as 
to keep the pressure constant inside the container). Ini- 
tially, the partial pressure of each reactant gas is 1.00 
atm. Assume the temperature is constant and the reac- 
tion goes to completion. 
a. Calculate the partial pressure of ammonia in the 
container after the reaction has reached completion. 
b. Calculate the volume of the container after the reac- 
tion has reached completion. 


. Consider the three flasks in the diagram below. Assum- 


ing the connecting tubes have negligible volume, what is 
the partial pressure of each gas and the total pressure 
after all the stopcocks are opened? 





1.00 L 
200. torr 


1.00 L 
0.400 atm 


2.00 L 
24.0 kPa 


Equal moles of sulfur dioxide gas and oxygen gas are 
mixed in a flexible reaction vessel and then sparked to 
initiate the formation of gaseous sulfur trioxide. Assum- 
ing that the reaction goes to completion, what is the ra- 
tio of the final volume of the gas mixture to the initial 
volume of the gas mixture if both volumes are measured 
at the same temperature and pressure? 


Silane (SiH4) is the silicon analogue of methane (CH). It 
is prepared industrially according to the following 
equations: 


Si(s) + 3HCI(g) —> HSiCl3(/) + Ha(g) 
4HSiCl,(/) —> SiHa(g) + 3SiCl4(2) 


a. If 156 mL of HSiCl; (d = 1.34 g/mL) is isolated 
when 15.0 L of HCl at 10.0 atm and 35°C is used, 
what is the percent yield of HSiCl;? 

b. When 156 mL of HSiCl, is heated, what volume of 
SiH, at 10.0 atm and 35°C will be obtained if the 
percent yield of the reaction is 93.1%? 


A compound containing only C, H, and N yields the fol- 
lowing data. 
i. Complete combustion of 35.0 mg of the compound 
produced 33.5 mg of CO; and 41.1 mg of H,0. 
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u. A 65.2-mg sample of the compound was analyzed 
for nitrogen by the Dumas method (see Exercise 67), 
giving 35.6 mL of dry N» at 740. torr and 25°C. 

ui. The effusion rate of the compound as a gas was 
measured and found to be 24.6 mL/min. The effu- 
sion rate of argon gas, under identical conditions, is 
26.4 mL/min. 


What is the formula of the compound? 


. A15.0-L tank is filled with H) to a pressure of 2.00 X 


10? atm. How many balloons (each 2.00 L) can be in- 
flated to a pressure of 1.00 atm from the tank? Assume 
that there is no temperature change and that the tank 
cannot be emptied below 1.00 atm pressure. 


Consider the following diagram. 














A porous container (A), filled with air at STP, is con- 
tained in a large enclosed container (B), which is flushed 
with H)(g). What will happen to the pressure inside con- 
tainer A? Explain your answer. 


A 100.-L flask contains a mixture of methane (CH4) and 
argon at 25°C. The mass of argon present is 228 g and 
the mole fraction of methane in the mixture is 0.650. Cal- 
culate the total kinetic energy of the gaseous mixture. 


Represent the following plots. 

a. PV/n (y axis) versus P (x axis) for a real gas that 
obeys the equation PV/n = a + BP 

b. change in momentum per impact versus mass of an 
individual gas particle for a series of ideal gases all at 
the same temperature 

c. P versus T (°C) for an ideal gas where 1 and V are 
constant 


A spherical glass container of unknown volume contains 
helium gas at 25°C and 1.960 atm. When a portion of the 
helium is withdrawn and adjusted to 1.00 atm at 25°C, it 
is found to have a volume of 1.75 cm?. The gas remaining 
in the first container shows a pressure of 1.710 atm. Cal- 
culate the volume of the spherical container. 


A compound Z is known to have a composition of 

34.38% Ni, 28.13% C, and 37.48% O. In an experiment 

1.00 L of gaseous Z is mixed with 1.00 L of argon, where 

each gas is at P = 2.00 atm and T = 25°C. When this 

mixture of gases is put in an effusion chamber, the ratio 

of Z molecules to Ar molecules in the effused mixture is 

0.4837. Using these data, calculate the following. 

a. the empirical formula for Z 

b. the molar mass for Z 

c. the molecular formula for Z 

d. the mole ratio of Z to argon in a sample of gas 
obtained by five effusion steps (starting with the 
original mixture) 
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Hydrogen cyanide gas is commercially prepared by the 
reaction of methane [CH,(g)], ammonia [NH;(g)], and 
oxygen [O,(g)] at a high temperature. The other product 
is gaseous water. 
a. Write a balanced chemical equation for the 

reaction. 


Challenge Problems 


b. Methane and ammonia gases flow into a reactor 
at a rate of 20.0 L/s. Oxygen gas is introduced at a 
flow rate of 40.0 L/s. All the reactant gases are at 
1.00 atm and 150.°C. What mass of HCN is pro- 
duced per second by this reaction assuming 100% 
yield? 
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Consider a children’s cartoon illustrating a child holding 
the strings of several helium balloons and being lifted 
into the sky. 

a. Estimate the minimum number of 10.-L balloons it 
would take to lift a 50.-lb child. Assume air has an 
average molar mass of 29 g/mol, and assume the 
masses of the balloons and strings are negligible. 

b. Explain why the balloons can lift the child. 


A 16.0-g sample of methane (CH4) reacts with 64.0 g 
of oxygen gas in a container fitted with a piston (at 
1.00 atm and 425 K). Methane can react with oxygen to 
form carbon dioxide and water vapor or carbon monox- 
ide and water vapor. After the combustion reaction is 
complete, the gas density at the given conditions is ob- 
served to be 0.7282 g/L. Calculate the mole fraction of 
methane that reacts to form carbon monoxide rather 
than carbon dioxide. 


You have two samples of helium gas at the same pressure 
in separate steel containers of the same volume. You 
want the number of collisions of helium atoms with the 
walls of container 1 to be twice the number of collisions 
of helium atoms with the walls of container 2. Assume 
ideal behavior. 

a. How does the temperature in container 1 compare 
to the temperature in container 2? That is, which 
temperature is larger and by what factor? Explain 
your answer and support it mathematically. 

b. If the number of collisions is different in each con- 
tainer, how can the pressure be the same? Provide a 
written explanation with mathematical support. 


A mixture of chromium and zinc weighing 0.362 g was 
reacted with an excess of hydrochloric acid. After all the 
metals in the mixture reacted, 225 mL of dry hydrogen 
gas was collected at 27°C and 750. torr. Determine the 
mass percent of Zn in the metal sample. [Zinc reacts 
with hydrochloric acid to produce zinc chloride and hy- 
drogen gas; chromium reacts with hydrochloric acid to 
produce chromium(III) chloride and hydrogen gas. | 


You have a sealed, flexible balloon filled with argon gas. 

The atmospheric pressure is 1.00 atm and the tempera- 

ture is 25°C. The air has a mole fraction of nitrogen of 

0.79, the rest being oxygen. 

a. Explain why the balloon would float when heated. 
Make sure to discuss which factors change and 
which remain constant, and why this matters. Be 
complete. 

b. Above what temperature would you heat the balloon 
so that it would float? 
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Derive a linear relationship between gas density and tem- 
perature, and use it to estimate the value of absolute zero 
temperature (in °C to the nearest 0.1°C) from an air sam- 
ple whose density is 1.2930 g/L at 0.0°C and 0.9460 g/L 
at 100.0°C. Assume air obeys the ideal gas law and that 
the pressure is held constant. 


A chemist weighed out 5.14 g of a mixture containing 
unknown amounts of BaO(s) and CaO(s) and placed the 
sample in a 1.50-L flask containing CO2(g) at 30.0°C 
and 750. torr. After the reaction to form BaCO3;(s) and 
CaCO;(s) was completed, the pressure of COz(g) re- 
maining was 230. torr. Calculate the mass percents of 
CaQO(s) and BaO(s) in the mixture. 


The density of a pure gaseous compound was measured 
at 0.00°C as a function of pressure to give the following 
results: 





Density (g/L) Pressure (atm) 
0.17893 0.2500 
0.35808 0.5000 
0.53745 0.7500 
OTAOF 1.000 


Calculate the molar mass of this compound, corrected 
for any nonideal behavior of the gas. Assume the non- 
ideal gas obeys the equation PV/nRT = 1 + BP. (Hint: 
Derive an equation for P/d and plot P/d versus P.) 


Consider separate 1.0-L samples of He(g) and UF,(g), 
both at 1.00 atm and containing the same number of 
moles. What ratio of temperatures for the two samples 
would produce the same collision frequency with the 
vessel walls? 


The most probable velocity um, is the velocity possessed 
by the greatest number of gas particles. At a certain tem- 
perature, the probability that a gas particle has the most 
probable velocity is equal to one-half the probability that 
the same gas particle has the most probable velocity at 
300. K. Is the temperature higher or lower than 300. K? 
Calculate the temperature. 


Derive Dalton’s law of partial pressures from the ki- 
netic molecular theory of gases. What assumptions are 
necessary? 

One of the assumptions of the kinetic molecular theory is 
that the volume of a gas particle is negligible. If this were 
the case, the ratio of the number of collisions of gas par- 
ticles with the walls of the container compared to the 


144, 


146. 


147. 


number of collisions a given gas particle experiences with 
other gas particles should be quite high. Determine the 
volume of a cube (in L) filled with helium such that the 
ratio of the number of collisions of helium atoms with 
the container walls to the number of intermolecular colli- 
sions for a given helium atom is 1 quintillion (1 quintil- 
lion = 1.00 X 10!8). The atomic radius of helium is 3.2 X 
10°49 mn: 


Consider a sample of a hydrocarbon (a compound con- 
sisting of only carbon and hydrogen) at 0.959 atm and 
298 K. Upon combusting the entire sample in oxygen, 
you collect a mixture of gaseous carbon dioxide and wa- 
ter vapor at 1.51 atm and 375 K. This mixture has a 
density of 1.391 g/L and occupies a volume four times as 
large as that of the pure hydrocarbon. Determine the 
molecular formula of the hydrocarbon. 


). A steel cylinder contains 5.00 moles of graphite (pure car- 


bon) and 5.00 moles of O3. The mixture is ignited and all 
the graphite reacts. Combustion produces a mixture of 
CO gas and CO) gas. After the cylinder has cooled to its 
original temperature, it is found that the pressure of the 
cylinder has increased by 17.0%. Calculate the mole frac- 
tions of CO, CO, and O) in the final gaseous mixture. 


You have an equimolar mixture of the gases SO, and O3, 

along with some He, in a container fitted with a piston. 

The density of this mixture at STP is 1.924 g/L. Assume 

ideal behavior and constant temperature. 

a. What is the mole fraction of He in the original 
mixture? 

b. The SO, and O; react to completion to form SO3. 
What is the density of the gas mixture after the reac- 
tion is complete? 


Methane (CHy) gas flows into a combustion chamber at 

a rate of 200. L/min at 1.50 atm and ambient tempera- 

ture. Air is added to the chamber at 1.00 atm and the 

same temperature, and the gases are ignited. 

a. To ensure complete combustion of CH4 to CO;(g) 
and H,O(g), three times as much oxygen as is neces- 
sary is reacted. Assuming air is 21 mole percent O; 
and 79 mole percent N2, calculate the flow rate of 
air necessary to deliver the required amount of 
oxygen. 

b. Under the conditions in part a, combustion of 
methane was not complete as a mixture of CO)(g) 
and CO(g) was produced. It was determined that 
95.0% of the carbon in the exhaust gas was present 
in the CO>. The remainder was present as carbon in 
the CO. Calculate the composition of the exhaust 
gas in terms of mole fractions of CO, CO, O2, No, 
and H,O. Assume CH, is completely reacted and N> 
is unreacted. 

c. Assuming a total pressure of the exhaust gas of 
1.00 atm, calculate the partial pressures of the gases 
in part b. 
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A spherical vessel with a volume of 1.00 L was evacu- 
ated and sealed. Twenty-four hours later the pressure of 
air in the vessel was found to be 1.20 X 10~° atm. Dur- 
ing this 24-h period, the vessel had been surrounded by 
air at 27°C and 1.00 atm. Assuming that air is 78 mole 
percent nitrogen and that the remainder is oxygen, cal- 
culate the diameter of the tiny circular hole in the vessel 
that allowed the air to leak in. 


Calculate the number of stages needed to change a mixture 
of CO, and CO) that is originally 0.10% (by moles) 
CO, to a mixture that is 0.010% 'CO, by a gaseous 
diffusion process. (The mass of !C is 13.003355 amu.) 


Two samples of gas are separated in two rectangular 
1.00-L chambers by a thin metal wall. One sample is 
pure helium and the other is pure radon. Both samples 
are at 27°C and show a pressure of 2.00 X 10~° atm. 
Assuming that the metal wall separating the gases sud- 
denly develops a circular hole of radius 1.00 X 10~° m, 
calculate the pressure in each chamber after 10.0 h have 
passed. 


You have a helium balloon at 1.00 atm and 25°C. You 

want to make a hot-air balloon with the same volume 

and same lift as the helium balloon. Assume air is 79.0% 

nitrogen and 21.0% oxygen by volume. The “lift” of a 

balloon is given by the difference between the mass of air 

displaced by the balloon and the mass of gas inside the 
balloon. 

a. Will the temperature in the hot-air balloon have to 
be higher or lower than 25°C? Explain. 

b. Calculate the temperature of the air required for the 
hot-air balloon to provide the same lift as the helium 
balloon at 1.00 atm and 25°C. Assume atmospheric 
conditions are 1.00 atm and 25°C. 


Consider an equimolar mixture (equal number of moles) 
of two diatomic gases (A and By) in a container fitted 
with a piston. The gases react to form one product 

(which is also a gas) with the formula A,B,. The density 

of the sample after the reaction is complete (and the tem- 

perature returns to its original state) is 1.50 times greater 
than the density of the reactant mixture. 

a. Specify the formula of the product, and explain if 
more than one answer is possible based on the given 
data. 

b. Can you determine the molecular formula of the 
product with the information given or only the 
empirical formula? 


. You are given an unknown gaseous binary compound 


(that is, a compound consisting of two different ele- 
ments). When 10.0 g of the compound is burned in ex- 
cess oxygen, 16.3 g of water is produced. The compound 
has a density 1.38 times that of oxygen gas at the same 
conditions of temperature and pressure. Give a possible 
identity for the unknown compound. 
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Marathon Problem 








154. 


* Use the following information to identify element A 


and compound B, then answer questions a and b. 

An empty glass container has a mass of 658.572 g. 
It has a mass of 659.452 g after it has been filled with 
nitrogen gas at a pressure of 790. torr and a temperature 
of 15°C. When the container is evacuated and refilled 
with a certain element (A) at a pressure of 745 torr and 
a temperature of 26°C, it has a mass of 660.59 g. 

Compound B, a gaseous organic compound that 
consists of 85.6% carbon and 14.4% hydrogen by mass, 
is placed in a stainless steel vessel (10.68 L) with excess 
oxygen gas. The vessel is placed in a constant-tempera- 
ture bath at 22°C. The pressure in the vessel is 11.98 
atm. In the bottom of the vessel is a container that is 
packed with Ascarite and a desiccant. Ascarite is asbes- 
tos impregnated with sodium hydroxide; it quantita- 
tively absorbs carbon dioxide: 


2NaOH(s) + CO 2(g) —~> Na2CO;(s) + H,O(/) 





*From James H. Burness, “The Use of “Marathon” Problems as Effective Ve- 
hicles for the Presentation of General Chemistry Lectures,” Journal of Chemical 
Education, 68(11). Copyright © 1991 American Chemical Society. Reprinted by 
permission. 


The desiccant is anhydrous magnesium perchlorate, 
which quantitatively absorbs the water produced by the 
combustion reaction as well as the water produced by 
the preceding reaction. Neither the Ascarite nor the des- 
iccant reacts with compound B or oxygen. The total 
mass of the container with the Ascarite and desiccant is 
765.3 g. 

The combustion reaction of compound B is initi- 
ated by a spark. The pressure immediately rises, then 
begins to decrease, and finally reaches a steady value of 
6.02 atm. The stainless steel vessel is carefully opened, 
and the mass of the container inside the vessel is found 
to be 846.7 g. 

A and B react quantitatively in a 1:1 mole ratio to 
form 1 mole of gas C. 

a. How many grams of C will be produced if 10.0 L of 
A and 8.60 L of B (each at STP) are reacted by 
opening a stopcock connecting the two samples? 

b. What will be the total pressure in the system? 
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Black sea nettle in the 
Monterey Bay 
Aquarium in Cali- 
fornia. Jellyfish 
use statocysts to 
maintain their 
physical equilib- 
rium. A statocyst 
consists of a fluid- 
filled sac containing 
statoliths that stimu- 
late sensory cells and 
help indicate position 
when the animal 
moves. 
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Chapter 6 Chemical Equilibrium 


n doing stoichiometry calculations, we assume that reactions proceed to 

completion—that is, until one of the reactants is consumed. Many reac- 

tions do proceed essentially to completion. For such reactions it can be 

assumed that the reactants are quantitatively converted to products and 
that the amount of limiting reactant that remains is negligible. On the other 
hand, there are many chemical reactions that stop far short of completion. An 
example is the dimerization of nitrogen dioxide: 


The reactant NO; is a reddish brown gas, and the product N2Oz is a colorless 
gas. When NO) is placed in an evacuated, sealed glass vessel at 25°C, the ini- 
tial dark brown color decreases in intensity as the NO) is converted to color- 
less N,O4. However, even over a long period of time, the contents of the reac- 
tion vessel do not become colorless. Instead, the intensity of the brown color 
eventually becomes constant, which means that the concentration of NO is 
no longer changing. This is illustrated on the molecular level in Fig. 6.1. This 
observation is a clear indication that the reaction has stopped short of com- 
pletion. In fact, the system has reached chemical equilibrium, the state in 
which the concentrations of all reactants and products remain constant with 
time. 

Any chemical reaction carried out in a closed vessel will reach equilibrium. 
For some reactions the equilibrium position so favors the products that the 
reaction appears to have gone to completion. We say that the equilibrium posi- 
tion for such a reaction lies far to the right, in the direction of the products. For 
example, when gaseous hydrogen and oxygen are mixed in stoichiometric 
quantities and react to form water vapor, the reaction proceeds essentially to 
completion. The amounts of the reactants that remain when the system reaches 
equilibrium are so tiny that they are negligible. In contrast, some reactions oc- 
cur only to a slight extent. For example, when solid CaO is placed in a closed 
vessel at 25°C, the decomposition to solid Ca and gaseous QO, is virtually unde- 
tectable. In cases like this, the equilibrium position is said to lie far to the left, 
in the direction of the reactants. 

In this chapter we will discuss how and why a chemical system comes to 
equilibrium and the characteristics of a system at equilibrium. In particular, we 
will discuss how to calculate the concentrations of the reactants and products 
present for a given system at equilibrium. 





























Figure 6.1 

A molecular representation of the reaction 2NO.(g) —> N>O.(Q) over time in a closed 
vessel. Note that the numbers of NO2 and N20, in the container become constant (c) and 
(d) after sufficient time has passed. 
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6a “line Fatilibri um Condition 


Reddish brown nitrogen dioxide gas 
streaming from a flask where copper is 
reacting with concentrated nitric acid. 


Equilibrium is a dynamic situation. 


Figure 6.2 

The changes in concentrations 

with time for the reaction 

H20(g) + CO(g) == Ha(g) + CO2(9) 
when equal molar quantities of H20(g) 
and CO(g) are mixed. 


Since no changes occur in the concentrations of reactants or products in a reac- 
tion system at equilibrium, it may appear that everything has stopped. How- 
ever, this is not the case. On the molecular level, there is frenetic activity. 
Equilibrium is not static; it is a highly dynamic situation. The concept of chem- 
ical equilibrium is analogous to two island cities connected by a bridge. Sup- 
pose the traffic flow on the bridge is the same in both directions. It is obvious 
that there is motion, since one can see the cars traveling across the bridge, but 
the number of cars in each city is not changing because equal numbers are en- 
tering and leaving. The result is no met change in the car population. 

To see how this concept applies to chemical reactions, consider the reac- 
tion between steam and carbon monoxide in a closed vessel at a high tempera- 
ture, where the reaction takes place rapidly: 


H,O(g) + CO(g) == Hha(g) + CO2(g) 


Assume that the same number of moles of gaseous CO and gaseous H)O are 
placed in a closed vessel and allowed to react. The plots of the concentrations 
of reactants and products versus time are shown in Fig. 6.2. Note that since 
CO and HO were originally present in equal molar quantities, and since they 
react ina 1:1 ratio, the concentrations of the two gases are always equal. Also, 
since H; and CO; are formed in equal amounts, they are always present at the 
same concentrations. 

Figure 6.2 is a profile of the progress of the reaction. When CO and H,O 
are mixed, they immediately begin reacting to form H, and CO). This leads 
to a decrease in the concentrations of the reactants, but the concentrations of 
the products, which were initially at zero, are increasing. Beyond a certain 
time, indicated by the dashed line in Fig. 6.2, the concentrations of reactants 
and products no longer change—equilibrium has been reached. Unless the 
system is somehow disturbed, no further changes in concentrations will oc- 
cur. Note that although the equilibrium position lies far to the right, the 
concentrations of reactants never reach zero; the reactants will always be 
present in small but constant concentrations. This is shown on the micro- 
scopic level in Fig. 6.3. 

Why does equilibrium occur? As we will see in much more detail in Chap- 
ter 15, chemical reactions occur via collisions of the reacting molecules. The 
energy associated with a collision can break bonds in the reactant molecules, 
allowing them to rearrange to form the products. Since the collision rate of the 
molecules in a gas depends on the concentration of molecules present, the rate 
of a reaction depends on the concentrations of the reactants. Thus, as reactants 
collide and react to form products 


H,O(g) + CO(g) —> Hag) + CO2(g) 


[CO] or [H,O] 







Equilibrium 


(a 


Concentration 


Qe ———<———$<—————<——<——————> 
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Figure 6.3 

(a) HzO and CO are mixed in equal 
numbers and begin to react (1) to form 
COz and Hp. After time has passed, 
equilibrium is reached (c), and the 
numbers of reactant and product 
molecules then remain constant over 
time (d). 


Figure 6.4 

The changes with time in the rates of 
forward and reverse reactions for 
H,O(g) + CO(g) == Hg) + COz(g) 
when equal molar quantities of H2O(g) 
and CO(g) are mixed. Note that the 
rates for the forward and reverse reac- 
tions do not change in the same way 
with time. We will not be concerned 
with the reasons for this difference at 
this point. 











the concentrations of the reactants decrease, causing the rate of this reaction 
(the forward reaction) to decrease—that is, the reaction slows down (Fig. 6.4). 
As in the bridge-traffic analogy, there is also a reverse direction: 


H,(g) + CO2(g) —> H20(g) + CO(g) 


Initially in this experiment no H) and CQ) were present, and this reverse reac- 
tion could not occur. However, as the forward reaction proceeds, the concen- 
trations of H) and CO, build up, and the rate of the reverse reaction increases 
(Fig. 6.4) as the forward reaction slows down. Eventually, the concentrations 
reach levels where the rate of the forward reaction equals the rate of the reverse 
reaction. That is, the concentrations of the reactants and products achieve val- 
ues such that HO and CO are being consumed by the forward reaction at 
exactly the same rate as they are being produced by the reverse reaction. The 
system has reached equilibrium. 

What would happen to the gaseous equilibrium mixture of reactants and 
products represented in Fig. 6.3, parts (c) and (d), if we injected some H,O(g) 
into the box? To answer this question, we need to be sure we understand the 
equilibrium condition: The concentrations of reactants and products remain 
constant at equilibrium because the forward and reverse reaction rates are 
equal. If we inject some H,O molecules, what will happen to the forward reac- 
tion: HO + CO — H), + CO? It will speed up because when there are more 
H,0 molecules there will be more collisions between H»O and CO molecules. 
This in turn will form more products and will cause the reverse reaction 
H,0 + CO <— H), + CO; to speed up. Thus the system will change until the 
forward and reverse reaction rates again become equal. Will this new equilib- 
rium position contain more or fewer product molecules than are shown in Fig. 
6.3(c) and (d)? Think about this carefully. If you are not sure of the answer 


Reaction rates 








The relationship between equilibrium 
and thermodynamics is explored in 
Section 10.11. 


The United States produces almost 
20 million tons of ammonia annually. 


Concentration 


ie ——— 


Figure 6.5 

A concentration profile for the reaction 
N2(g) + 3H2(g) == 2NH;(g) when 
only N2(g) and H2(g) are mixed initially. 
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now, keep reading. We will consider this type of situation in more detail later 
in this chapter. 

The equilibrium position of a reaction—left, right, or somewhere in 
between—is determined by many factors: the initial concentrations, the relative 
energies of the reactants and products, and the relative “degree of organization” 
of the reactants and products. Energy and organization come into play because 
nature tries to achieve minimum energy and maximum disorder. For now, we 
will simply view the equilibrium phenomenon as an experimentally verified fact. 
The theoretical origins of equilibrium will be explored in detail in Chapter 10. 


The Characteristics of Chemical Equilibrium 


To explore the important characteristics of chemical equilibrium, we will con- 
sider the synthesis of ammonia from elemental nitrogen and hydrogen: 


N2(g) + 3H2(g) == 2NH3(g) 


This process (called the Haber process) is of great commercial value because 
ammonia is an important fertilizer for the growth of corn and other crops. 
Ironically, this beneficial process was discovered in Germany just before World 
War I in a search for ways to produce nitrogen-based explosives. In the course 
of this work, German chemist Fritz Haber (1868-1934) pioneered the large- 
scale production of ammonia. 

When gaseous nitrogen, hydrogen, and ammonia are mixed in a closed 
vessel at 25°C, no apparent change in the concentrations occurs over time, re- 
gardless of the original amounts of the gases. It would seem that equilibrium 
has been attained. However, this is not necessarily true. 

There are two possible reasons why the concentrations of the reactants 
and products of a given chemical reaction remain unchanged when mixed: 


1. The system is at chemical equilibrium. 


2. The forward and reverse reactions are so slow that the system moves to- 
ward equilibrium at an undetectable rate. 


The second reason applies to the nitrogen, hydrogen, and ammonia mix- 
ture at 25°C. Because the molecules involved have strong chemical bonds, mix- 
tures of N>, H2, and NH; at 25°C can exist with no apparent change over long 
periods of time. However, under appropriate conditions the system does reach 
equilibrium, as shown in Fig. 6.5. Note that because of the reaction stoichiom- 
etry, H» disappears three times as fast as N2 does, and NH; forms twice as fast 
as N> disappears. 





6.2 


The law of mass action is based on 
experimental observations. 


The Equilibrium Constant 


Science is fundamentally empirical—it is based on experiment. The develop- 
ment of the equilibrium concept is typical. From observations of many chemi- 
cal reactions, two Norwegian chemists, Cato Maximilian Guldberg (1836- 
1902) and Peter Waage (1833-1900), proposed the law of mass action in 1864 
as a general description of the equilibrium condition. For a reaction of the type 


jh + EB = IC + mD 


where A, B, C, and D represent chemical species and j, k, /, and m are their 
coefficients in the balanced equation, the law of mass action is represented by 
the following equilibrium expression: 
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The K’s used in this section might best 
be called K°>see4 since they are calcu- 
lated from “observed” concentrations 

that are not corrected for the effects of 
nonideality, Only K°®s values have units. 





The square brackets indicate the concentrations of the chemical species at equi- 
librium, and K is a constant called the equilibrium constant. 

Guldberg and Waage found that the equilibrium concentrations for every 
reaction system that they studied obeyed this relationship. That is, when the 
observed equilibrium concentrations are inserted into the equilibrium expres- 
sion constructed from the law of mass action for a given reaction, the result is 
a constant (at a given temperature and assuming ideal behavior). Thus the 
value of the equilibrium constant for a given reaction system can be calculated 
from the measured concentrations of reactants and products present at equilib- 
rium, a procedure illustrated in Example 6.1. 


WWL INTERACTIVE EXAMPLE 6.1 


The following equilibrium concentrations were observed for the Haber process 
ata 7G: 


[INH3}=3:l x 10 moVE 
[Ne = 8.5 < 10 mol/L 
[Hal=i3.1 10 mol/L 


a. Calculate the value of K at 127°C for this reaction. 


b. Calculate the value of the equilibrium constant at 127°C for the reaction 


2NH3(g) —— N2(g) + 3H2(g) 





c. Calculate the value of the equilibrium constant at 127°C for the reaction 
given by the equation 


Nie 


N>(g) + 3Hi(g) == NH,(g) 


Solution 
a. The balanced equation for the Haber process is 
No(g) s+ 3ib(g) = 2 NEG Ie) 


Thus, using the law of mass action to construct the expression for K, we 
have 


PaLINEL aah (3.1 x 10°* mol/L) 
[N,][H, (8.5 x 107! mol/L)@G.1 x 10 mol/L)? 


= 3.8 « 1071 “mol 





b. This reaction is written in the reverse order of the equation given in part a. 
This leads to the equilibrium expression 


K' = UND LEE F 
[NH;} 
which is the reciprocal of the expression used in part a. So 


[N, ][H,} 1 1 














ho meine 7 = tihag 
[NH; |} Kee eee 2.6 X 10°* mol2/L 
c. We use the law of mass action: K” = [NHs] : 
[N, }7[H, 2? 


If we compare this expression with the one obtained in part a, we see that 
since 





[NH5]__ (NH? ‘i 
[N,P7H,P? ~ IN THLE 


Danny Eilers/Alamy 


The K’s referred to here are KS 
values. 


The law of mass action applies to solu- 
tion and gaseous equilibria 





Applying anhydrous ammonia to 


soybean stubble prior to planting corn. 
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then 
K" = Ki2 
Thus 
K" = K'* = (3.8 X 104 L?/mol?)"? = 1.9 x 102 L/mol 


We can draw some important conclusions from the results of Example 6.1. 
For a reaction of the form 


(ARB =— IC + mD 


the equilibrium expression is 











CG l D|” 
x - (CNY 
[A}[B] 
If this reaction is reversed, the new equilibrium expression is 
Aaa el 
—— 
[C][D}" kK 
If the original reaction is multiplied by some factor 7 to give 
njA + nkB nlC + nmD 
the equilibrium expression becomes 
(¢ nl DI” 
Ke = [ | | ] ; = Ke 
[A]”[B]" 


Some Characteristics of the Equilibrium Expression 


1. The equilibrium expression for a reaction written in reverse is the reciprocal of 
that for the original reaction. 

2. When the balanced equation for a reaction is multiplied by a factor n, the equilib- 
rium expression for the new reaction is the original expression raised to the mth 
power. Thus cee = Ucaisinai) 

3. The apparent units for K are determined by the powers of the various concentra- 
tion terms. The (apparent) units for K therefore depend on the reaction being 
considered. We will have more to say about the units for K in Section 6.4. 


The law of mass action is widely applicable. It correctly describes the equi- 
librium behavior of all chemical reaction systems whether they occur in solu- 
tion or in the gas phase. Although, as we will see later, corrections for nonideal 
behavior must be applied in certain cases, such as for concentrated aqueous 
solutions and for gases at high pressures, the law of mass action provides a 
remarkably accurate description of all types of chemical equilibria. For exam- 
ple, consider again the ammonia synthesis reaction. At 500°C the value of K 
for this reaction is 6.0 X 10~? L?/mol’. Whenever N>, H2, and NH; are mixed 
together at this temperature, the system will always come to an equilibrium 
position such that 


[NH3} 
[N2][H2 


This expression has the same value at 500°C, regardless of the amounts of the 
gases that are mixed together initially. 

Although the special ratio of products to reactants defined by the equilib- 
rium expression is constant for a given reaction system at a given temperature, 
the equilibrium concentrations will not always be the same. Table 6.1 gives 


6.06 10 lmao 
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Table 6.1 


Results of Three Experiments for the Reaction N.(g) + 3H(g) == 2NH<(g) 




















Initial Equilibrium K= [NH;} 
Experiment Concentrations Concentrations [N, ][H>P 

I [N2]o = 1.000 M [N2] = 0.921 M 
[Halo = 1.000 M [H2] = 0.763 M K = 6.02 * 10 - Vimo 
[NH3]o = 0 [NH3] = 0.157 M 

II [Nolo =0 [N>] = (0.399 M 
[H2]o = 0 [H2] = 1.197 M K = 6.02 ¥ 10-7 L7/mor- 
[NH3]o = 1.000 M [NH3] = 0.203 M 

Ill [No]o = 2.00 M [N2] = 2.59 M 
[Halo = 1.00 M [H2] = 2.77 M K = 6.02 X 10-7 L4/mo? 
[NH3]o = 3.00 M [NH3] = 1.82 M 


For a reaction at a given temperature, 
there are many equilibrium positions 
but only one value for K. 





three sets of data for the synthesis of ammonia, showing that even though the 
individual sets of equilibrium concentrations are quite different for the differ- 
ent situations, the equilibrium constant, which depends on the ratio of the 
concentrations, remains the same (within experimental error). Note that sub- 
scripts of zero indicate initial concentrations. 

Each set of equilibrium concentrations is called an equilibrium position. It 
is essential to distinguish between the equilibrium constant and the equilibrium 
positions for a given reaction system. There is only ove equilibrium constant 
for a particular system at a particular temperature, but there are an infinite 
number of equilibrium positions. The specific equilibrium position adopted by 


a system depends on the initial concentrations, but the equilibrium constant 
does not. 





6.3 


K involves concentrations; K, involves 
pressures. 


Equilibrium Expressions 
Involving Pressures 
So far we have been describing equilibria involving gases in terms of concentra- 


tions. Equilibria involving gases can also be described in terms of pressures. 


The relationship between the pressure and the concentration of a gas can be 
seen from the ideal gas equation: 


eee: = (Jer = CRT 


where C equals 7/V, or the number of moles of gas 7 per unit volume V. Thus 
C represents the molar concentration of the gas. 


For the ammonia synthesis reaction, the equilibrium expression can be 
written in terms of concentrations, 


apnea) Fee 
a ~ (ten 





[N2][H2? 


or in terms of the equilibrium partial pressures of the gases, 


Pwn, 
K =e 
EN) Ou) 


In this book K denotes an equilibrium constant in terms of concentrations, and 
K, represents an equilibrium constant in terms of partial pressures. 


An always involves products minus 
reactants. 
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The relationship between K and K, for a particular reaction follows from 
the fact that for an ideal gas, C = P/RT. For example, for the ammonia synthe- 
sis reaction, 

[NH Cyn," 


<= NIP COC 


Gal ah 
RT Py” RT 


eer Ge 











However, for the synthesis of hydrogen fluoride from its elements, 


Fig) P38) <—— 2 Bg) 





the relationship between K and K, is 








Pur ji 
pee gee cae ee ee k, 
[H3][F)]  (Cu,)(Cy,) ee (Pu,) (Pr) 


Thus for this reaction K is equal to K,. This equality occurs because the sum of 
the coefficients on either side of the balanced equation is identical, so the terms 
in RT cancel. In the equilibrium expression for the ammonia synthesis reac- 
tion, the sum of the powers in the numerator is different from that in the de- 
nominator, so K does not equal K,. 

For the general reaction 


jA + kB = 1G + mD 
the relationship between K and K, is 
K, = K(RT)™" 


where Az is the sum of the coefficients of the gaseous products minus the sum 
of the coefficients of the gaseous reactants. This equation is easy to derive from 
the definitions of K and K, and the relationship between pressure and concen- 
tration. For the preceding general reaction, 
pene RMN (CRA RAN Cy XRT 
| Pe Ps) (Cy X RT)/(Cg X RT)* 
(C) (Cx) R T) l+m 


E 
~ (CC) RD 


where An = (1 + m) — (j + k), the difference in the sums of the coefficients for 
the gaseous products and reactants. 

We have seen that the (apparent) units of the equilibrium constant depend 
on the specific reaction. For example, for the reaction 


H,(g) + Fo(g) == 2HF(g) 











= RED G = K(RE)A 





the units for K and K, can be found as follows: 





Cyr” (mol/L)? | 
—_ = z 
K (Cy,)(Cp,) — (mol/L) (mol/L) no units 
z 2 
oe ig (atm) ee, 





P (Px) (Pp) (atm) (atm) 
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For this reaction, neither K nor K, has units, and K is equal to K,. Because 
there are identical powers in the numerator and denominator, the units cancel. 
For equilibrium expressions in which the powers in the numerator and de- 
nominator are not the same, the equilibrium constants will have (apparent) 
units and K will not equal K,. 

Note that in the preceding discussion we used the term “apparent units” 
when referring to equilibrium constants. This term was used because the theo- 
retical foundation for the concept of equilibrium based on thermodynamics 
includes a reference state for each substance, which always causes the units of 
concentration or pressure to cancel. We will explore this situation thoroughly 
in Chapter 10, but we will introduce this concept in Section 6.4. 





In 1982, the International Union of Pure 
and Applied Chemists (IUPAC) set the 
standard pressure as 1 bar (exactly). 
Both conventions are now used, 
although most thermodynamic data 
are now referenced to 1 bar instead of 
t atm. 


The Concept of Activity 


As we will see in Chapter 10, the “true” equilibrium constant expression does 
not simply involve the observed equilibrium pressure or the concentration for 
a substance but involves the ratio of the equilibrium pressure (or concentra- 
tion) for a given substance to a reference pressure (or concentration) for that 
substance. This ratio is defined as the activity of the substance, which in terms 
of pressures is defined as 


eek a P; 
Activity (ith component) = a; = : 
Predetence 
where P; = partial pressure of the ith gaseous component 


| eects = 1 atm (exactly) 


and where ideal behavior is assumed. 
Using the concept of activities, the equilibrium expression for the reaction 


jA(g) + RB(g) == !C(g) + mD(g) 


(Ze) Fe)" 
(ac)(ap)” Pret] \Pret 


K — = — 


With all the pressures expressed in atmospheres, we have 
ue lean 1 aemi Pep. 
i (7: em) (2s al P,/P 


1 atm 1 atm 


iS written as 

















where K, is unitless as shown. 

When the equilibrium composition of a system is expressed in units of 
moles per liter, the reference state is (exactly) 1 mol/L. 

Because of the difference in reference states, in general, 


K#K, 

5 a IS 
Equilibrium Equilibrium 
composition composition 
expressed in expressed as 
concentration pressures 


units 


Larry Andre Maslennikov/Peter Arnold/PhotoLibrary 
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The only exception to this principle occurs when the sum of the powers in the 
numerator and the denominator are the same (as discussed previously for 
H, + F,) == 2HF). In such a case K = K,. 

Because of the ideas discussed in this section, it is customary to give the 
values of equilibrium constants without units. This is the practice we will fol- 
low in the remainder of the text. 








Lime is among the top six chemicals 
manufactured in the United States in 
terms of amount produced 


Helicopter liming acidic wetland in 
Sweden. 


Figure 6.6 

The position of the equilibrium 
CaCO,(s) =—  CaOjs) + COz(9) 
does not depend on the amounts of 
CaCO.(s) and CaO\(s) present. 


Heterogeneous Equilibria 


So far we have discussed equilibria only for systems in the gas phase, where all 
reactants and products are gases. These situations represent homogeneous 
equilibria. However, many equilibria involve more than one phase and are 
called heterogeneous equilibria. For example, the thermal decomposition of 
calcium carbonate in the commercial preparation of lime occurs by a reaction 
involving both solid and gas phases: 
CaCO3(s) == CaO(s) + CO2(g) 
* 
Lime 

Straightforward application of the law of mass action leads to the equilibrium 
expression 


[CO,][CaO] 


K'= 
[CaCO,] 


However, experimental results show that the position of a heterogeneous 
equilibrium does not depend on the amounts of pure solids or liquids present 
(Fig. 6.6). This result makes sense when the meaning of an activity for a pure 
liquid or solid is understood. For a pure liquid or solid, the reference state is 
the pure liquid or solid. Thus, for the composition of CaCO; considered above, 
we do not insert [CaCO3] or [CaO] into the equilibrium expression but rather 


into the activity of each: 
Pure solid 


a 
fl [CaCO] a 
AcCaCcO; [CaCO] 
K 


Pure solid 


(reference state) 


[CaO] 
and AGO) = ity 


[CaO] 





CO, 


CaO 





CaCO, 


(a) (b) 
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Thus the equilibrium expressions for the decomposition of solid CaCO; are 


Ke 1 


In summary, we can make the following general statement: The activity of 
a pure solid or liquid is always 1. 

Note that the net effect of inserting an activity of 1 into the equilibrium 
expression for each pure solid or liquid in the reaction has the same effect as 
simply disregarding them. If pure solids or pure liquids are involved in a chemi- 
cal reaction, their concentrations are not included in the equilibrium expres- 
sion for the reaction. This simplification occurs only with pure solids or liq- 
uids, not with solutions or gases, because in these last two cases the activity 
cannot be assumed to be 1. 

For example, in the decomposition of liquid water to gaseous hydrogen 
and oxygen, 


2H,O(/) == 2Hz2(g) + O2(g) 
where K = [H,}7[O)] and K, = (Pu,7)(Po,) 


water is not included in either equilibrium expression because it is present as a 
pure liquid (4,0) = 1). However, if the reaction were carried out under condi- 
tions in which the water is a gas rather than a liquid, 


2H,O0(g) == 2Ha(g) + O2(g) 


(HaPIOo] gg _ (Pu2)(Po) 


then i [HOF : oe 


because the concentration or pressure of water vapor can assume different 
values, depending on the conditions. That is, we cannot assume an activity of 
1 in such an instance. 





6.6 | 


Applications of the Equilibrium Constant 


Knowing the equilibrium constant for a reaction allows us to predict several 
important features of the reaction: the tendency of the reaction to occur (but 
not the speed of the reaction), whether a given set of concentrations represents 
an equilibrium condition, and the equilibrium position that will be achieved 
from a given set of initial concentrations. 


The Extent of a Reaction 


The inherent tendency for a reaction to occur is indicated by the magnitude of 
the equilibrium constant. A value of K that is much larger than 1 means that at 
equilibrium the reaction system will consist of mostly products—the equilib- 
rium lies to the right. That is, reactions with very large equilibrium constants 
go essentially to completion. On the other hand, a very small value of K means 
that the system at equilibrium will consist of mostly reactants—the equilibrium 
position is far to the left. The given reaction does not occur to any significant 
extent. 

It is important to understand that the size of K and the time required to 
reach equilibrium are not directly related. The time required to achieve equilib- 
rium depends on the reaction rate. The size of K is determined by factors such 
as the difference in energy between products and reactants, which will be dis- 
cussed in detail in Chapter 10. 
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Figure 6.7 

Comparing the values of Q and K 
allows us to determine the direction the 
system will shift to reach equilibrium. 





Reaction Quotient 


When the reactants and products of a given chemical reaction are mixed, it is 
useful to know whether the mixture is at equilibrium and, if it is not, in which 
direction the system will shift to reach equilibrium. If the concentration of one 
of the reactants or products is zero, the system will shift in the direction that 
produces the missing component. However, if all the initial concentrations are 
not zero, it is more difficult to determine the direction of the move toward 
equilibrium. To determine the shift in such cases, we use the reaction quotient, 
Q. The reaction quotient is obtained by applying the law of mass action, but 
using initial concentrations instead of equilibrium concentrations. For exam- 
ple, for the synthesis of ammonia, 


N2(g) + 3Fa(g) === 2NHa(g) 
the expression for the reaction quotient is 


[NH3]o” 
3 
[N> lol 2 Jo 
where the zero subscripts indicate initial concentrations. 


To determine in which direction a system will shift to reach equilibrium, we 
compare the values of O and K (Fig. 6.7). There are three possible situations: 








1. QO is equal to K. The system is at equilibrium; no shift will occur. 


2. Qs greater than K. In this case the ratio of initial concentrations of prod- 
ucts to initial concentrations of reactants is too large. For the system to 
reach equilibrium, a net change of products to reactants must occur. The 
system shifts to the left, consuming products and forming reactants, until 
equilibrium is achieved. 

3. QOis less than K. In this case the ratio of initial concentrations of products to 
initial concentrations of reactants is too small. The system must shift to the 
right, consuming reactants and forming products, to attain equilibrium. 


-WWL INTERACTIVE EXAMPLE 6.2 


For the synthesis of ammonia at 500°C, the equilibrium constant is 
6.0 X 10-2. Predict the direction in which the system will shift to 
reach equilibrium in each of the following cases. 

a. [NHs]) = 1.0 X 10-3 M; [No]o = 1.0 X 10-5 M [Hy]o = 2.0 x 10-3 M 

b. [NH3]o = 00-< 10e- M; [No]o oO xe lLOrs M; [H]o = 3:54-< 101M 
c. [NH3]o = 1.0 X 10-4 M; [No]o = 5.0 M; [Halo = 1.0 x 10°? M 





216 Chapter 6 Chemical Equilibrium 


We will not include units for concentra- 
tions that are in the equilibrium expres- 
sion or reaction quotient. 








Solution 
a. First we calculate the value of O: 
[NH ]o” 
[N> Jol H2 Jo” 
(Orc 107s) 
ORs) (2.0 x 1052)" 
=i 10" 


Since K = 6.0 X 1072, O is much greater than K. For the system to attain 
equilibrium, the concentrations of the products must be decreased and 
the concentrations of the reactants increased. The system will shift to the 


left: 





Nw hiohigne= —« LINE, 
b. We calculate the value of O: 


DE [NH3])2 _ (2.00 x 1074)? 


IN, biG — (50: X10 )G6545010 47 
= 6,0 1x10 





In this case O = K, so the system is at equilibrium. No shift will occur. 
e: Thewalue of© 1s 





o = Neh? _ __ (1.0 x 10 
[Nz ]olH2]o? — (S.0)(1.0 x 1077)? 
= Oe Gr 


Here O is less than K, so the system will shift to the right, attaining equi- 
librium by increasing the concentration of the product and decreasing the 
concentrations of the reactants: 


N> Sie 3H, aa g 2NH; 


Calculating Equilibrium Pressures and Concentrations 


A typical equilibrium problem involves finding the equilibrium concentrations 
(or pressures) of reactants and products given the value of the equilibrium 
constant and the initial concentrations (or pressures). 


WWL INTERACTIVE EXAMPLE 6.3 


Assume that the reaction for the formation of gaseous hydrogen fluoride from 
hydrogen and fluorine has an equilibrium constant of 1.15 X 10? at a certain 
temperature. In a particular experiment at this temperature 3.000 moles of 
each component was added to a 1.500-liter flask. Calculate the equilibrium 
concentrations of all species. 


Solution The balanced equation for the reaction is 
Fo(g)oh Pols) == 2HE(g) 

The equilibrium expression is 

[HF 


R= 1S 10 = 
[H2|LF, | 


This shorthand representation is some- 
times called an /CE table from the first 
letters of the labels. 
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We first calculate the initial concentrations: 


3.000 mol 





[HF ]p ras [Eg = Leo = “4500 L. — 0. 008M 
From the value of QO, 
> stale - (2.000)? 4 
C= Tb @.000)2.000 °° 


which is much less than K, we know that the system must shift to the right to 
reach equilibrium. 

What change in the concentrations is necessary? Since the answer to this 
question is presently unknown, we will define the change needed in terms of x. 
Let x equal the number of moles per liter of H, consumed to reach equilibrium. 
The stoichiometry of the reaction shows that x mol/L of F, will also be con- 
sumed and that 2x mol/L of HF will be formed: 


Eo\g)) it Pog) see 2K (ge) 
x mol/L + x mol/L ——> 2x mol/L 


Now the equilibrium concentrations can be expressed in terms of x: 


Initial Equilibrium 
Concentration (mol/L) Change (mol/L) Concentration (mol/L) 
[Poly = 2,000 = [H,]}-= 2.000 — x 
[FaJo =.2:000 ae [Fo] = 2.000 — x 
[HF] = 2.000 42x [HF] = 2.000 + 2x 


These concentrations can be represented in a shorthand table as follows: 


Fip(g) ae F,(g) == 2HF(g) 
Initial: 2.000 2.000 2.000 
Change: rsx =x oe 
Equilibrium: D000 PANO = 2% BANOO) => Lae 


To solve for x, we substitute the equilibrium concentrations into the equi- 
librium expression: 
[HF (2.000 + 2x)? 


— 2 = = 
Rot al — Tae 1 MODE 








The right side of this equation is a perfect square, so taking the square root of 
both sides gives 


Sn oe 
Wits sc10 = 


22000 ix 
which yields x = 1.528. The equilibrium concentrations can now be calculated: 
(H)] = [F>] = 2.000 M — x = 0.472 M 
[HF] = 2.000 M + 2x = 5.056 M 


Check: Checking these values by substituting them into the equilibrium ex- 
pression gives 
[HF (5.056)? 


EAI 





which agrees with the given value of K. 
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6.7 | Solving Equilibrium Problems 


We have already considered most of the strategies needed to solve equilibrium 
problems. The typical procedure for analyzing a chemical equilibrium problem 
can be summarized as shown below. 


Susi) | Solving Equilibrium Problems 


1 Write the balanced equation for the reaction. 

Write the equilibrium expression using the law of mass action. 

List the initial concentrations. 

Calculate O, and determine the direction of the shift to equilibrium. 


a F&F @® NY 


Define the change needed to reach equilibrium, and define the equilibrium 
concentrations by applying the change to the initial concentrations. 

6 Substitute the equilibrium concentrations into the equilibrium expression, 
and solve for the unknown. 


7 Check your calculated equilibrium concentrations by making sure that 
they give the correct value of K. 





In Example 6.3 we were able to solve for the unknown by taking the 
square root of both sides of the equation. However, this situation is not very 
common, so we must now consider a more typical problem. Suppose that for 
a synthesis of hydrogen fluoride from hydrogen and fluorine, 3.000 moles of 
H, and 6.000 moles of F, are mixed in a 3.000-L flask. The equilibrium con- 
stant for the synthesis reaction at this temperature is 1.15 X 107. We calculate 
the equilibrium concentration of each component as follows: 


a We begin as usual by writing the balanced equation for the reaction: 
Ebo(g) ei Eote) = 2H (2) 


a The equilibrium expression is 








; HF} 
K = 1.15 X 10* = ————~ 
[H,][F,] 
a The initial concentrations are 
3.000 mol 
Aa =i 
ie bale 3.000 L 1.000 M 
6.000 mol 
F, |p = ——————-_ = 2. 
[Fao Sie e 
[HF |p —H()) 


= There is no need to calculate Q; since no HF is initially present, we know that 
the system must shift to the right to reach equilibrium. 


a If we let x represent the number of moles per liter of Hy consumed to reach 
equilibrium, we can represent the concentrations as follows: 





Initial Equilibrium 
Concentration (mol/L) Change (mol/L) Concentration (mol/L) 
[H2]o = 1.000 = [H2] = 1.000 — x 
[Fi]o = 2.000 =x [F,] = 2.000 — x 


[HF]) = 0 +2x [HF] = 0 + 2x 


6.7 Solving Equilibrium Problems 219 


Or in shorthand form: 


Hi2(g) L F,(g) = 2HF(g) 
Initial: 1.000 2.000 0 
Change: =X =x +24, 
Equilibrium: L000 x 2000 =x pu 


# Substituting the equilibrium concentrations into the equilibrium expression 
gives 
2 2 
Ratti ee y 
[H,|[F,] (1.000 — x)(2.000 — x) 


To solve for x, we perform the indicated multiplication, 


(1.000 rx9)(2.0007=-<) (1.15107) = (2x) 





to give 
(1etS.< 10?)x* = 3.000(1.15 < 107)4 2,000 TIS 107) = 4x2 
and collect terms, 
(hdd 102)\x* = (3:45 x 107\4 4 2.30) « 107 0 
This expression is a quadratic equation of the general form 
ax 0x G0 
where the roots can be obtained from the quadratic formula: 
Tete baa 
2a 


In this example a = 1.11 X 10*, b = —3.45 X 107, and c = 2.30 X 107. 
Substituting these values into the quadratic formula gives two values for x: 


x = 2.14 mol/L and x = 0.968 mol/L 





x 


Both of these results cannot be valid (because a given set of initial concentra- 
tions leads to only one equilibrium position). How can we choose between 
them? Since the expression for the equilibrium concentration of H) is 


[H,] = 1.000 M — x 


the value of x cannot be 2.14 mol/L (because subtracting 2.14 M from 1.000 M 
gives a negative concentration for Hj, which is physically impossible). Thus the 
correct value for x is 0.968 mol/L, and the equilibrium concentrations are as 
follows: 


[H,] = 1.000 M — 0.968 M = 3.2 x 10-2 M 
[F,] = 2.000 M — 0.968 M = 1.032 M 
[HF] = 2(0.968 M) = 1.936 M 


= We can check these concentrations by substituting them into the equilibrium 
expression: 
(1.936) 


(HEP _ : . 
EARS Gost (00), 





This value is in close agreement with the given value for K (1.15 X 107), so 
the calculated equilibrium concentrations are correct. 
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Note that although we used the quadratic formula to solve for x in this 
problem, other methods are also available. For example, trial and error is al- 
ways a possibility. However, use of successive approximations (see Appendix 
A1.4) is often preferable. For example, in this case successive approximations 
can be carried out conveniently by starting with the quadratic equation 


(1.11 X 102)x2 — (3.45 x 102)x + 2.30 x 10? = 0 
and dividing it by 1.11 < 10? to give 
x* — 3.11x + 2.07 = 0 
which can then be rearranged to 


ip Sal die 22.07, 


or 
92 Sa WS like = BAH 


Now we can proceed by guessing a value of x, which is then inserted into 
the square root expression. Next, we calculate a “new” value of x from the 


expression 
5g NY Bi lliloe = DAV 
Ti Ky 
“New” value Guessed value 
calculated of x inserted 


When the calculated value (the new value) of x agrees with the guessed value, 
the equation has been solved. 

To solve the algebraic equations you encounter when doing chemistry 
problems, use whatever method is convenient and comfortable for you. 


Treating Systems That Have Small Equilibrium Constants 


We have seen that fairly complicated calculations are often necessary to solve 
equilibrium problems. However, under certain conditions we can make simpli- 
fications that greatly reduce the mathematical difficulties. For example, con- 
sider gaseous NOCI, which decomposes to form the gases NO and Cl). At 
35°C the equilibrium constant is 1.6 X 107° mol/L. In an experiment in which 
1.0 mole of NOCI is placed in a 2.0-L flask, what are the equilibrium 
concentrations? 
The balanced equation is 


2NOCI(g) == 2NO(g) + Chi(g) 





and 
[NOF[CL] ; 
K = = 1. 2 
INOCIE. 7 16 X 10 
The initial concentrations are 
1.0 mol 
[NOCI], = > a =050M, “INOW, and) (chi =o 


Since there are no products initially, the system will move to the right to 
reach equilibrium. We will define x as the change in concentration of Cl, 
needed to reach equilibrium. The changes in the concentrations of NOCI and 
NO can then be obtained from the balanced equation: 


2NOCI(g) —> 2NO(g) + Ch(g) 


DX —> Meee te 5% 


Approximations can simplify compli- 
cated math, but their validity should be 
carefully checked. 


A good way to assess whether a 4% 
error is acceptable here is to examine 
the precision of the data given. For 
example, note that the value of K is 
1.6 < 10-5, which can be interpreted 
as (1.6 + 0.1) X 107°. Thus the uncer- 
tainty in K is at least 1 part in 16, or 
about 6%. Therefore, a 4% error in 
[NOC]] is acceptable. 
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The concentrations can be summarized as follows: 


Initial 
Concentration (mol/L) 


Equilibrium 


Change (mol/L) Concentration (mol/L) 





[NOCl]p = 0.50 =x [NOCI] = 0.50 — 2x 
[NO] = 0 +2x [NO] = 0 + 2x = 2x 
[Clo =0 at [Cl] =O+x=x 


Or in shorthand form: 


2NOC\(g) ——= 2NO(g) SF Cl(g) 
[nitial: 0.50 0 0 
Change: ade a2 Bre 
Equilibrium: O.50:52% 2x x 


The equilibrium concentrations must satisfy the equilibrium expression: 


7 54 NOEL CE) ia ey) 
hy Sia tags [NOCI? — (0.50 — 2x)? 





Multiplying and collecting terms results in an equation that requires compli- 
cated methods to solve directly. However, we can avoid this situation by rec- 
ognizing that since K is so small (1.6 X 10°° mol/L), the system will not pro- 
ceed far to the right to reach equilibrium. That is, x represents a relatively 
small number. Consequently, the term (0.50 — 2x) can be approximated by 
0.50. That is, when x is small, 


030 =2% = 050 


Making this approximation allows us to simplify the equilibrium expression: 


(2x)*(x) (2x)'(x) dae 








1.6xX 10° = = FS = 
6x > @.50-2x? ~ 502  ©.50)2 
Solving for x° gives 
RSP I DL OSO 
ee 2 Oy) gl <a © 


4 


Ang = alU x 10S mole 
Next, we must check the validity of the approximation. If x = 1.0 X 1077, 
then 
0.50 — 2x = 0.50 — 2(1.0 X 10-7) = 0.48 
The difference between 0.50 and 0.48 is 0.02, or 4% of the initial concentration 
of NOCI, a relatively small discrepancy that will have little effect on the out- 
come. That is, since 2x is very small compared with 0.50, the value of x ob- 


tained in the approximate solution should be very close to the exact value. We 
use this approximate value of x to calculate the equilibrium concentrations: 


[NOCI] = 0.50 — 2x = 0.48 M ~ 0.50 M 
[NO] = 2x = 2(1.0 x 10-2 M) = 2.0 x 10-2. M 
[Cl,] =x =1.0 x 10-2. M 


COLOR GOs gul.0>< 1077) wee 
= : S16 10 
(0.50)? 


[NO FLCh] 
[NOCI}’ 
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Since the given value of K is 1.6 X 107°, these calculated concentrations are 


correct. 
This problem turned out to be relatively easy to solve because the small 
value of K and the resulting small shift to the right to reach equilibrium al- 


lowed simplification. 





Henri Louis Le Chatelier (1850-1936), 
the French physical chemist and metal- 
lurgist, seen here while a student at the 
Ecole Polytechnique. 


Le Chatelier’s Principle 


It is important to understand the factors that control the position of a chemical 
equilibrium. For example, when a chemical is manufactured, the chemists and 
chemical engineers in charge of production want to choose conditions that fa- 
vor the desired product as much as possible. In other words, they want the 
equilibrium to lie far to the right. When Fritz Haber was developing the pro- 
cess for the synthesis of ammonia, he did extensive studies on how the tem- 
perature and pressure affect the equilibrium concentration of ammonia. Some 
of his results are given in Table 6.2. Note that the amount of NH; at equilib- 
rium increases with an increase in pressure but decreases with an increase in 
temperature. Thus the amount of NH; present at equilibrium is favored by 
conditions of low temperature and high pressure. 

However, this is not the whole story. Carrying out the process at low tem- 
peratures is not feasible because then the reaction is too slow. Even though the 
equilibrium tends to shift to the right as the temperature is lowered, the attain- 
ment of equilibrium is much too slow at low temperatures to be practical. This 
observation emphasizes once again that we must study both the thermodynam- 
ics (Chapter 10) and the kinetics (Chapter 15) of a reaction before we really 
understand the factors that control it. 

We can qualitatively predict the effects of changes in concentration, pres- 
sure, and temperature on a system at equilibrium by using Le Chatelier’s prin- 
ciple, which states that if a change in conditions (a “stress”) is imposed on a 
system at equilibrium, the equilibrium position will shift in a direction that 
tends to reduce that change in conditions. Although this rule, put forth by 
Henri Le Chatelier in 1884, sometimes oversimplifies the situation, it works 
remarkably well. 


The Effect of a Change in Concentration 


To see how we can predict the effects of a change in concentration on a system 
at equilibrium, we will consider the ammonia synthesis reaction. Suppose there 
is an equilibrium position described by these concentrations: 


[Nz] = 0.399 M, [H2] = 1.197 M, and [NH3] = 0.202 M 


Table 6.2 


Percent by Mass of NH at Equilibrium in a Mixture of No, Ho, and NH 
as a Function of Temperature and Total Pressure* 








Total Pressure 


400 atm 








Temperature (°C) 300 atm 500 atm 
400 48% NH; 55% NH3 61% NH; 
500 26% NH; 32% NH; 38% NH; 
600 13% NH; 17% NH3 21% NH; 








“Each experiment was begun with a 3:1 mixture of H) and N). 








Photograph © Cengage Learning. All rights reserved 





Blue anhydrous cobalt(II) chloride and 
pink hydrated cobalt(II) chloride. Since 
the reaction CoCl(s) + 6H20(g) —> 
CoCls + BH2O(s) is shifted to the right 
by water vapor, CoCls is often used in 
novelty devices to detect humidity. 


The system shifts in the direction that 
compensates for the imposed change 
in conditions. 
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What will happen if 1.000 mole per liter of Ny is suddenly injected into the 
system at constant volume? We can answer this question by calculating the 
value of QO. The concentrations before the system adjusts are 


[No]Jo = 0.399 M + 1.000 M = 1.399 M 


t 
Added N> 
[H2]o = 1.197 M 
INH3]o = 0.202 M 


Note that we label these as “initial concentrations” because the system is no 
longer at equilibrium. Then 


— _[NH3])° (0.202)? ; 
— [N> Jol Ha 0° 5 (1.399) (1.197)? =O 10m 





Since we are not given the value of K, we must calculate it from the first set of 
equilibrium concentrations: 
[NH; 7 (0.202)? 


K= = = 596x107 
INL ©3990.197° >° 





As we might have expected, because the concentration of Ny was increased, 
QO is less than K. The system will shift to the right to arrive at the new equilib- 
rium position. Rather than do the calculations, we simply summarize the 
results: 





Equilibrium Position I Equilibrium Position II 
[N2] = 0.399 M 1.000 mol/L [N2] = 1.348 M 
[H2] = 1.197 M TaN Le | [H2] = 1.044 M 
[NH3] = 0.202 M [NH3] = 0.304 M 


These data reveal that the equilibrium position does in fact shift to the right: 
The concentration of H> decreases; the concentration of NH; increases; and, 
of course, since nitrogen is added, the concentration of N> shows an increase 
relative to the amount present at the original equilibrium position. (How- 
ever, note that the nitrogen decreased from the amount present immediately 
after addition of the 1.000 mole of N> because the reaction shifted to the 
right.) 

We can predict this shift qualitatively by using Le Chatelier’s principle. 
Since the stress imposed is the addition of nitrogen, Le Chatelier’s principle 
predicts that the system will shift in a direction that consumes nitrogen. This 
reduces the effect of the addition. Thus Le Chatelier’s principle correctly 
predicts that adding nitrogen causes the equilibrium to shift to the right 
(Fig. 6.8). 

If ammonia had been added instead of nitrogen, the system would have 
shifted to the left to consume ammonia. So we can paraphrase Le Chatelier’s 
principle for this case as follows: If a gaseous reactant or product is added to a 
system at equilibrium, the system will shift away from the added component. 
If a gaseous reactant or product is removed, the system will shift toward the 
removed component. 
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Figure 6.8 

(a) The initial equilibrium mixture of No, 
Ho, and NHs. () Addition of No. (c) The 
new equilibrium position for the system 
containing more No (due to addition of 
Nz), less Ho, and more NHg than the 
mixture in (a). 





Ny added —> 








WL INTERACTIVE EXAMPLE 6.4 


Arsenic can be extracted from its ores by first reacting the ore with oxygen (a 
process called roasting) to form solid As4O¢, which is then reduced with carbon: 


As4Og¢(s) + 6C(s) == Asy(g) + 6CO(g) 


Predict the direction of the shift of the equilibrium position for this reaction in 
response to each of the following changes in conditions. 


a. Addition of CO 
b. Addition or removal of C or AsyO¢ 
c. Removal of As4 


Solution 


a. Le Chatelier’s principle predicts that the shift will be away from the sub- 
stance whose concentration is increased. The equilibrium position will shift 
to the left when CO is added. 


b. Since the amount of a pure solid has no effect on the equilibrium position, 
changing the amount of C or As4QO, will have no effect. 


c. If gaseous As4 is removed, the equilibrium position will shift to the right 
to form more products. In industrial processes the desired product is often 
continuously removed from the reaction system to increase the yield. 


The Effect of a Change in Pressure 

Basically, there are three ways to change the pressure of a reaction system in- 
volving gaseous components at a given temperature: 

1. Add or remove a gaseous reactant or product at constant volume. 

2. Add an inert gas (one not involved in the reaction) at constant volume. 

3. Change the volume of the container. 


Figure 6.9 

(a) A mixture of NHa(g), No(g), and H.(g) 
at equilibrium. (b) The volume is sud- 
denly decreased. (c) The new eauilib- 
rium position for the system containing 
more NHs3, less No, and less Ho. The 
reaction No(g) + SH(g) == 2NH,(g) 
shifts to the right (toward the side with 
fewer molecules) when the container 
volume is decreased. 
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(a) (b) (c) 


We have already considered the addition or removal of a reactant or product. 
When an inert gas is added at constant volume, there is no effect on the equi- 
librium position. The addition of an inert gas increases the total pressure but 
has no effect on the concentrations or partial pressures of the reactants or 
products (assuming ideal gas behavior). Thus the system remains at the origi- 
nal equilibrium position. 

When the volume of the container is changed, the concentrations (and thus 
the partial pressures) of both reactants and products are changed. We could 
calculate O and predict the direction of the shift. However, for systems involv- 
ing gaseous components, there is an easier way: We focus on the volume. The 
central idea is that when the volume of the container holding a gaseous system 
is reduced, the system responds by reducing its own volume. This is done by 
decreasing the total number of gaseous molecules in the system. 

To see how this works, we can rearrange the ideal gas law to give 


RE 
V — (F), 


Von 


or at constant T and P 


That is, at constant temperature and pressure, the volume of a gas is directly 
proportional to the number of moles of gas present. 

Suppose we have a mixture of gaseous nitrogen, hydrogen, and ammonia 
at equilibrium (Fig. 6.9). If we suddenly reduce the volume, what will happen 
to the equilibrium position? The reaction system can reduce its volume by re- 
ducing the number of molecules present. Consequently, the reaction 


No(g) + 3H2(g) == 2NHa3/(g) 





will shift to the right, since in this direction four molecules (one of nitrogen and 
three of hydrogen) react to produce two molecules (of ammonia), thus reduc- 
ing the total number of gaseous molecules present. The new equilibrium posi- 
tion will be further to the right than the original one. That is, the equilibrium 
position will shift toward the side of the reaction involving the smaller number 
of gaseous molecules in the balanced equation. This phenomenon is illustrated 
in Fig. 6.10. 

The opposite is also true. When the container volume is increased, the 
system will shift in the direction that increases its volume. An increase in vol- 
ume in the ammonia synthesis system will produce a shift to the left to increase 
the total number of gaseous molecules present. 
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Figure 6.10 

(a) Brown NO,(g) and colorless N2O,(g) 
at equilibrium in a syringe. (bb) The 
volume is suddenly decreased, giving 
a greater concentration of both NO, 
and NOs (indicated by the darker 
brown color). (c) A few seconds after 
the sudden volume decrease, the color 
becomes a much lighter brown as the 
equilibrium shifts from brown NOz(g) to 
colorless N2O,(g). This is predicted by 
Le Chatelier’s principle, since in the 
equilibrium 


2NO2(g) == N20.(9) 


the product side has the smaller 
number of molecules. 
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OWL INTERACTIVE EXAMPLE 6.5 


Predict the shift in equilibrium position that will occur for each of the follow- 
ing processes when the volume is reduced. 


a. The preparation of liquid phosphorus trichloride: 
P,(s) + 6Clo(g) == 4PC1,()) 
b. The preparation of gaseous phosphorus pentachloride: 


PCl3(g) + Cl(g) == PCl;(g) 





c. The reaction of phosphorus trichloride with ammonia: 
PCl3(g) + 3NH3(g) == P(NH2)3(g) + 3HCI(g) 
Solution 


a. Since P, and PCI; are a pure solid and a pure liquid, respectively, we need 
to consider only the effect of the decrease in volume on Cl. The position 
of the equilibrium will shift to the right, since the reactant side contains six 
gaseous molecules and the product side has none. 


b. Decreasing the volume will shift the given reaction to the right, since the 


product side contains only one gaseous molecule and the reactant side 
has two. 


c. Both sides of the balanced reaction equation have four gaseous molecules. 


A change in volume will have no effect on the equilibrium position. There is 
no shift in this case. 


The Effect of a Change in Temperature 


It is important to recognize that although the changes we have just discussed 
may alter the equilibrium position, they do not alter the equilibrium constant 
(assuming ideal behavior). For example, the addition of a reactant shifts the 
equilibrium position to the right but has no effect on the value of the equilib- 


Table 6.3 


Observed Value of K for the Ammonia 
Synthesis Reaction as a Function 
of Temperature” 








Temperature (K) K 
500 90 
600 3 
700 0.3 
800 0.04 





“For this exothermic reaction, the value 
of K decreases as the temperature 
increases, as predicted by Le Chatelier’s 
principle. 


Shifting the N2O.(g) —~ 2NO.(g) 
equilibrium by changing the tempera- 
ture. (a) At 100°C the flask is definitely 


reddish brown due to a large amount of 
NOs present. (fb) At O°C the equilibrium 


is shifted toward colorless NoO.(g). 





Photographs © Cengage Learning. All rights reserved 
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rium constant; the new equilibrium concentrations satisfy the original equilib- 
rium constant. 

The effect of temperature on equilibrium is different, however, because the 
value of K changes with temperature. We can use Le Chatelier’s principle to 
predict the direction of the change. 

The synthesis of ammonia from nitrogen and hydrogen releases energy (is 
exothermic). We can represent this situation by treating energy as a product: 





N2(g) + 3H2(g) == 2NH;(g) + energy 


If energy in the form of heat is added to this system at equilibrium, Le Chate- 
lier’s principle predicts that the shift will be in the direction that consumes 
energy, in this case to the left. Note that this shift decreases the concentration 
of NH; and increases the concentrations of Ny and H), thus decreasing the 
value of K. The experimentally observed change in K with temperature for this 
reaction is indicated in Table 6.3. The value of K decreases with increased 
temperature, as predicted. 

On the other hand, for a reaction that consumes energy (an endothermic 
reaction), such as the decomposition of calcium carbonate, 


Energy + CaCO 3(s) == CaO(s) + CO2(g) 


an increase in temperature will cause the equilibrium to shift to the right and 
the value of K to increase. 

In summary, to use Le Chatelier’s principle to describe the effect of a tem- 
perature change on a system at equilibrium, treat energy as a reactant (in an 
endothermic process) or as a product (in an exothermic process), and predict 
the direction of the shift as if an actual reactant or product is added or re- 
moved. Although Le Chatelier’s principle cannot predict the size of the change 
in K, it can correctly predict the direction of the change. 
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Table 6.4 


Shifts in the Equilibrium Position for the Reaction 
N2O,(9) == 2NO,(g) 











Change Shift 
Addition of N,O4(g) Right 
Addition of NO2(g) Left 
Removal of N,O4(g) Left 
Removal of NO2(g) Right 
Addition of He(g) None 
Decrease in container volume Left 
Increase in container volume Right 
Increase in temperature Right 
Decrease in temperature Left 





We have seen how Le Chitelier’s principle can be used to predict the effect 
of several types of changes on a system at equilibrium. As a summary of these 
ideas, Table 6.4 shows how various changes affect the equilibrium position of 
the endothermic reaction 


N2O,4(g) == 2NO2(g) 





Equilibria Involving Real Gases 


Up to this point in our discussion of the equilibrium phenomenon, we have 
assumed ideal behavior for all substances. In fact, the value of K calculated 
from the law of mass action is the true value of the equilibrium constant for a 
given reaction system only if the observed pressures (concentrations) are cor- 
rected for any nonideal behavior. 

To gain some appreciation for the effect of nonideal behavior on the cal- 
culation of equilibrium constants, consider the data in Table 6.5, which show 
the values of K, (at 723 K) for the reaction 


No(g) + 3Ha(g) 








2NH3(g) 


calculated from the (uncorrected) observed equilibrium pressures (P°s) at vari- 
ous total pressures. Note that K,°°’, defined as 


(Pru)? 
ae) (a) 3 


increases significantly with total pressure. This result makes sense in view of 
the fact that, as we discussed in Section 5.10, P°’s < Pi! for a real gas at pres- 
sures above 1 atm. Recall that the discrepancy between P°"s and P42! increases 
with increasing pressure. Thus, for this case, we expect K,°s to increase with 
increasing total pressure because the excess of powers in the denominator mag- 
nifies the error in pressures there as compared with the numerator. 

One common method for finding the limiting value (the “true” value) of 
K, is to measure K, at various values of total pressure (constant temperature) 
and then to extrapolate the results to zero pressure. Another way to obtain the 





obs _ 
Nee = 


Table 6.5 


Values of K,°° at 723 K for the 
Reaction No(g) + SH2(g) == 2NH,(g) 
as a Function of Total Pressure 

(at equilibrium) 





Total Pressure 
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true value of K, is to correct the observed equilibrium pressures for any non- 
ideal behavior. For example, we might represent the activity of the ith gaseous 
component as 


a y;P°Ps 
: eg 


ref 


where y; is called the activity coefficient for correcting P;°>’ to the ideal value. 





GOED Nae Kyo Obtaining the values of the activity coefficients is a complex process, which 
10 4.4 X 10-5 will not be treated here. 
50 461075 In general, for equilibrium pressures of 1 atm or less, the value of K, cal- 
100 S210 culated from the observed equilibrium pressures is expected to be within about 
300 yo Oe 1% of the true value. However, at high pressures the deviations can be quite 
600 a> severe, as illustrated by the data in Table 6.5. 
1000 brest AG CS 
Key Terms For Review 
chemical equilibrium WL ang (82 (EUIET 
Section 6.1 Sign in at www.cengage.com/ow! to: 


law of mass action 
equilibrium expression 
equilibrium constant 
equilibrium position 
Section 6.4 

activity 

Section 6.5 
homogeneous equilibria 
heterogeneous equilibria 
Section 6.6 

reaction quotient, O 
Section 6.8 
LeChatelier’s principle 





e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 


Chemical equilibrium 

= When a reaction takes place in a closed system, it reaches a condition 
where the concentrations of the reactants and products remain con- 
stant over time 

s Dynamic state: reactants and products are interconverted continually 
a Forward rate = reverse rate 

a The law of mass action: for the reaction 


jA+ kB ——= mC + nD 
[Cy"[D}" 
[A][B} 


s A pure liquid or solid is never included in the equilibrium expression 
= Fora gas-phase reaction the reactants and products can be described in 
terms of their partial pressures and the equilibrium constant called K,: 


K, = K(RT)™" 


K= = equilibrium constant 


where Az is the sum of the coefficients of the gaseous products minus 
the sum of the coefficients of the gaseous reactants. 


Activity 

a An equilibrium constant expression involves the ratio of the equilib- 
rium concentration (pressure) to a reference concentration (pressure) 
for that substance 
s Equilibrium constants are therefore unitless 
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Equilibrium position 
= A set of reactant and product concentrations that satisfies the equilib- 
rium constant expression 
= There is one value of K for a given system at a given temperature 
= There are an infinite number of equilibrium positions at a given tem- 
perature depending on the initial concentrations 
= A small value of K means the equilibrium lies to the left; a large value 
of K means the equilibrium lies to the right. 
a The magnitude of K has no relationship to the speed at which equi- 
librium is achieved 
= Q, the reaction quotient, applies the law of mass action to initial con- 
centrations rather than equilibrium concentrations 
a If O>K, the system will shift to the left to achieve equilibrium. 
a If O <K, the system will shift to the right to achieve equilibrium. 
u Finding the concentrations that characterize a given equilibrium 
position: 
a Start with the given initial concentrations (pressures) 
m Define the change needed to reach equilibrium 
s Apply the change to the initial concentrations (pressures) and solve 
for the equilibrium concentrations (pressures) 


LeChatelier’s principle 

a Enables qualitative prediction of the effects of changes in concentra- 
tion, pressure, and temperature on a system at equilibrium 

u If a change in conditions is imposed on a system at equilibrium, the 
system will shift in a direction that compensates for the imposed change 





Discussion Questions 





These questions are designed to be considered by groups of 2. The boxes shown below represent a set of initial condi- 
students in class. Often these questions work well for intro- tions for the reaction: 


ducing a particular topic in class. 2 2 
aD + ar +@ 
1. Consider an equilibrium mixture of four chemicals (A, B, 
C, and D, all gases) reacting in a closed flask according to ceo 
the equation 


A+B —C+D 


a. You add more A to the flask. How does the concen- 
tration of each chemical compare with its original 
concentration after equilibrium is reestablished? 
Justify your answer. 

b. You have the original setup at equilibrium, and add 
more D to the flask. How does the concentration 
of each chemical compare with its original concentra- 
tion after equilibrium is reestablished? Justify your Draw a quantitative molecular picture that shows what 
answer. this system looks like after the reactants are mixed in one 

of the boxes and the system reaches equilibrium. Support 
your answer with calculations. 





3. For the reaction H2(g) + I,(g) == 2HI(g), consider two 
possibilities using the same-sized, rigid container: (a) you 
add 0.5 mole of each reactant, allow the system to come 


to equilibrium, then add another mole of H), and allow 
the system to reach equilibrium again, or (b) you add 
1.5 moles of H and 0.5 mole of I, and allow the system 
to come to equilibrium. Will the final equilibrium mixture 
be different for the two procedures? Explain. 


4. Given the reaction A(g) + B(g) = = C(g) + D(g), con- 
sider the following situations: 
i. You have 1.3 M A and 0.8 M B initially. 
li. You have 1.3 M A, 0.8 MB, and 0.2 M C initially. 
iii. You have 2.0 M A and 0.8 M B initially. 


After equilibrium has been reached, order i-iii in terms of 
increasing equilibrium concentrations of D. Explain your 
sequence. Then give the order in terms of increasing equi- 
librium concentration of B and explain. 


5. Consider the reaction A(g) + 2B(g) == C(g) + D(g) in 
a 1.0-L rigid flask. Answer the following questions for 
each situation (a—d): 

i. Estimate a range (as small as possible) for the 
requested substance. For example, [A] could be 
between 95 M and 100 M. 

ii. Explain how you decided on the limits for the esti- 
mated range. 

iii. Indicate what other information would enable you to 
narrow your estimated range. 

iv. Compare the estimated concentrations for a through 
d, and explain any differences. 


a. If at equilibrium [A] = 1 M, and then 1 mole of C is 
added, estimate the value for [A] once equilibrium is 
reestablished. 

b. If at equilibrium [B] = 1 M, and then 1 mole of C is 
added, estimate the value for [B] once equilibrium is 
reestablished. 

c. If at equilibrium [C] = 1 M, and then 1 mole of C is 
added, estimate the value for [C] once equilibrium is 
reestablished. 

d. If at equilibrium [D] = 1 M, and then 1 mole of C is 
added, estimate the value for [D] once equilibrium is 
reestablished. 
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. Consider the reaction A(g) + B(g) == C(g) + Dig). A 


friend asks the following: “I know we have been told that 
if a mixture of A, B, C, and D is at equilibrium and more 
of A is added, more C and D will form. But how can more 
C and D form if we do not add more B?” What do you tell 
your friend? 


. Consider the following statements: “Consider the reac- 


tion A(g) + B(g) == C(g), at equilibrium in a 1-L con- 
tainer, with [A] = 2 M, [B] = 1 M, and [C] = 4 M. To this 
1-L container you add 3 moles of B. A possible new equi- 
librium condition is [A] = 1 M, [B] = 3 M, and [C] = 6M 
because in both cases K = 2.” Indicate everything you 
think is correct in these statements and everything that is 
incorrect. Correct the incorrect statements, and explain. 


. Le Chatelier’s principle is stated (Section 6.8) as “If a gas- 


eous reactant or product is added to a system at equilib- 
rium, the system will shift away from the added compo- 
nent.” The system N>(g) + 3H2(g) == 2NH3(g) is used 
as an example in which the addition of nitrogen gas at 
equilibrium results in a decrease in H2 concentration and 
an increase in NH; concentration as equilibrium is rees- 
tablished. In this experiment the volume is assumed to be 
constant. On the other hand, if N> is added to the reaction 
system in a container with a piston so that the pressure 
can be held constant, the concentration of NH; could ac- 
tually decrease and the concentration of H; would in- 
crease as equilibrium is reestablished. Explain how this is 
possible. Also, if you consider this same system at equilib- 
rium, the addition of an inert gas, at constant pressure, 
does affect the equilibrium position. How is the equilib- 
rium position affected? Explain. 


. The value of the equilibrium constant K depends on which 


of the following (there may be more than one answer)? 
a. the initial concentrations of the reactants 

b. the initial concentrations of the products 

c. the temperature of the system 

d. the nature of the reactants and products 


Explain. 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Characteristics of Chemical Equilibrium 


10. Consider an initial mixture of Ny and H) gases that can be 
represented as follows. 





on go 








The gases react to form ammonia gas (NH3) as repre- 
sented by the following concentration profile. 


Concentration 





a. Label each plot on the graph as N>, H2, or NH; and 
explain your answers. 

b. Explain the relative shapes of the plots. 

c. When is equilibrium reached? How do you know? 
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11. Consider the following reactions at some temperature: 
2NOCI(g) === 2NO(g) + Chg) K = 1.6 X 10-5 
2NO(g) == Nolg) + Or(g) K =1X 103! 


For each reaction some quantities of the reactants were 
placed in separate containers and allowed to come to 
equilibrium. Describe the relative amounts of reactants 
and products that are present at equilibrium. At equilib- 
rium, which is faster, the forward or reverse reaction in 
each case? 


12. Consider the following reaction: 
H,O(g) + CO(g) == Hyg) + CO2/g) 


Amounts of H,O, CO, H:, and CO, are put into a flask so 
that the composition corresponds to an equilibrium posi- 
tion. If the CO placed in the flask is labeled with radioac- 
tive 4C, will '4C be found only in CO molecules for an 
indefinite period of time? Why or why not? 


13. Consider the same reaction as in Exercise 12. In a particu- 
lar experiment 1.0 mole of H,O(g) and 1.0 mole of CO(g) 
are put into a flask and heated to 350°C. In another ex- 
periment 1.0 mole of H2(g) and 1.0 mole of CO;(g) are 
put into a different flask with the same volume as the first. 
This mixture is also heated to 350°C. After equilibrium is 
reached, will there be any difference in the composition of 
the mixtures in the two flasks? 


14. Consider the following reaction at some temperature: 


H,O(g) + CO(g) == Hol(g) + COxlg) KK = 2.0 


Some molecules of H,O and CO are placed in a 1.0-L 
container as shown below. 














When equilibrium is reached, how many molecules of 
H,0, CO, H), and CO, are present? Do this problem by 
trial and error—that is, if two molecules of CO react, is 
this equilibrium; if three molecules of CO react, is this 
equilibrium; and so on. 


15. Consider the following generic reaction: 
2A,B(g) == 2A2(g) + Ba(g) 


Some molecules of A3B are placed in a 1.0-L container. As 
time passes, several snapshots of the reaction mixture are 
taken as illustrated below. 





























Which illustration is the first to represent an equilibrium 
mixture? Explain. How many molecules of A,B were ini- 
tially placed in the container? 


The Equilibrium Constant 


16. 


Ve 
43, 


20. 
20 


22. 


24. 


There is only one value of the equilibrium constant for a 
particular system at a particular temperature, but there 
are an infinite number of equilibrium positions. Explain. 
Explain the difference between K, K,, and Q. 

What are homogeneous equilibria? Heterogeneous equi- 
libria? What is the difference in writing K expressions for 
homogeneous versus heterogeneous reactions? Summarize 
which species are included in K expressions and which 
species are not included. 


. Write expressions for K and K, for the following reactions. 


a. 2NH;3(g) + CO2(g) == N2CH4O(s) + H20(g) 
b. 2NBr3(s) —— N,(g) + 3Bri(g) 

CZ KG@l@O7 (3) —— A NCI (si © (2) 

d. CuO(s) + H2(g) = — Cu(/) + H,O(g) 


For which reactions in Exercise 19 is K, equal to K? 


Ata particular temperature, a 3.0-L flask contains 2.4 moles 
of Cl, 1.0 mole of NOCI, and 4.5 xX 107-* mole of NO. 
Calculate K at this temperature for the following reaction. 


2NOCIig) == 2NO(g) + Ch(g) 
At 1100 K, K, = 0.25 for the reaction 
2SO2(g) + O2(g) —= 2S03(g) 


What is the value of K at this temperature? 


. At 327°C, the equilibrium concentrations are [CH3;0H] = 


0.15 M, [CO] = 0.24 M, and [H,] = 1.1 M for the 
reaction 


Calculate K, at this temperature. 


For the reaction 


H;(g) + Bro(g) == 2HBr(g) 


K, = 3.5 X 10* at 1495 K. What is the value of K, for the 
following reactions at 1495 K? 


a. HBr(g) == 3H)(g) + 4Bro(g) 
b. 2HBr(g) == H)(g) + Bra(g) 
C. 5H3(g) ~ +Bro(g) = Jellsye() 


. Ata particular temperature, a 2.00-L flask at equilibrium 


contains 2.80 X 107~* mole of N>, 2.50 X 1075 mole of 
O,, and 2.00 X 10-7 mole of N,O. Calculate K at this 
temperature for the reaction 


2N2(g) + O2(g) == 2N20(g) 


If [No] = 2.00 x 10-4 M, [N,O] = 0.200 M, and [0,] = 
0.00245 M, does this represent a system at equilibrium? 


26. 


The following equilibrium pressures were observed at a 
certain temperature for the reaction 


Nog) 3 Ha(g)' =" 2NHi (2) 
Pyn, = 3.1 X 107? atm 
Py, = 8.5 X 107! atm 
Py.= 3.1.x 107% atm 


Calculate the value for the equilibrium constant K, at this 
temperature. If Py, = 0.525 atm, Pry, = 0.0167 atm, 
and Py, = 0.00761 atm, does this represent a system at 
equilibrium? 


’. For the reaction 


2H,O(g) == 2H2(g) + O2(g) 


K = 2.4 X 1073 at a given temperature. At equilibrium 
in a 2.0-L container, it is found that [H,O(g)] = 1.1 x 
107! M and [H,(g)] = 1.9 xX 10°? M. Calculate the moles 
of O(g) present under these conditions. 


28. The reaction 


2NO(g) + Bro(g) === 2NOBr(g) 


as K, = 109 at 25°C. If the equilibrium partial pressure of 
Br2 is 0.0159 atm and the equilibrium partial pressure of 
NOBr is 0.0768 atm, calculate the partial pressure of NO 
at equilibrium. 


29. In a study of the reaction 


Se 


BP 


3Fe(s) + 4HiO(g) == Fe304(s) + 4H2(g) 


at 1200 K, it was observed that when the equilibrium par- 
tial pressure of water vapor is 15.0 torr, the total pressure 
at equilibrium is 36.3 torr. Calculate K, for this reaction 
at 1200 K. 


. Nitrogen gas (N2) reacts with hydrogen gas (H2) to form 


ammonia (NH;). At 200°C in a closed container, 1.00 atm 
of nitrogen gas is mixed with 2.00 atm of hydrogen gas. 
At equilibrium, the total pressure is 2.00 atm. Calculate 
the partial pressure of hydrogen gas at equilibrium, and 
calculate the value of K, for this reaction. 

A sample of gaseous PCI; was introduced into an evacu- 
ated flask so that the pressure of pure PCl; would be 
0.50 atm at 523 K. However, PCl; decomposes to gaseous 
PCI; and Cl, and the actual pressure in the flask was 
found to be 0.84 atm. Calculate K, for the decomposition 
reaction 


PCI;(g) == PCL (g) + Chig) 


at 523 K. Also calculate K at this temperature. 


A sample of Ss(g) is placed in an otherwise empty, rigid 
container at 1325 K at an initial pressure of 1.00 atm, 
where it decomposes to S3(g) by the reaction 


Ss(g) == 482g) 


At equilibrium, the partial pressure of Sg 1s 0.25 atm. Cal- 
culate K, for this reaction at 1325 K. 


34. 
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. Ata particular temperature, 12.0 moles of SO; is placed 


into a 3.0-L rigid container, and the SO; dissociates by the 
reaction 


2SO03(g) == 280 (g) + O2(g) 
At equilibrium, 3.0 moles of SO, is present. Calculate K 
for this reaction. 


At a particular temperature, 8.0 moles of NO, is placed 
into a 1.0-L container and the NO, dissociates by the 
reaction 


2NO3(g) == 2NO(g) + O2(g) 


At equilibrium the concentration of NO(g) is 2.0 M. Cal- 
culate K for this reaction. 


Equilibrium Calculations 


a0. 


56: 


aI ke 


38. 


The equilibrium constant is 0.0900 at 25°C for the 
reaction 


H,O0(g) + ClLO(g) == 2HOC\|(g) 


For which of the following sets of conditions is the system 
at equilibrium? For those which are not at equilibrium, in 
which direction will the system shift? 
a. A 1.0-L flask contains 1.0 mole of HOCI, 0.10 mole 
of Cl,O, and 0.10 mole of H,O. 
b. A 2.0-L flask contains 0.084 mole of HOCI, 
0.080 mole of Cl,O, and 0.98 mole of H,O. 
c. A 3.0-L flask contains 0.25 mole of HOCI, 
0.0010 mole of Cl,O, and 0.56 mole of H,O. 


The equilibrium constant is 0.0900 at 25°C for the 
reaction 


HO(g) + ChO(g) == 2HOCI(g) 


For which of the following sets of conditions is the system 
at equilibrium? For those which are not at equilibrium, in 
which direction will the system shift? 

a. Pio = 1.00 atm, Pa,o = 1.00 atm, Proci = 1.00 atm 
b. Puro = 200. torr, Poo = 49.8 torr, Pyoo = 21.0 torr 
Claas 27 6.10 Eco = 1). 0torr, Proc. 20) Untorr 


At 900.°C, K, = 1.04 for the reaction 
CaCO 3(s) == CaO(s) + CO2(g) 


At a low temperature dry ice (solid CO3), calcium oxide, 
and calcium carbonate are introduced into a 50.0-L reac- 
tion chamber. The temperature is raised to 900.°C. For 
the following mixtures, will the initial amount of calcium 
oxide increase, decrease, or remain the same as the system 
moves toward equilibrium? 

a. 655 g of CaCO, 95.0 g of CaO, 58.4 g of CO, 

b. 780 g of CaCO3, 1.00 g of CaO, 23.76 g of CO, 

c. 0.14 g of CaCO3, 5000 g of CaO, 23.76 g of CO, 

d. 715 g of CaCO, 813 g of CaO, 4.82 g of CO, 


At a particular temperature, K = 3.75 for the reaction 
SO2(g) + NO2(g) == SO3(g) + NO(g) 


If all four gases had initial concentrations of 0.800 M, 
calculate the equilibrium concentrations of the gases. 
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At 25°C, K = 0.090 for the reaction 
H,O(g) + ClO(g) == 2HOCI(g) 


Calculate the concentrations of all species at equilibrium 

for each of the following cases. 

a. 1.0 g of HO and 2.0 g of Cl,O are mixed in a 1.0-L 
flask. 

b. 1.0 mole of pure HOCI is placed in a 2.0-L flask. 


For the reaction below at a certain temperature, it is found 
that the equilibrium concentrations in a 5.00-L rigid 
container are [H)] = 0.0500 M, [F,] = 0.0100 M, and 
[HF] = 0.400 M. 


H2(g) + Fig) =— 2HF(g) 


If 0.200 mole of F, is added to this equilibrium mixture, 
calculate the concentrations of all gases once equilibrium 
is reestablished. 


At 1100 K, K, = 0.25 for the following reaction: 
2S02(g) + Or(g) == 2S03(g) 


Calculate the equilibrium partial pressures of SO2, Oo, 
and SO; produced from an initial mixture in which Pso, = 
Po, = 0.50 atm and Pso, = 0. 


At 2200°C, K = 0.050 for the reaction 
No(g) + O2x(g) == 2NO(g) 


What is the partial pressure of NO at equilibrium assum- 
ing the N) and QO) had initial pressures of 0.80 atm and 
0.20 atm, respectively? 


A type of reaction we will study is that having a very small 
K value (K << 1). Solving for equilibrium concentrations 
in an equilibrium problem usually requires many mathe- 
matical operations to be performed. However, the math 
involved in solving equilibrium problems for reactions hav- 
ing small K values (K << 1) is simplified. What assumption 
is made when solving equilibrium concentrations for reac- 
tions having small K values? Whenever assumptions are 
made, they must be checked for validity. In general, the 
“5% rule” is used to check the validity of assuming that x 
(or 2x, 3x, and so on) is very small compared to some num- 
ber. When x (or 2x, 3x, and so on) is less than 5% of the 
number the assumption was made against, then the as- 
sumption is said to be valid. If the 5% rule fails, what do 
you do to solve for the equilibrium concentrations? 


At 35°C, K = 1.6 X 10~5 for the reaction 
2NOCI(g) == 2NO(g) + Cli(g) 


Calculate the concentrations of all species at equilibrium 

for each of the following original mixtures. 

. 2.0 moles of pure NOCI in a 2.0-L flask 

. 2.0 moles of NO and 1.0 mole of Cl, in a 1.0-L flask 

. 1.0 mole of NOCI and 1.0 mole of NO in a 1.0-L flask 

. 3.0 moles of NO and 1.0 mole of Cl, in a 1.0-L flask 

. 2.0 moles of NOCI, 2.0 moles of NO, and 1.0 mole 
of Cl, in a 1.0-L flask 

f. 1.00 mol/L concentration of all three gases 


eo ae & © 


At a particular temperature, K = 2.0 X 10~® for the 
reaction 


2CO (zg) == 2CO(g) + O2(g) 


46. 


48. 


49. 


50. 


If 2.0 moles of CO; is initially placed into a 5.0-L vessel, 
calculate the equilibrium concentrations of all species. 


At a particular temperature, K, = 0.25 for the reaction 
N2O4(g) == 2NO2(g) 


a. A flask containing only NO, at an initial pressure of 
4.5 atm is allowed to reach equilibrium. Calculate the 
equilibrium partial pressures of the gases. 

b. A flask containing only NO) at an initial pressure of 
9.0 atm is allowed to reach equilibrium. Calculate the 
equilibrium partial pressures of the gases. 

c. From your answers to parts a and b, does it matter 
from which direction an equilibrium position is 
reached? 

d. The volume of the container in part a is decreased to 
one-half the original volume. Calculate the new equi- 
librium partial pressures. 


. For the reaction below, K, = 1.16 at 800.°C. 


CaCO3(s) —— CaO(s) + CO;(g) 


If a 20.0-g sample of CaCO; is put into a 10.0-L container 
and heated to 800.°C, what percentage by mass of the 
CaCO; will react to reach equilibrium? 


At 25°C, K, = 2.9 X 10-3 for the reaction 
NH,OCONH)(s) == 2NH;(g) + CO2(g) 


In an experiment carried out at 25°C, a certain amount of 
NH,OCONH,j is placed in an evacuated rigid container 
and allowed to come to equilibrium. Calculate the total 
pressure in the container at equilibrium. 


Lexan is a plastic used to make compact discs, eyeglass 
lenses, and bullet-proof glass. One of the compounds used 
to make Lexan is phosgene (COCI,), a poisonous gas. 
Phosgene is produced by the reaction 


CO(g) + Ch(g) == _COCI,(g) 


for which K = 4.5 X 10? at 100.°C. 

a. Calculate K, at 100.°C. 

b. Equal moles of CO and Cl) are reacted at 100.°C. If 
the total pressure at equilibrium is 5.0 atm, calculate 
the equilibrium partial pressures of all the gases. 


At a certain temperature, K = 1.1 X 10° for the reaction 
Fe?+(aq) + SCN~(aq) == FeSCN?*(aq) 


Calculate the concentrations of Fe**, SCN~, and FeSCN2+ 
at equilibrium if 0.020 mole of Fe(NO3)3 is added to 1.0 L 
of 0.10 M KSCN. (Neglect any volume change.) 


Le Chatelier’s Principle 


ol 


Which of the following statements is(are) true? Correct 

the false statement(s). 

a. When a reactant is added to a system at equilibrium 
at a given temperature, the reaction will shift right to 
reestablish equilibrium. 

b. When a product is added to a system at equilibrium at 
a given temperature, the value of K for the reaction 
will increase when equilibrium is reestablished. 
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c. When temperature is increased for a reaction at equi- 
librium, the value of K for the reaction will increase. 

d. Addition of a catalyst (a substance that increases the 
speed of the reaction) has no effect on the equilibrium 
position. 


How will the equilibrium position of a gas-phase reaction 
be affected if the volume of the reaction vessel changes? Are 
there reactions that will not have their equilibria shifted by 
a change in volume? Explain. Why does changing the pres- 
sure in a rigid container by adding an inert gas not shift the 
equilibrium position for a gas-phase reaction? 

Suppose the reaction system 

UO;(s) + 4HF(g) == UF4(g) + 2H2O(g) 


has already reached equilibrium. Predict the effect that 

each of the following changes will have on the equilibrium 

position. Tell whether the equilibrium will shift to the 

right, will shift to the left, or will not be affected. 

a. More UO,(s) is added to the system. 

b. The reaction is performed in a glass reaction vessel; 
HF(g) attacks and reacts with glass. 

c. Water vapor is removed. 


Consider the reaction 
Fe?* (aq) + SCN7(aq) == FeSCN?* (aq) 


How will the equilibrium position shift if 

a. water is added, doubling the volume? 

b. AgNO3(aq) is added? (AgSCN is insoluble.) 
c. NaOH (aq) is added? [Fe(OH); is insoluble.] 
d. Fe(NO3)3(aq) is added? 


. Chromium(VI) forms two different oxyanions, the orange 


dichromate ion (Cr,O;*~), and the yellow chromate ion 
(CrO,?-). (See the photos below.) The equilibrium reac- 
tion between the two ions is 


Cr,O7?-(aq) + H,O(!) —— 2CrO,? (aq) + 2H* (aq) 


Explain why orange dichromate solutions turn yellow 
when sodium hydroxide is added. 





56. What will happen to the number of moles of SOs in equi- 


librium with SO, and QO; in the reaction 
2S03(g) == 2SO2(g) + O2(g) 


in each of the following cases? 
a. Oxygen gas is added. 
b. The pressure is increased by decreasing the volume of 


the reaction container. 


Si, 
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c. Ina rigid reaction container, the pressure is increased 
by adding argon gas. 

d. The temperature is decreased (the reaction is 
endothermic). 

e. Gaseous sulfur dioxide is removed. 


An important reaction in the commercial production of 
hydrogen is 


CO(g) + H,O(g) == Hha(g) + COz(g) 


How will this system at equilibrium shift in each of the 

five following cases? 

a. Gaseous carbon dioxide is removed. 

b. Water vapor is added. 

c. Ina rigid reaction container, the pressure is increased 
by adding helium gas. 

d. The temperature is increased (the reaction is 
exothermic). 

e. The pressure is increased by decreasing the volume of 
the reaction container. 


Hydrogen for use in ammonia production is produced by 
the reaction 


Ni catalyst 
Sees 


CH,(g) + H2O0(g) CO(g) + 3H2(g) 


What will happen to a reaction mixture at equilibrium if 

a. H,O(g) is removed? 

b. the temperature is increased (the reaction is 
endothermic)? 

c. an inert gas is added to a rigid reaction container? 

d. CO(g) is removed? 

e. the volume of the container is tripled? 


. In which direction will the position of the equilibrium 


2HI(g) == H,(g) + hig) 


be shifted for each of the following changes? 

. H)(g) is added. 

. L(g) is removed. 

. HI(g) is removed. 

. Ina rigid reaction container, some Ar(g) is added. 

. The volume of the container is doubled. 

. The temperature is decreased (the reaction is 
exothermic). 


Be O) 2210 [Se 


Predict the shift in the equilibrium position that will occur 
for each of the following reactions when the volume of the 
reaction container is increased. 

= Ng(g)e SEG (2) = 2 NE e) 

. PCls(g) === PChy(g) + Chig) 

» Hy(g) F2(¢) === ZH (2) 

. COCh(g) == CO(g) + Chig) 

e. CaCO 3(s) —— CaO(s) + CO,(g) 


Old-fashioned “smelling salts” consist of ammonium car- 
bonate [(NH4),CO3]. The reaction for the decomposition 
of ammonium carbonate 


(NH4)2CO3(s) == 2NH3(g) + CO2(g) + H,O(g) 


(a 
— 


aa o 2 


is endothermic. Would the smell of ammonia increase or 
decrease as the temperature is increased? 
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Ammonia is produced by the Haber process, in which nitro- 
gen and hydrogen are reacted directly using an iron mesh 
impregnated with oxides as a catalyst. For the reaction 


N2(g) + 3H2(g) == 2NH3(g) 


Additional Exercises 


equilibrium constants as a function of temperature are 


300°C, 4.34 x 10-3 
500°C, 1.45 x 10-5 
600°C, 2.25 x 10-6 


Is the reaction exothermic or endothermic? Explain. 
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At 25°C, K, ~ 1 X 1073! for the reaction 
N(g) + O2(g) == 2NO(g) 


a. Calculate the concentration of NO (in molecules/cm?) 
that can exist in equilibrium in air at 25°C. In air 
Py, = 0.8 atm and Po, = 0.2 atm. 

b. Typical concentrations of NO in relatively pristine 
environments range from 10° molecules/cm? to 
10!° molecules/em?. Why is there a discrepancy 
between these values and your answer to part a? 


Given the following equilibrium constants at 427°C, 


Na,O(s) == 2Na(l) + 50x(g)  K,=2x 10-5 
NaO(g) == Na(I) + 3O2(g) Re= 2 10> 
Na,03(s). == 2Na(/) + Ong) K; =5 x 10°” 
NaO,(s) == Na(I) + On(g) R= 3510 


determine the values for the equilibrium constants for the 
following reactions. 

a. Na,O(s) + $O2(g) = Na20)(s) 

b. NaO(g) + NazO(s) == Na2O»(s) + Na(/) 

c. 2NaO(g) = — Na20O,(s) 

(Hint: When reaction equations are added, the equilib- 
rium expressions are multiplied.) 


Calculate a value for the equilibrium constant for the 
reaction 


On(g) + O(g) == O3(g) 


given that 

ba 
NOo(g) == NO(g) + O(g) K = 6.8 x 10-" 
O3(g) + NO(g) == NO,(g) + Ox(g) —-K = 5.8 X 10-4 


(See the hint in Exercise 64.) 
Given K = 3.50 at 45°C for the reaction 


A(g) + Big) => C(g) 
and K = 7.10 at 45°C for the reaction 
2A(g) + Dig) => C(g) 


what is the value of K at the same temperature for the 
reaction 


C(g) + Dig) => 2B(g) 


What is the value of K, at 45°C for the reaction? Starting 
with 1.50 atm partial pressures of both C and D, what is 
the mole fraction of B once equilibrium is reached? 
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An initial mixture of nitrogen gas and hydrogen gas is 
reacted in a rigid container at a certain temperature as 
follows: 


3H2(g) + No(g) == 2NH3(g) 


At equilibrium, the concentrations are [Hz] = 5.0 M, 
[N.] = 8.0 M, and [NH3] = 4.0 M. What were the con- 
centrations of nitrogen gas and hydrogen gas that were 
reacted initially? 


At 25°C, K, = 5.3 X 10° for the reaction 
No(g) + 3H2(g) —— 2NH3(g) 


When a certain partial pressure of NH;(g) is put into an 
otherwise empty rigid vessel at 25°C, equilibrium is 
reached when 50.0% of the original ammonia has decom- 
posed. What was the original partial pressure of ammonia 
before any decomposition occurred? 


A 2.4156-g sample of PCl; was placed in an empty 
2.000-L flask and allowed to decompose to PC]; and Cl, 
at 250.0" G: 


PCl;(g) == PCl3(g) + Chig) 


At equilibrium the total pressure inside the flask was ob- 

served to be 358.7 torr. 

a. Calculate the partial pressure of each gas at equilib- 
rium and the value of K, at 250.0°C. 

b. What are the new equilibrium pressures if 0.250 mole 
of Cl, gas is added to the flask? 


At 25°C, gaseous SO2Cl, decomposes to $O2(g) and Cl,(g) 
to the extent that 12.5% of the original SO,Cl, (by moles) 
has decomposed to reach equilibrium. The total pressure 
(at equilibrium) is 0.900 atm. Calculate the value of K, for 
this system. 


The partial pressures of an equilibrium mixture of N)O4(g) 
and NO,(g) are Pxy,o, = 0.34 atm and Pxo, = 1.20 atm at 
a certain temperature. The volume of the container is dou- 
bled. Calculate the partial pressures of the two gases when 
a new equilibrium is established. 


For the reaction 
PCl;(g) == PChs(g) + Ch(g) 


at 600. K, the equilibrium constant is 11.5. Suppose that 

2.450 g of PCI; is placed in an evacuated 500.-mL bulb, 

which is then heated to 600. K. 

a. What would the pressure of PCI; be if it did not 
dissociate? 

b. What is the partial pressure of PCI; at equilibrium? 
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c. What is the total pressure in the bulb at equilibrium? 
d. What is the degree of dissociation of PCl; at equilib- 
rium? 


At 125°C, K, = 0.25 for the reaction 
2NaHCO;(s) — NaxCO3(s) “ae CO (g) aie H,0(g) 


A 1.00-L flask containing 10.0 g of NaHCO; is evacuated 

and heated to 125°C. 

a. Calculate the partial pressures of CO) and H;O after 
equilibrium is established. 

b. Calculate the masses of NaHCO; and Na»CO; 
present at equilibrium. 

c. Calculate the minimum container volume necessary 
for all the NaHCO; to decompose. 


The gas arsine (AsH;) decomposes as follows: 
2AsH3(g) == 2As(s) + 3H2(g) 


In an experiment pure AsH;(g) was placed in an empty, 
rigid, sealed flask at a pressure of 392.0 torr. After 48 h 
the pressure in the flask was observed to be constant at 
488.0 torr. 

a. Calculate the equilibrium pressure of H:(g). 

b. Calculate K, for this reaction. 


. For the reaction 


NH3(g) + H2S(g) == NH,HS(s) 


K = 400. at 35.0°C. If 2.00 moles each of NH3, H>S, and 
NH,HS are placed in a 5.00-L vessel, what mass of 
NHGHS will be present at equilibrium? What is the pres- 
sure of HS at equilibrium? 
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The hydrocarbon naphthalene was frequently used in 
mothballs until recently, when it was discovered that hu- 
man inhalation of naphthalene vapors can lead to hemo- 
lytic anemia. Naphthalene is 93.71% carbon by mass, 
and a 0.256-mole sample of naphthalene has a mass of 
32.8 g. What is the molecular formula of naphthalene? 
This compound works as a pesticide in mothballs by sub- 
limation of the solid so that it fumigates enclosed spaces 
with its vapors according to the equation 


Naphthalene(s) ==> naphthalene(g) 
K = 4.29 X 10-6 (at 298 K) 


If 3.00 g of solid naphthalene is placed in an enclosed 
space with a volume of 5.00 L at 25°C, what percentage 
of the naphthalene will have sublimed once equilibrium 
has been established? 


. Consider the decomposition of the compound C;H,.0; as 


follows: 
CsH.O3(g) —> C,H¢(g) + 3CO(g) 


When a 5.63-g sample of pure C;H¢O3(g) was sealed in an 
otherwise empty 2.50-L flask and heated to 200.°C, the 
pressure in the flask gradually rose to 1.63 atm and re- 
mained at that value. Calculate K for this reaction. 





A sample of N,O,(g) is placed in an empty cylinder at 

25°C. After equilibrium is reached, the total pressure is 

1.5 atm, and 16% (by moles) of the original N,O,(g) has 

dissociated to NO2(g). 

a. Calculate the value of K, for this dissociation reaction 
atZs’C. 

b. If the volume of the cylinder is increased until the 
total pressure is 1.0 atm (the temperature of the 
system remains constant), calculate the equilibrium 
pressure of N,O4(g) and NO2(g). 

c. What percentage (by moles) of the original N)O4(g) is 
dissociated at the new equilibrium position (total 
pressure = 1.00 atm)? 

Nitric oxide and bromine at initial partial pressures of 

98.4 torr and 41.3 torr, respectively, were allowed to react 

at 300. K. At equilibrium the total pressure was 110.5 torr. 

The reaction is 


2NO(g) + Bro(g) == 2NOBr(g) 


a. Calculate the value of K,. 

b. What would be the partial pressures of all species if 
NO and Br, both at an initial partial pressure of 
0.30 atm, were allowed to come to equilibrium at this 
temperature? 
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Consider the decomposition equilibrium for dinitrogen 
pentoxide: 


2N205(g) == 4NO2(g) + O2(g) 


At a certain temperature and a total pressure of 1.00 atm, 

the N2Os is 0.50% decomposed (by moles) at equilibrium. 

a. If the volume is increased by a factor of 10.0, will the 
mole percent of N.O; decomposed at equilibrium be 
greater than, less than, or equal to 0.50%? Explain 
your answer. 

b. Calculate the mole percent of NOs that will be 
decomposed at equilibrium if the volume is increased 
by a factor of 10.0. 


Consider the reaction 
Pag) => 2P2(8) 


where K, = 1.00 X 107! at 1325 K. In an experiment 
where P4(g) was placed in a container at 1325 K, the equi- 
librium mixture of P4(g) and P3(g) has a total pressure of 
1.00 atm. Calculate the equilibrium pressures of P4(g) and 
P2(g). Calculate the fraction (by moles) of P4(g) that has 
dissociated to reach equilibrium. 
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Suppose 1.50 atm of CH,(g), 2.50 atm of C)H,(g), and 
15.00 atm of O,(g) are placed in a flask at a given tem- 
perature. The reactions are 


CH,(g) + 202(g) == COx(g) + 2H,O(g) K, = 1.0 x 104 


K, = 1.0 x 108 
Calculate the equilibrium pressures of all gases. 


Consider the reaction 
302(g) == 203(g) 


At 175°C and a pressure of 128 torr, an equilibrium mix- 
ture of O, and O; has a density of 0.168 g/L. Calculate K,, 
for the above reaction at 175°C. 


A mixture of Ny, H) and NH; is at equilibrium according 
to the equation N2(g) + 3H2(g) == 2NH3(g) as de- 
picted below. 


Gd Nn, 


@ NH, 


The volume is suddenly decreased (by increasing the ex- 
ternal pressure), and a new equilibrium is established as 
depicted below. 





a. If the volume of the final equilibrium mixture is 
1.00 L, determine the value of the equilibrium con- 
stant K for the reaction. Assume temperature is 
constant. 

b. Determine the volume of the initial equilibrium 
mixture assuming a final equilibrium volume of 
1.00 L and assuming a constant temperature. 


A 4.72-g sample of methanol (CH;OH) was placed in an 
otherwise empty 1.00-L flask and heated to 250.°C to va- 
porize the methanol. Over time the methanol vapor de- 
composed by the following reaction: 


CH30H(g) == CO(g) + 2H:(g) 
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After the system has reached equilibrium, a tiny hole is 
drilled in the side of the flask allowing gaseous com- 
pounds to effuse out of the flask. Measurements of the 
effusing gas show that it contains 33.0 times as much 
H,(g) as CH;OH(g). Calculate K for this reaction at 
ZONE, 


The compound SbCI;(g) decomposes at high temperatures 
to gaseous antimony trichloride and chlorine gas. When 
89.7 g of SbCl;(g) is placed in a 15.0-L container at 180°C, 
the SbCl;(g) is 29.2% decomposed (by moles) after the 
system has reached equilibrium. 

a. Calculate the value of K for this reaction at 180°C. 

b. Determine the number of moles of chlorine gas that 
must be injected into the flask to make the new equi- 
librium pressure of antimony trichloride half that of 
the original equilibrium pressure of antimony trichlo- 
ride in the original experiment. 


’. At 207°C, K, = 0.267 for the reaction 


PCls(g) == PCl;(g) + Ch(g) 


a. If 0.100 mole of PCl;(g) is placed in an otherwise 
empty 12.0-L vessel at 207°C, calculate the partial 
pressures of PCl;(g), PCl3(g), and Cl(g) at 
equilibrium. 

b. In another experiment the total pressure of an equilib- 
rium mixture is 2.00 atm at 207°C. What mass of 
PCl; was introduced into a 5.00-L vessel to reach this 
equilibrium position? 

A 1.604-g sample of methane (CH4) gas and 6.400 g of 

oxygen gas are sealed in a 2.50-L vessel at 411°C and are 

allowed to reach equilibrium. Methane can react with 
oxygen to form gaseous carbon dioxide and water vapor, 
or methane can react with oxygen to form gaseous carbon 
monoxide and water vapor. At equilibrium the pressure 
of oxygen is 0.326 atm, and the pressure of water vapor is 

4.45 atm. Calculate the pressures of carbon monoxide 

and carbon dioxide present at equilibrium. 


At 1000 K the N2(g) and O2(g) in air (78% N>, 21% Oo, 
by moles) react to form a mixture of NO(g) and NO;(g). 
The values of the equilibrium constants are 1.5 X 1074 
and 1.0 x 10~° for the formation of NO(g) and NO3(g), 
respectively. At what total pressure will the partial pres- 
sures of NO(g) and NO;(g) be equal in an equilibrium 
mixture of N>(g), O2(g), NO(g), and NO3(g)? 


The equilibrium constant K, for the reaction 
CCh(g) == C(s) + 2Ch(g) 


at 700°C is 0.76. Determine the initial pressure of carbon 
tetrachloride that will produce a total equilibrium pres- 
sure of 1.20 atm at 700°C. 


An 8.00-g sample of $O3 was placed in an evacuated con- 
tainer, where it decomposed at 600.°C according to the 
following reaction: 


SO3(g) === SO (g) + 403(g) 


At equilibrium the total pressure and the density of the 
gaseous mixture were 1.80 atm and 1.60 g/L, respectively. 
Calculate K, for this reaction. 
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A sample of iron(II) sulfate was heated in an evacuated con- 
tainer to 920 K, where the following reactions occurred: 


2FeSO4(s) == Fe2O03(s) + SO3(g) + $O2(g) 
SO3(g) == $O2(g) + 402(g) 


After equilibrium was reached, the total pressure was 
0.836 atm, and the partial pressure of oxygen was 0.0275 
atm. Calculate K, for each of the above reactions. 


At 450°C, K, = 6.5 X 1073 for the ammonia synthesis 
reaction. Assume that a reaction vessel with a movable 
piston initially contains 3.0 moles of H2(g) and 1.0 mole 
of N>(g). Make a plot to show how the partial pressure of 
NH;(g) present at equilibrium varies for the total pres- 
sures of 1.0 atm, 10.0 atm, 100. atm, and 1000. atm (as- 
suming that K, remains constant). [Note: Assume these 
total pressures represent the initial total pressure of H2(g) 
plus N2(g), where Pyx, = 0.] 


A sample of gaseous nitrosyl bromide (NOBr) was placed 
in a container fitted with a frictionless, massless piston, 
where it decomposed at 25°C according to the following 
equation: 


2NOBr(g) == 2NO(g) + Bro(g) 


Marathon Problem 





96.* Consider the reaction 


A(g) + B(g) == C(g) 


for which K = 1.30 X 102. Assume that 0.406 mole of 
C(g) is placed in the cylinder represented here. The tem- 
perature is 300.0 K, and the barometric pressure on the 
piston (which is assumed to be massless and frictionless) is 





*From James H. Burness, “The Use of “Marathon” Problems as Effective Ve- 
hicles for the Presentation of General Chemistry Lectures,” Journal of Chemical 
Education, 68(11). Copyright © 1991 American Chemical Society. Reprinted by 
permission. 
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The initial density of the system was recorded as 4.495 g/L. 
After equilibrium was reached, the density was noted to be 
4.086 g/L. 

a. Determine the value of the equilibrium constant K for 
the reaction. 

b. If Ar(g) is added to the system at equilibrium at con- 
stant temperature, what will happen to the equilib- 
rium position? What happens to the value of K? 
Explain each answer. 


A gaseous material XY(g) dissociates to some extent to 
produce X(g) and Y(g): 


DX Sem AS) ce (8) 


A 2.00-g sample of XY (molar mass = 165 g/mol) is 
placed in a container with a movable piston at 25°C. The 
pressure is held constant at 0.967 atm. As XY begins to 
dissociate, the piston moves until 35.0 mole percent of the 
original XY has dissociated and then remains at a con- 
stant position. Assuming ideal behavior, calculate the 
density of the gas in the container after the piston has 
stopped moving, and determine the value of K for this 
reactionvat 25°C. 





constant at 1.00 atm. The original volume [before the 
0.406 mole of C(g) begins to decompose] is 10.00 L. What 
is the volume in the cylinder at equilibrium? 


P = 1.00 atm 


Original volume = 10.00 L 
T = 300.0 K 


0.406 mole of 
pure C(g) (initially) 
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n this chapter we reencounter two very important classes of compounds, 
acids and bases. We will explore their interactions and apply the funda- 
mentals of chemical equilibria discussed in Chapter 6 to systems involving 
proton transfer reactions. 

Acid—base chemistry is important in a wide variety of everyday applica- 
tions. There are complex systems in our bodies that carefully control the acid- 
ity of our blood, and even small deviations may lead to serious illness and 
death. The same sensitivity exists in other life forms. If you have ever owned 
tropical fish or goldfish, you know how important it is to monitor and control 
the acidity of the water in the aquarium. 

Acids and bases are also important industrially. For example, the vast 
quantity of sulfuric acid manufactured in the United States each year is needed 
to produce fertilizers, polymers, steel, and many other materials. 

The influence of acids on living things has assumed special importance in 
the United States, Canada, and Europe in recent years as a result of the phe- 
nomenon of acid rain. This problem is complex, and its diplomatic and eco- 
nomic overtones make it all the more difficult to solve. 





The Nature of Acids and Bases 


Acids were first recognized as a class of substances that taste sour. Vinegar 
tastes sour because it is a dilute solution of acetic acid; citric acid is responsible 
for the sour taste of a lemon. Bases, sometimes called alkalis, are characterized 
by their bitter taste and slippery feel. Commercial preparations for unclogging 
drains are highly basic. 

The first person to recognize the essential nature of acids and bases was 
Svante Arrhenius. Based on his experiments with electrolytes, Arrhenius postu- 
lated that acids produce hydrogen ions in aqueous solution, and bases produce 
hydroxide ions. At the time of its discovery, the Arrhenius concept of acids and 
bases was a major step forward in quantifying acid-base chemistry, but this 
concept is limited because it applies only to aqueous solutions and allows for 
only one kind of base—the hydroxide ion. A more general definition of acids 
and bases was suggested independently by Danish chemist Johannes N. Bron- 
sted (1879-1947) and English chemist Thomas M. Lowry (1874-1936) in 
1923. In terms of the Bronsted—Lowry definition, an acid is a proton (H*) 
donor, and a base is a proton acceptor. For example, when gaseous HC] dis- 
solves in water, each HCI molecule donates a proton to a water molecule, and 
so HCI qualifies as a Bronsted—Lowry acid. The molecule that accepts the 
proton—water in this case—is a Bronsted—Lowry base. 

To understand how water can act as a base, we need to recognize that the 
oxygen of the water molecule has two unshared electron pairs, either of which 
can form a covalent bond with an H* ion. When gaseous HCl dissolves, the 
following reaction occurs: 


laa ce + 
rie + H—Cl —> aay Cle 
| H 


Note that the proton is transferred from the HCl molecule to the water mole- 
cule to form H30*, which is called the hydronium ion. 

The general reaction that occurs when an acid is dissolved in water can 
best be represented as 


HA(aq) + H,O(/) == H30*(aq) + A“(aq) CAN 
Acid Base Conjugate Conjugate 
acid base 
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In this chapter we will always represent 
an acid as simply dissociating. This 
does not mean we are using the Arrhe- 
nius model for acids. Since water does 
not affect the equilibrium position, we 
leave it out of the acid dissociation 
reaction for simplicity. 


Lewis structures, which represent the 
electron arrangements in molecules, 
will be discussed fully in Chapter 13. 


This representation emphasizes the significant role of the polar water molecule 
in pulling the proton from the acid. Note that the conjugate base is everything 
that remains of the acid molecule after a proton is lost. The conjugate acid is 
formed when the proton is transferred to the base. A conjugate acid-base pair 
consists of two substances related to each other by the donating and accepting 
of a single proton. In Equation (7.1) there are two conjugate acid—base pairs: 
HA and A-, and H,O and H;30*. 

It is important to note that Equation (7.1) really represents a competition 
for the proton between the two bases H,O and A~. If HO is a much stronger 
base than A~—that is, if HyO has a much greater affinity for H* than A7 
does—the equilibrium position will be far to the right; most of the acid dis- 
solved will be in the ionized form. Conversely, if A~ is a much stronger base 
than H,O, the equilibrium position will lie far to the left. In this instance most 
of the acid dissolved will be present at equilibrium as HA. 

The equilibrium expression for the reaction given in Equation (7.1) is 


LOU a AC] 
SEP HA] ~ [HA] ee 


where K, is called the acid dissociation constant. Both H30*(aqg) and H*(aq) 
are commonly used to represent the hydrated proton. In this book we will of- 
ten use simply Ht, but you should remember that it is hydrated in aqueous 
solutions. 

In Chapter 6 we saw that pure solids and liquids are always omitted from 
the equilibrium expression because they have unit activities. In a dilute solu- 
tion containing an acid, we can assume that the activity of water is 1. Thus the 
term [H,O] is not included in Equation (7.2), and the equilibrium expression 
for K, has the same form as that for the simple dissociation 


EVA(@q) sia (aq) on ata) 


You should not forget, however, that water plays an important role in causing 
the acid to dissociate, as represented below. 


+ LJ = A + 


Note that K, is the equilibrium constant for the reaction in which a proton 
is removed from HA to form the conjugate base A~. We use K, to represent 
only this type of reaction. With this information you can write the K, expres- 
sion for any acid, even one that is totally unfamiliar to you. 

The Bronsted—Lowry definition is not limited to aqueous solutions; it can 
be extended to reactions in the gas phase. For example, consider the reaction 
between gaseous hydrogen chloride and ammonia that we discussed when we 
studied diffusion (Chapter 5): 


NH3(g) + HCl(g) — = NH,Cl(s) 


In this reaction a proton is donated by the hydrogen chloride to the ammonia, 
as shown by the following Lewis structures: 





i a 
HON fabs — H—N-H ie [ Cl ) 
H H 


Note that this reaction is not considered an acid-base reaction according to the 
Arrhenius concept. 
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Figure 7.1 

Graphical representation of 
the behavior of acids of differ- 
ent strengths in aqueous 
solution. (a) A strong acid. 

(b) A weak acid. 


7.2| Acid Strength 


Before dissociation 


(b) 








The strength of an acid is defined by the equilibrium position of its dissociation 
reaction: 


HA(aq)i + HO (pit 307 (ag) + A“ (aq) 


A strong acid is one for which this equilibrium lies far to the right. This means 
that almost all the original HA is dissociated at equilibrium [Fig. 7.1(a)]. There 
is an important connection between the strength of an acid and that of its con- 
jugate base. A strong acid yields a weak conjugate base—one that has a low 
affinity for a proton. A strong acid can also be described as an acid whose 
conjugate base is a much weaker base than water (Fig. 7.2). In this case the 
water molecules win the competition for the H* ions. 

Conversely, a weak acid is one for which the equilibrium lies far to the left. 
Most of the acid originally placed in the solution is still present as HA at equi- 
librium. That is, a weak acid dissociates only to a very small extent in aqueous 
solution [Fig. 7.1(b)]. In contrast to a strong acid, a weak acid has a conjugate 
base that is a much stronger base than water. In this case a water molecule is 
not very successful in pulling an H* ion from the conjugate base. A weak acid 
yields a relatively strong conjugate base. 

The various ways of describing the strength of an acid are summarized in 
Tabled. 

The common strong acids are sulfuric acid [H2SO4(aq)], hydrochloric acid 
[HCl(aq)], nitric acid [HNO3(aq)|, and perchloric acid [HClO,4(aq)]. Sulfuric 


@ =HA y=Ht @=A 
Relati 
) @ @ Relative cue 
@ 2 acid 
> base 
~ * ] r -) ‘ a ) sree strength 
2 > ere 
° »®@y @o t 
Vi 
After dissociation, a 
weak 


at equilibrium 
HCPA; 





Very 
weak 





Figure 7.2 

The relationship of acid strength and 
conjugate base strength for the reaction 
HA\aq) + H20() == H3O0* (aq) + A (aq) 


Acid Conjugate 
base 
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Perchloric acid can explode if handled 
improperly. 





Acetic acid 
(CH3CO>H) 





SF cisic H 


Benzoic acid 
(CsH;CO>H) 


Table 7.1 
Various Ways to Describe Acid Strength 














Property Strong Acid Weak Acid 
K, value K, is large K, is small 
Position of the dissociation equilibrium Far to the right Far to the left 
Equilibrium concentration of H* com- [H*] ~ [HA] [H*] < [HA]o 


pared with original concentration of HA 


Strength of conjugate base compared with A~ much weaker A™~ much stronger 
that of water base than H,O base than H,O 








acid is actually a diprotic acid, an acid having two acidic protons. The acid 
H,SO, is a strong acid, virtually 100% dissociated in water: 


H,SO,4(aq) ——~ H*(aq) + HSO4 (aq) 
The HSO,7 ion is a weak acid: 
HSO7- 4) ——_ Ht (ag) SO," (aa) 


Most acids are oxyacids, in which the acidic proton is attached to an oxy- 
gen atom. The strong acids mentioned above, except hydrochloric acid, are 
typical examples. Many common weak acids, such as phosphoric acid (H3PO,), 
nitrous acid (HNO,), and hypochlorous acid (HOCI), are also oxyacids. Or- 
ganic acids, those with a carbon atom backbone, commonly contain the car- 
boxyl group: 


Acids of this type are usually weak. Examples are acetic acid (CH;COOH), 
often written HC,H3QO,, and benzoic acid (CgH;COOH). 

There are some important acids in which the acidic proton is attached to 
an atom other than oxygen. The most common of these are the hydrohalic 
acids HX, where X represents a halogen atom. 

Table 7.2 lists common monoprotic acids (those having one acidic proton) 
and their K, values. Note that the strong acids are not listed. When a strong 
acid molecule such as HCl is placed in water, the position of the dissociation 
equilibrium 


FICl(¢q) eae (2g) Cl (ag) 


lies so far to the right that [HCl] cannot be measured accurately. This situation 
prevents an accurate calculation of K,: 


_ (HC 
ate [HCl] 


Very small and highly uncertain 
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Appendix Table A5.1 contains K, 


Table 7.2 
values. 


Values of K, for Some Common Monoprotic Acids 








Formula Name Value of K, 

HSO,~ Hydrogen sulfate ion ee Oise 

HClO, Chlorous acid 120s ie 
HC3H,ClO> Monochloracetic acid LBS S< iO Sp 
HF Hydrofluoric acid TO NO 5 
HNO, Nitrous acid 4.0x10-* |-o 
HC>H;0, Acetic acid 1.8 <anlOme a 
[Al(H2O),]3* Hydrated aluminum(III) ion 1.4 x 10-5 2 
HOC! Hypochlorous acid 3.5 < 103 S 
HCN Hydrocyanic acid 6.2 x 10m ‘- 
NEL Ammonium ion 5.6 X 10710 





HOC,H; Phenol 1.6 X 10719 





OWL INTERACTIVE EXAMPLE 7.1 


Using Table 7.2, arrange the following species according to their strength as 
bases? HO, F-,.Cl>, NO; , and CN = 


Solution Remember that water is a stronger base than the conjugate base of a 
strong acid but a weaker base than the conjugate base of a weak acid. This rule 
leads to the following order: 


Cl” < H,O < conjugate bases of weak acids 


Weakest bases Strongest bases 





We can order the remaining conjugate bases by recognizing that the strength of 
an acid is inversely related to the strength of its conjugate base. From Table 7.2 
we have 


K, for HF > K, for HNO, > K, for HCN 
Thus the base strengths increase as follows: 
Fo = NO} = CNG 
The combined order of increasing base strength is 


Claes H,O NE Ke NO,” <CN-= 





Water as an Acid and a Base 


A substance is said to be amphoteric if it can behave either as an acid or as a 
base. Water is the most common amphoteric substance. We see this behavior in 
the autoionization of water, which involves the transfer of a proton from one 
water molecule to another to produce a hydroxide ion and a hydronium ion: 


pee ; i + x ~ 
ce —= +|:O-H| 
a po AN are 
H lel dal H H H 








In this reaction one water molecule acts as an acid by furnishing a proton, and 
the other acts as a base by accepting the proton. This reaction also can be rep- 
resented as follows: 


e+? =—@:9 
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Sulfuric acid 
(H,SO,) 





Nitric acid 
(HNO) 





Perchloric acid 
(HCIO,) 





Phosphoric acid 
(H3PO,4) 





Nitrous acid 
(HNO) 





Hypochlorous acid 
(HOCI) 








Autoionization can occur in other liquids as well. For example, in liquid 
ammonia the autoionization reaction is 


| ae 
as ZS +| ON 
Hy HUE 


Hy Hie 








The autoionization reaction for water 


2450) ===s HO" (aq) OH (aq) 





leads to the equilibrium expression 
K,, = [H30*][OH-] = [H*][OH-] 


where Ky, called the ion-product constant (or the dissociation constant), al- 
ways refers to the autoionization of water. 
Experiment shows that at 25°C 


[H*] = [OH-] = 1.0 x 10-7 M 





which means that at 25°C 
Ke (HOR: |= (0-107 molE)\(1.0-% 10- mol 
= 1.0 x 10° mol/L? 


The units are customarily omitted, for reasons discussed in Section 6.3. 

It is important to recognize the meaning of K,,. In any aqueous solution at 
25°C, no matter what it contains, the product of [H*] and [OH] must always 
equal 1.0 X 10~'4. There are three possible situations: 


1. A neutral solution, where [H*] = [OH7] 
2. An acidic solution, where [H*] > [OH™] 
3. A basic solution, where [OH~] > [H*] 


In each case, however, at 25°C 


= [H*][OH-] = 1.0 x 10°" 


EXAMPLE 7.2. 
At 60°C the value of K,, is 1 X 1078. 
a. Using Le Chatelier’s principle, predict whether the reaction 
21,0 (1) == HRO* (aq) + OH (aq) 
is exothermic (releases energy) or endothermic (absorbs energy). 
b. Calculate [H*] and [OH 7] in a neutral solution at 60°C. 
Solution 


a. K,, increases from 1 X 107" at 25°C to 1 X 10713 at 60°C. Le ChAtelier’s 
principle states that if a system at equilibrium is heated, it will adjust to 
consume energy. Since the value of K,, increases with temperature, we think 
of energy as a reactant, and so the process must be endothermic. 


b. At 60°C [H*][OH-] = 1 x 10-13 


For a neutral solution 


[H* |= (Obs) =] Vilar 62 10a an 
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7.3 | The pH Scale 


The pH scale is a compact way to 
represent solution acidity. It involves 
base-10 logs, not natural logs (In) 
The definition of pH in terms of [H*] 
neglects any correction for nonideality 


of the solutions 


{H*} pH 














1022 eo ~— | M NaOH 
10:!: 
—<— Ammonia 


(Household 
10:!! cleaner) 


Basic 10:2 


10 10 


10” 

—<— Baking soda 
10° 3 <— Sea water 
— Blood 

—<— Pure water 
= Milk 


Neutral iO 
10° 


by <— Black coffee 


ey <— Vinegar 
~<— Lemon juice 
Acidic —<— Stomach acid 
=<— Battery acid 


=< 1MHCl 


Figure 7.3 
The pH scale and pH values of some 
common substances. 


Photos © Charles D. Winters 


Because [H*] in an aqueous solution is typically quite small, the pH scale pro- 
vides a convenient way to represent solution acidity. The pH is a log scale 
based on 10, where 


pH = —log[H*] 


Thus, for a solution in which 
[H*]= 1.0 X 10-7 M 
then 
pH = —(-—7.00) = 7.00 


At this point we need to discuss significant figures for logarithms. The rule 
is that the number of decimal places in the log is equal to the number of signifi- 
cant figures in the original number. Thus 


-— 2 significant figures 


y 
[Et | = 10x 10 M 
pH = 9.00 


'— 2 decimal places 


Similar log scales are used for representing other quantities. For example, 


pOH = —log[OH7] 
pK = —log K 


Since pH is a log scale based on 10, the pH changes by 1 for every power 
of 10 change in [H*]. For example, a solution of pH 3 has an H* concentration 
10 times that of a solution of pH 4 and 100 times that of a solution of pH 5S. 
Also note that because pH is defined as —log[H*], the pH decreases as [H*] 
increases. The pH scale and the pH values for several common substances are 
shown in Fig. 7.3. 

The pH of a solution is usually measured by using a pH meter, an elec- 
tronic device with a probe that is inserted into a solution of unknown pH. The 
probe contains an acidic aqueous solution enclosed by a special glass mem- 
brane that allows migration of H* ions. If the unknown solution has a differ- 
ent pH from that of the solution in the probe, an electrical potential results, 
which is registered on the meter (Fig. 7.4). 





(a) (b) 


Figure 7.4 
(a) Measuring the pH of vinegar. (6) Measuring the pH of aqueous ammonia. 
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Now that we have considered all the fundamental definitions relevant to 
acid-base solutions, we can proceed to a quantitative description of the equilib- 
ria present in these solutions. The main reason that acid-base problems some- 
times seem difficult is that because a typical aqueous solution contains many 
components, the problems tend to be complicated. However, you can deal with 
these problems successfully if you use the following general strategies. 


General Strategies for Solving Acid-Base Problems 











1. Think chemistry. Focus on the solution components and their reactions. It will 
almost always be possible to choose one reaction that is the most important. 


2. Be systematic. Acid—base problems require a step-by-step approach. 


3. Be flexible. Although all acid-base problems are similar in many ways, important 
differences do occur. Treat each problem as a separate entity. Do not try to force 
a given problem to match any you have solved before. Look for both the similari- 
ties and the differences. 


4. Be patient. The complete solution to a complicated problem cannot be seen im- 
mediately in all its detail. Pick the problem apart into workable steps. 


5. Be confident. Look within the problem for the solution, and let the problem guide 
you. Assume that you can think it out. Do not rely on memorizing solutions to 
problems. In fact, memorizing solutions is usually detrimental because you tend 
to try to force a new problem to be the same as one you have seen before. Under- 
stand and think; don’t just memorize. 





7.4 | 


Always write the major species present 
in the solution. 


The H* from the strong acid drives 
the equilibrium H2O == Ht + OH 
to the left. 


Calculating the pH of Strong Acid Solutions 


When we deal with acid-base equilibria, we must focus on the solution com- 
ponents and their chemistry. For example, what species are present in a 1.0 M 
solution of HCl? Since hydrochloric acid is a strong acid, we assume that it is 
completely dissociated. Thus, although the label on the bottle says 1.0 M HCl, 
the solution contains virtually no HCl molecules. Typically, container labels 
indicate the substance(s) used to make up the solution but do not necessarily 
describe the solution components after dissolution. Thus a 1.0 M HCl solution 
contains H* and Cl ions rather than HCI molecules. 

The next step in dealing with aqueous solutions is to determine which 
components are significant and which can be ignored. We need to focus on the 
major species, those solution components present in relatively large amounts. 
In 1.0 M HCl, for example, the major species are H*, Cl~, and H,O. Since this 
solution is very acidic, OH™ is present only in tiny amounts and thus is classed 
as a minor species. In attacking acid—base problems, the importance of writing 
the major species in the solution as the first step cannot be overemphasized. 
This single step is the key to solving these problems successfully. 

To illustrate the main ideas involved, we will calculate the pH of 1.0 M 
HCl. We first list the major species: Ht, Cl-, and H,O. Since we want to cal- 
culate the pH, we will focus on those major species that can furnish H*. Obvi- 
ously, we must consider H* from the dissociation of HCl. However, H5O also 
furnishes H* by autoionization, which is often represented by the simple dis- 
sociation reaction 


Fi O\)), Et (ag) OH (aq) 


But is autoionization an important source of H* ions? In pure water at 25°C, 
[H*] is 10~” M. In 1.0 M HCl the water will produce even less than 10-7 M Ht, 
since by Le Chatelier’s principle the H* from the dissociated HCI will drive the 
position of the water equilibrium to the left. Thus the amount of H* contrib- 
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uted by water is negligible compared with the 1.0 M H* from the dissociation 
of HCl. Therefore we can say that [H*] in the solution is 1.0 M and that 


pH = —log[H*] = —log(1.0) = 0.00 





First, as always, write the major 
species present in the solution 


Major Species 
@ uF 
PM 1,0 


Just as with gas-phase equilibria, the 
equilibrium constant expressions for 
reactions in solution actually require 
activities. In all our calculations, we will 
assume that a, = [x], where x repre- 
sents a species in solution 


Calculating the pH of Weak Acid Solutions 


Since a weak acid dissolved in water can be viewed as a prototype of almost 
any equilibrium occurring in aqueous solution, we will proceed carefully and 
systematically. Although some of the procedures we develop here may seem 
superfluous, they will become essential as the problems become more compli- 
cated. We will develop the necessary strategies by calculating the pH of a 
1.00 M solution of HF (K, = 7.2 X 10~*). 

The first step, as always, is to write the major species in the solution. From 
its small K, value, we know that hydrofluoric acid is a weak acid and will be 
dissociated only to a slight extent. Thus when we write the major species, the 
hydrofluoric acid will be represented in its dominant form, as HF. The major 
species in solution are HF and HO. 

The next step is to decide which of the major species can furnish H* ions. 
Actually, both major species can do so: 


HF(aq) ——> H*(aq) + F-(aq) K, = 7.2 x 1074 
H,O(/) —= H*(aq) + OH-(aq) Ky = 1.0 X 10-14 


In aqueous solutions typically one source of H* can be singled out as domi- 
nant. By comparing K, for HF with K,, for HO, we see that hydrofluoric acid, 
although weak, is still a much stronger acid than water. Thus we will assume 
that hydrofluoric acid will be the dominant source of H*. We will ignore the 
tiny contribution expected from water. 

Therefore, it is the dissociation of HF that will determine the equilibrium 
concentration of H* and hence the pH: 


HF(aq) == H*(aq) + F (aq) 
The equilibrium expression is 
[H"J[F7] 


Kee al Oar 
0 [HF] 


To solve the equilibrium problem, we follow the procedures developed in 
Chapter 6 for gas-phase equilibria. First, we list the initial concentrations, the 
concentrations before the reaction of interest has proceeded to equilibrium. Be- 
fore any HF dissociates, the concentrations of the species in the equilibrium are 


(EP 6 = 2100 MF cl = 0,0 cand) VIET |= 10- “M0 


(Note that the zero value for [H*]o is an approximation, since we are neglect- 
ing the H* ions from the autoionization of water.) 

The next step is to determine the change required to reach equilibrium. 
Since some HF will dissociate to come to equilibrium (but that amount is pres- 
ently unknown), we let x be the change in the concentration of HF that is re- 
quired to achieve equilibrium. That is, we assume that x moles per liter of HF 
will dissociate to produce x moles per liter of H* and x moles per liter of F~ as 
the system adjusts to its equilibrium position. Now the equilibrium concentra- 
tions can be defined in terms of x: 


[HF] = [HF]o — x = 1.00 — x 
[F-]=[FJo+x=O0+x=x 
[H*] = [Ht] +x=0+x=x 
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The validity of an approximation should 
always be checked. 


Note that although the 5% rule is an 
arbitrary choice, it makes sense 
because of the typical uncertainty in K, 
values. Be aware that the precision of 
the data for a particular situation 
should be used to evaluate which 
approximations are reasonable. 


Substituting these equilibrium concentrations into the equilibrium expres- 
sion gives 
CHIE] __ (Ye) 
[HF] 1300 = x 





Ke = 72a 


This expression produces a quadratic equation that can be solved by using the 
quadratic formula, as for the gas-phase systems in Chapter 6. However, since 
K, for HF is so small, HF will dissociate only slightly; thus x is expected to be 
small. This will allow us to simplify the calculation. If x is very small compared 
with 1.00, the term in the denominator can be approximated as follows: 


LOO mere 1.00 


The equilibrium expression then becomes 


Lint (x) (ell iyi) 
Geidy a Gangigo = 00 





which yields 
Ne aT Oe sO) == eee ae 


Mie Nad ee 257 hae 


How valid is the approximation that [HF] = 1.00 M? Because this ques- 
tion will arise often in connection with acid—base equilibrium calculations, we 
will consider it carefully. The validity of the approximation depends on how 
much accuracy we demand for the calculated value of [H*]. Typically, the 
K, values for acids are known to an accuracy of only about +5%. Therefore, 
it is reasonable to apply this figure when determining the validity of the 
approximation 


[HA] — x ~ [HA] 


We will use the following test. 
First calculate the value of x by making the approximation 


ae x? a x? 
= THA x OLEAN 





where 


x? = K,[HA]o and x =~ VK,[HA] 


Then compare the sizes of x and [HA]p. If the expression 


x 
——— x 100% 
[HA ]p 


is less than or equal to 5%, the value of x is small enough for the approximation 
[HA]o — x ~ [HA]o 


to be considered valid. 
In our example 


X= 27x VOT molly 
[HA]p = [HF] = 1.00 mol/L 
and 


ae phGl Ga Ore 
—— X 100% = ————— Xx % = 2.79% 
[HA], 1.00 1009o = 2.7% 


A table of K, values for various weak 
acids is given in Appendix Table A5.1 


Major Species 
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The approximation we made is considered valid, so the value of x calculated 
by using that approximation is acceptable. Thus 
x = [H*] =2.7 xX 10°*M and pH = —log(2.7 X 1072) = 1.57 


This problem illustrates all the important steps required for solving a typi- 
cal equilibrium problem involving a weak acid. These steps are summarized 
below. 


Solving Weak Acid Equilibrium Problems 


1 List the major species in the solution. 


2 Choose the species that can produce H*, and write balanced equations 
for the reactions producing H*. 


3 Comparing the values of the equilibrium constants for the reactions you 
have written, decide which reaction will dominate in the production of H*. 


4 Write the equilibrium expression for the dominant reaction. 


5 List the initial concentrations of the species participating in the dominant 
reaction. 


6 Define the change needed to achieve equilibrium; that is, define x. 

7 Write the equilibrium concentrations in terms of x. 

8 Substitute the equilibrium concentrations into the equilibrium expression. 
9 Solve for x the “easy” way—that is, by assuming that [HA]  — x ~ [HA]po. 


10 Verify whether the approximation is valid (the 5% rule is the test in this 
case). 


11 Calculate [H*] and pH. 


The pH of a Mixture of Weak Acids 


Sometimes a solution contains two weak acids of very different strengths. This 
situation is considered in Example 7.3. Note that the usual steps are followed 
(although not labeled). 


EXAMPLE 7.3 


Calculate the pH of a solution that contains 1.00 M HCN (K, = 6.2 X 107!°) 
and 5.00 M HNO; (K, = 4.0 X 107‘). Also calculate the concentration of cya- 
nide ion (CN_) in this solution at equilibrium. 


Solution Since HCN and HNO) are both weak acids and are thus primarily 
undissociated, the major species in the solution are 


HCN, HNO), and H,O 
All three components produce H*: 
HEN(¢q) =H (aq) CN (aq) Ke oO) 
HNO,(aq) == H*(aq) + NO,~(aq) Ky = 4.0 X 1074 
POU eae) Ons(aq) Kee OR 1 Ors 


A mixture of three acids might lead to a very complicated problem. How- 
ever, the situation is greatly simplified by the fact that even though HNO) is a 
weak acid, it is much stronger than the other two acids present (as revealed by 
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the K values). Thus HNO; can be assumed to be the dominant producer ore. 
so we will focus on the equilibrium expression: 
[H* ][NO."] 


= -4 _ 
K, = 4.0 x 10 raat 


The initial concentrations, the definition of x, and the equilibrium concentra- 
tions are as follows: 


Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 


[HNOz]o = 5.00 x mol/L HNO, ee DOO =X. 
[NO2 Jo = 0 dissociates Nec 
alo =O [H*] =x 


It is often convenient to represent these concentrations in the following short- 
hand form: 


HNO),(aq) = H* (aq) 7s NO) (aq) 
Initial: 5.00 0 0 
Change: = 5 ah +x 
Equilibrium: S00 4 bs x 


Substituting the equilibrium concentrations into the equilibrium expres- 
sion and making the approximation that 5.00 — x = 5.00 gives 


Ge) = 


—— 


SOS <> 5200 


We solve for x: yeas 510-2 


K, = 4.0 x 10-4 = 





Using the 5% rule we show that the approximation is valid: 


x 4.5 x 107 
a 100% = == 100% = 0.90% 
[HNO, Jo 5.00 a 


Therefore, 
[H*]=x=4.5X102M and pH=1.35 


We also want to calculate the equilibrium concentration of cyanide ion in 
this solution. The CN~ ions in this solution come from the dissociation of 
HCN: 





HGN (aq), === Ht(aq) + CN (2a) 


Although the position of this equilibrium lies far to the left and does not con- 
tribute significantly to [H*], HCN is the only source of CN~. Thus we must 
consider the extent of the dissociation of HCN to calculate [CN~]. The equi- 
librium expression for the preceding reaction is 


[H*][CN7] 
[HCN] 


We know [H*] for this solution from the results for the first part of this 
problem. Note that there is only one kind of H* in this solution. It does not 
matter from which acid the H* ions originate. The equilibrium value of [H*] 
for the HCN dissociation is 4.5 X 10~? M, even though the H+ was contrib- 


K, = 6.2 X 107” = 


More concentrated More dilute 





Figure 7.5 

The effect of dilution on the percent 
dissociation and [H*] of a weak acid 
solution. 
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uted almost entirely by the dissociation of HNO;. What is [HCN] at equilib- 
rium? We know [HCN] = 1.00 M, and since K, for HCN is so small, a negli- 
gible amount of HCN will dissociate. 


Thus [HCN] = [HCN]  — amount of HCN dissociated 
= [HCN]) = 1.00 M 


Since [H*] and [HCN] are known, we can find [CN~] from the equilibrium 
expression: 
Z fe UCNT | 4510 )(EN 
K, = 6.2 X 1079 = ————_= = + 
: [HCN] 1.00 
(6.20% 1072) (1.00) 
450x002 


Note the significance of this result. Since [CN7] = 1.4 x 1078 M, and 
since HCN is the only source of CN~, only 1.4 X 1078 mol/L of HCN has dis- 
sociated. This is a very small amount compared with the initial concentration 
of HCN, which is exactly what we would expect from its very small K, value. 
Thus [HCN] = 1.00 M as assumed. Also, this result confirms that HNO, is the 
only significant source of H*. 


(eNe h= =14x10°M 





Percent Dissociation 


It is often useful to specify the amount of weak acid that has dissociated in 
achieving equilibrium in an aqueous solution. The percent dissociation is de- 
fined as follows: 


amount dissociated (mol/L) 





Percent dissociation = <eLOO0%e:, aatZ.3)) 


initial concentration (mol/L) 
For example, we found earlier that in a 1.00 M solution of HF, [H*] = 2.7 x 
10-2 M. For the system to reach equilibrium, 2.7 X 10~? moles per liter of the 
original 1.00 M HF dissociates, so 


27 <A0e- mol 
Percent dissociation = 1.00 ani = x 100% = 2.7% 





For a given weak acid, the percent dissociation increases as the acid be- 
comes more dilute. For example, the percent dissociation of acetic acid 
(HC,H30;, K, = 1.8 X 107°) is significantly greater in a 0.10 M solution than 
in a 1.0 M solution. 

Demonstrate for yourself (by doing the calculations) that even though the 
concentration of H* ion at equilibrium is smaller in the 0.10 M acetic acid 
solution than in the 1.0 M acetic acid solution, the percent dissociation is sig- 
nificantly greater in the 0.10 M solution (1.3%) than in the 1.0 M solution 
(0.42%). This is a general result. For solutions of any weak acid HA, [H*] 
decreases as [HA] decreases, but the percent dissociation increases as [HA] 
decreases. 

This phenomenon can be explained in the following way. Consider the 
weak acid HA with the initial concentration [HA] . At equilibrium 


[HA] = [HA] — x ~ [HA]o 
[esl 


_HtIA) _ @) 
iia S°"THA) ~ [HAC] 





Patrick Ward/Corbis 
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The more dilute the weak acid solution, 
the greater the percent dissociation. 





A runner struggles to the top of a hill 
during a cross-country race in the hills 
near Wasdale Head, England. 


Major Species 








Now suppose enough water is added to dilute the solution by a factor of 10. 
The new concentrations before any adjustment occurs are 





Atel see = Lees a 10 
_ [HA] 
PLAC ee om 10 


and QO, the reaction quotient, is 


SAO /10) > ei at 
Q= [HA]/10  10[HA]) — io 


Since QO is less than K,, the system must adjust to the right to reach the new 
equilibrium position. Thus the percent dissociation increases as the acid be- 
comes more dilute. This behavior is summarized in Fig. 7.5. In Example 7.4 we 
see how the percent dissociation can be used to calculate the K, value for a 
weak acid. 








OWL INTERACTIVE EXAMPLE 7.4 


Lactic acid (HC3H;O3) is a waste product that accumulates in muscle tissue 
during exertion, leading to pain and a feeling of fatigue. In a 0.100 M aqueous 
solution, lactic acid is 3.7% dissociated. Calculate the value of K, for this acid. 


Solution The small value for the percent dissociation clearly indicates that 
HC3HsQO; is a weak acid. Thus the major species in the solution are the undis- 
sociated acid and water: 


HC3H;O; and H,O 


Although HC3H;0;3 is a weak acid, it is much stronger than water and thus 
will be the dominant source of H* in the solution. The dissociation reaction is 


HC3H;03(4q) == H*(aq) + C3HsO3 (aq) 
and the equilibrium expression is 


pee [H* ][C;H;O;3 7] 
; [HC3H;O3] 





The initial and equilibrium concentrations are as follows: 








Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[HC3Hs5O03]o = 0.10 x mol/I [HC3H;O3] = 0.10 — x 
[(C3H;503 Jo = 0 HC3H;0; [(C3H;037] =x 
[H*]o =O dissociates [H*] =x 


The change needed to reach equilibrium can be obtained from the percent 
dissociation and Equation (7.3). For this acid 


Percent dissociation = 3.7% = eee es XS LOO%o = nae x % 
+ THCH-Os) ore we a 
a7 
and x (O10R= 35710 ino 


~ 100 
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Now we can calculate the equilibrium concentrations: 


0.10 M (to the correct number 
j of significant figures) 
SL 107M 


[HC3H;03] = 0.10 -x 
[CsHsOser= (HH) =x 


These concentrations can now be used to calculate the value of K, for lactic 
acid: 
PEP ONGsP On oral Os Nigra x10. *) 


Kuz = = 1e4exe 10m 
“ [HC3H.O, | 0.10 ! my 
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In a basic solution pH > 7 


Tanks in Miami, Florida, used to soften, 
filter, and disinfect the public water 


supply. 


According to the Arrhenius concept, a base is a substance that produces OH™ 
ions in aqueous solution. According to the Bronsted—Lowry definition, a base 
is a proton acceptor. The bases sodium hydroxide (NaOH) and potassium 
hydroxide (KOH) fulfill both criteria. They contain OH™ ions in the solid lat- 
tice and behave as strong electrolytes, dissociating completely when dissolving 
in water: 


NaOH(s) —22> Na*(aq) + OH-(aq) 
Thus a 1.0 M NaOH solution actually contains 1.0 M Na* and 1.0 M OH~. 
Because of their complete dissociation, NaOH and KOH are called strong 
bases in the same sense as we defined strong acids. 

All the hydroxides of the Group 1A elements (LiOH, NaOH, KOH, 
RbOH, and CsOH) are strong bases, but only NaOH and KOH are common 
laboratory reagents because the lithium, rubidium, and cesium compounds are 
expensive. The alkaline earth (Group 2A) hydroxides—Ca(OH),, Ba(OH),, 
and Sr(OH),—are also strong bases. For these compounds, 2 moles of hydrox- 
ide ion are produced for every 1 mole of metal hydroxide dissolved in aqueous 
solution. 

The alkaline earth hydroxides are not very soluble and are used only when 
the solubility factor is not important. In fact, the low solubility of these bases 
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Hard water contains Ca®* and Mg?* 
ions, among others, which are detri- 
mental to detergent action. 


Major Species 








can be an advantage. For example, many antacids are suspensions of metal 
hydroxides such as aluminum hydroxide and magnesium hydroxide. The low 
solubility of these compounds prevents the formation of a large hydroxide ion 
concentration that would harm the tissues of the mouth, esophagus, and stom- 
ach. Yet these suspensions furnish plenty of hydroxide ion to react with stom- 
ach acid, since the salts dissolve as this reaction proceeds. 

Calcium hydroxide [Ca(OH),], often called slaked lime, is widely used in 
industry because it is inexpensive and plentiful. For example, slaked lime is 
used in scrubbing stack gases to remove sulfur dioxide from the exhaust of 
power plants and factories. In the scrubbing process, a suspension of slaked 
lime is sprayed into the stack gases to react with sulfur dioxide gas according 
to the following equations: 


SO2(g) + H,O(/) == H2SO3(aq) 
Ca(OH),(aq) + H2SO3(aq) ——= CaSO3(s) + 2H2O(/) 


Slaked lime is also widely used in water treatment plants for softening hard 
water, which involves the removal of ions such as Ca** and Mg?", ions that 
hamper the action of detergents. The softening method most often used in 
water treatment plants is the lime-soda process, in which lime (CaO) and soda 
ash (Na,CQO3) are added to the water. As we will see in more detail later in this 
chapter, the CO3~ ion from soda ash reacts with water to produce the HCO37 
ion. When lime is added to hard water, it forms slaked lime, 


CaO(s) + H,O(/) —~ Ca(OH);(aq) 


which then reacts with the HCO;3~ ion and a Ca** ion to produce calcium 
carbonate: 


Ca(OH)2(aq) + Ca** (aq) + 2HCO3" (aq) —~ 2CaCO3;(s) + 2H,O(I) 
A 


From hard water 


Thus, for every mole of Ca(OH), consumed, 1 mole of Ca2* is removed from 
the hard water, thereby softening it. Some hard water naturally contains bicar- 
bonate ions. In this case no soda ash is needed—simply adding lime accom- 
plishes the softening. 

Calculating the pH of a strong base solution is relatively simple, as illus- 
trated in Example 7.5. 


OWL INTERACTIVE EXAMPLE 7.5 
Calculate the pH of a 5.0 X 10-2 M NaOH solution. 


Solution The major species in this solution are 
Na’, Ors, and H,O 
From NaOH 





Although the autoionization of water also produces OH~ ions, the pH will be 
determined by the OH™ ions from the dissolved NaOH. Thus in the solution 


[OH7] = 5.0 X 10-7 M 
The concentration of H* can be calculated from K,: 


Kew eel. Opa10; ** 
Kesey oe me 


pH = 12.70 


Leta 





= 0 <107-M 


A base does not have to contain the 
hydroxide ion. 


Benzene (CgHg) is often represented by 
the symbol 


where each vertex represents a carbon 
atom. The hydrogen atoms are not 
shown. 


Appendix Table A5.3 contains Kp 
values. 
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Note that this solution is basic: 


AO) Shel ans bal and pH>7 


The added OH” from the salt has shifted the water autoionization equilibrium 
HO (De "H* (aq) + OR (ag) 


to the left, significantly lowering the [H*] compared with that in pure water. 


Many types of proton acceptors (bases) do not contain the hydroxide ion. 
However, when dissolved in water, these substances increase the concentration 
of hydroxide ion by reacting with water. For example, ammonia reacts with 
water as follows: 


NH;(aq) + H,O(/) === NHy*(aq) + OH (aq) 


The ammonia molecule accepts a proton and thus functions as a base. Water is 
the acid in this reaction. Note that even though the base ammonia contains no 
hydroxide ion, it still increases the concentration of hydroxide ion to yield a 
basic solution. 

Bases like ammonia typically have at least one unshared pair of electrons 
that is capable of forming a bond with a proton. The reaction of an ammonia 
molecule with a water molecule can be represented as follows: 


H H 


i N * 
HIN: H-O: == H—N*—H + :O—H™ 
N Yh oe 


ig! H i 


There are many bases like ammonia that produce hydroxide ions by reaction 
with water. In most of these bases, the lone pair is located on a nitrogen atom. 
Some examples are 


N N N N N 

Zi AES ZN yA OC 
H;C yp H H3C y CH; =H3Ccy CH; =H yy GHs 
Methylamine Dimethylamine Trimethylamine Ethylamine Pyridine 


Note that the first four bases can be thought of as substituted ammonia mole- 
cules where hydrogen atoms are replaced by methyl (CH3) or ethyl (C,Hs) 
groups. The pyridine molecule is like benzene 


O 


except that a nitrogen atom has replaced one of the carbon atoms in the ring. 
The general reaction between a base (B) and water is given by 


B(@q) + H,0(): == BH* (aq) + OH (aq) 
Base Acid 


(7.4) 


Conjugate Conjugate 


acid base 
The equilibrium reaction for this general solution is 
[BH* |[OH} 
[B] 


where K,, always refers to the reaction of a base with water to form the conju- 
gate acid and the hydroxide ion. 


K,= 
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Major Species 


& CH,NH, 
@ 4,0 





Table 7.3 


Values of K, for Some Common Weak Bases 








Conjugate 
Name Formula Acid Ky 
Ammonia NH; NH,* 18X10 
Methylamine CH3NH), CH3NH3* 4.38 Xx 105+ 
Ethylamine C,H;NH;) C,H;NH;3* 5.6. 1057 
Aniline C,H;sNH, CsH;NH3* 3.8 X TOs 
Pyridine CsH;sN C;H;NH* ex 107 





Bases of the type represented by B in Equation (7.4) compete with OH”, a 
very strong base, for the H* ion. Thus their K, values tend to be small (for 
example, for ammonia K, = 1.8 X 107°), and they are called weak bases. The 
K, values for some common weak bases are listed in Table 7.3. 

Typically, pH calculations for solutions of weak bases are very similar to 
those for weak acids. 


WWL INTERACTIVE EXAMPLE 7.6 
Calculate the pH of a 1.0 M solution of methylamine (K, = 4.38 X 10~*). 


Solution Since methylamine (CH3;NH;) is a weak base, the major species in 
solution are 


CH;3NH, and H,O 


Both are bases; however, since water can be neglected as a source of OH~, the 
dominant equilibrium is 


CH3NH),(aq) aie H,0(/) — CH3NH;3°* (aq) + OH“ (aq) 
and 


[CH3NH3* ][OH 7] 





K, = 4.38 x 1074 = 





[CH3NH)] 
The concentrations are as follows: 
Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[CH3NH )]p = 1.0 x saan eens [CH3NH)] = 1.0 — x 
[CH3NH3* Jo — aS ees sa z [CH;NH;37] —X 
[OH~]o ~ to reach [OH-] =x 


equilibrium 
Or in shorthand form: 


CH3NH2(aq) + H,O0(/) == CH3NH3*(aq) + OH (aq) 


Initial: 1.0 — 0 0 
Change: she = x +x 
Equilibrium: LO — x x 
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Amines 


Chemical Insights 





R. Konig/Jacana/Photo Researchers 


We have seen that many bases have nitrogen atoms 
with one lone pair of electrons. These bases can be 
viewed as substituted ammonia molecules, with the 
general formula R,NHj3_,). Compounds of this 
type are called amines. 

Amines are widely distributed in animals and 
plants, often serving as messengers or regulators. 
For example, in the human nervous system there 
are two amine stimulants, norepinephrine and 
adrenaline: 


a 
HO CHCH,NH, 
HO 
Norepinephrine 
ta 
HO. -~_CHCH,NHCH; 
© 
rw, 
Adrenaline 


Ephedrine, widely used as a decongestant, was a 
known drug in China over 2000 years ago. People 


A peyote cactus in bloom. 








from cultures in Mexico and the Southwest have 
used the hallucinogen mescaline, extracted from 
peyote cactus, for centuries. 


Ephedrine 


CH,CH,NH) 


Mescaline 


Many other drugs, such as codeine and 
quinine, are amines, but they are rarely used in 
their pure amine forms. Instead, they are treated 
with an acid to become acid salts. An example of 
an acid salt is ammonium chloride, obtained by the 
reaction 


INH3 + Hel ——> NH,Cl 


Amines can also be protonated in this way. The 
resulting acid salt, written as AHCI (where A rep- 
resents the amine), contains AH* and Cl-. In 
general, the acid salts are more stable and more 
soluble in water than the parent amines. For 
instance, the parent amine of the well-known local 
anaesthetic movocaine is water-insoluble, but the 
acid salt is much more soluble. 





tele 
Ga-O = G=—C NY 
Novocaine hydrochloride 
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Substituting the equilibrium concentrations into the equilibrium expression 
and making the usual approximation gives 


[CH;NH;* ][OH”] Chon bie 


[(CH,NH,] 10-x 1.0 





K, = 4.38 x 10% = 


G2 le ee 
The approximation is valid by the 5% rule, so 
[OH-] = x = 2.1 X 107? M and pOH = 1.68 


Note that since [H*+][OH~] = 1.0 x 10-%, pH + pOH = 14. Thus pH = 
14.00 — 1.68 = 12.32. 








TOT s 





Polyprotic Acids 


Some important acids, such as sulfuric acid (H,SO4) and phosphoric acid 
(H;PO,), can furnish more than one proton per molecule and are called poly- 
protic acids. A polyprotic acid always dissociates in a stepwise manner, one 
proton at a time. 


Carbonic Acid 


The diprotic (two-proton) carbonic acid (H;CO3), which is vital for maintain- 
ing a constant pH in human blood, dissociates in the following steps: 
[H* ][HCO; ] 


H,CO;(aq) == H*(aq) + HCO3"(a K,, = —— = = 43 X 1077 
2CO3(aq) (aq) 3 (aq) ; [HCOal 


H* 2- 

HCO37 (aq) ==" (aq) + CO3**(aq) K,, = Sa = 
The successive K, values for the dissociation equilibria are designated K,, and 
K,,. Note that the conjugate base HCO3;~ of the first dissociation equilibrium 
becomes the acid in the second step. 

Carbonic acid is formed when carbon dioxide gas is dissolved in water. In 
fact, the first dissociation step for carbonic acid is best represented by the 
reaction 


CO,(aq) + H,O()) = H*(aq) + HCO3~(aq) 


since relatively little H,CO actually exists in solution. However, it is conve- 
nient to consider CO, in water as H,CO; so that we can treat such solutions 
by using the familiar dissociation reactions for weak acids. 

Any solution of carbonic acid contains various amounts of all three 
species—H,CO3(CO 2, HO), HCO3°, and CO;*-—depending on the pH of 
the solution. At a given pH, the fractions of the various species can be calcu- 
lated from the dissociation equilibrium constants as shown in Example 7.7. 


WWL INTERACTIVE EXAMPLE 7.7 
Calculate the fractions of HxCO3, HCO3", and CO;?~ at pH 9.00. 


Solution The fraction of each species present is the concentration of that spe- 


cies divided by the total concentrations of all three species. For example, for 
HCO;° we have 


[HCO; | 


Fraction HCO; = = 7 
raction 3 [H,CO3] ve HHIGOs | ve Teor] fuco, 











Figure 7.6 

A plot of the fractions of H2COs, 
HCO3~, and CO32~ in aqueous solution 
as a function of pH. 
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Dividing the numerator and denominator by [HCO3 ] gives 


1 
fucoy = [H,CO3] , , , [C07] 


[HCO |] [HCO; ] 
We can calculate the [H:CO3]/[HCO3 | ratio from K,,: 
[H*][HCO, ] 
[H,CO3] 
[H,CO3] _ [H*] 


or = 
Nes KR Oey ey 
Since K,, = 4.3 X 10-7 and pH = 9.00 ([H*] = 1.00 x 107%), 
[H5COE) eO0R 10? 
[H@O. | 4321097 
We can use K,, to calculate the [CO3”~]/[HCO3 ] ratio: 


[H*][CO;""] = 
Ie = 4.8 X au 


Ke 





=D 3 10 


SO 
LCO:7s lane nen Seales 


IeOw) «frre oor 4 0e 
Now we can calculate the fraction of [HCO 37] present: 


1 1 


=A Se 10a 








fucoy = TECO,] (C027) _ 234102 1 8 102 


(HCO® | sae [HCO; | 


1 
Tins 0.95 
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Note that at pH 9, HCO37 represents 95% of the carbonate-containing 


species in the solution. 


Similar calculations can be used to find the fraction of each species over the 
entire pH range. A graph of the results of these calculations is shown in Fig. 7.6. 
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Table 7.4 


Stepwise Dissociation Constants for Several Common Polyprotic Acids 





Name Formula K,, Ke Ka. 
Phosphoric acid H3PO, TEGAN 6.2 10" AS oc 1Qee 
Arsenic acid H;3AsO, Seed 8 10-* 6x 10°” 
Carbonic acid* H,CO; Ameen 4.8 x 1071! 

Sulfuric acid H,SO, Large 110 

Sulfurous acid H,SO; AES aun HO KAO 

Hydrosulfuric acid! H,S 10 e107 ~=10° 

Oxalic acid H,C,04 65. x 1077 61% 10% 

Ascorbic acid H,C,H,O¢ LI 107" 16105" 

(vitamin C) 





*This is really CO2(aq). 
tThe K,, value for Hy is quite uncertain. Its small size makes it very difficult to measure. 


Phosphoric acid is a triprotic acid (three protons) that dissociates in the 
following steps: 











[H*][H;P0,7] = 
: ” ae = 75 4416 
H3PO.(aq) == H*(aq) + HPO" (aq) Ka, = “Fj 
([H* ][HPO,” ] =8 
ye = aS so Je — = — 6.2 x 10 
H;PO."(aq) == H*(aq) + HPO (aq) Ks, = “FG =] 
[H*][PO,7] -13 
= a + ae Sj => ae 4.8 x 10 we 
HPO,* (aq) == H*(aq) + PO4* (aq) K,, [HPO,7 | 


For a typical, weak polyprotic acid, 
KK SK, 


That is, the acid involved in each successive step of the dissociation is weaker. 
This is shown by the stepwise dissociation constants given in Table 7.4. These 
values indicate that the loss of a second or third proton occurs less readily than 
loss of the first proton. This result is not surprising; the greater the negative 
charge on the acid, the more difficult it becomes to remove the positively 
charged proton. 

Although we might expect the pH calculations for solutions of polyprotic 
acids to be complicated, the most common cases are surprisingly straightfor- 
ward. To illustrate, we will consider a typical case, phosphoric acid, and a 
unique case, sulfuric acid. 


Phosphoric Acid 


Phosphoric acid is typical of most weak polyprotic acids in that its successive 
K, values are very different. For H3POq, the ratios of successive K, values (from 
Table 7.4) are 








K, gic ¢ ak Wine 

= =e 10: 
gee COs 
Kean 0 

= = ieee 


Kemeease 05: 
So the relative acid strengths are 


H3PO,4 > H,PO,” > HPO,2- 


For a typical polyprotic acid in water, 


only the first dissociation step is impor- 


tant in determining the pH. 


Major Species 


: H;PO, 


9D 1.0 
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This means that in a solution prepared by dissolving H3PO, in water, only the 
first dissociation step makes an important contribution to [H*]. This greatly 
simplifies the pH calculations for phosphoric acid solutions, as is illustrated in 
Example 7.8. 


| EXAMPLE 7.8 


Calculate the pH of a 5.0 M H;PO, solution and determine equilibrium con- 
centrations of the species H3PO4, H»PO, , HPO,?~, and PO,?-. 
Solution The major species in solution are 

H3PO,4 and H,O 


None of the dissociation products of H;PO, is written, since the K, values are 
all so small that they will be minor species. The dominant equilibrium will be 
the dissociation of H3;PO,: 


HgPO,(aq) eis (aq) +--H2 PO, (aq) 
[H*][H,PO, | 





where KRit=s750 oO l0g t= 
‘ [H3;PO,] 
The concentrations are as follows: 
Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[H3PO4]o = 5.0 x mol/L [H3PO4] = 540) = a8 
(HPO; jp =0 woe SR [H,PO,-] =x 
[H*]o = 0 dissociates fe] =x 
Or in shorthand form: 
H3PO,(aq) = H* (aq) at HPO, (aq) 
Initial: O20) 0 0 
Change: = +x 257 
Equilibrium: AO x, x < 


Substituting the equilibrium concentrations into the expression for K,, and 
making the usual approximation gives 


[H*J[H,PO,]_ @)&) _ x 
[H;PO,] Oke anes) 


Thus x 19x 107 











Kaawi Sal OR 


Since 1.9 X 107! is less than 5% of 5.0, the approximation is acceptable, and 
[H*] =x =0.19 M and pH = 0.72 
So far we have determined that 
(H*] = [H,PO.-] = 0.19 M 
and [H3PO.] = 5.0 —-x = 4.8 M 
The concentration of HPO,?~ can be obtained by using the expression for K,,: 


[POs | 
[H,PO, |] 


where [H*] = [H,PO,7] = 0.19 M 


K,, = 6.2 X 10° = 
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Figure 7.7 

A plot of the fractions of H3PO,z, 
HsPO,", te @ name and Ove in 
aqueous solution as a function of pH. 


Thus [HPO?2c)= Kale 6.2 X.1058 M 


To calculate [PO,3~], we use the expression for K,, and the values of [H*] 
and [HPO,?"] calculated previously: 





—(HalPOr = eee OATTPOR =) 
Ko (ERO gO = Ne 10 
mile) —8 
(PO,*-] = (4.8 x 10 —e.2 0a Weary 


These results show that the second and third dissociation steps do not 
make an important contribution to [H+]. This is apparent from the fact that 
[HPO,2-] is 6.2 < 10-8 M, indicating that only 6.2 X 1078 mol/L of H,PO,47 
has dissociated. The value of [PO,3~] shows that the dissociation of HPO,?~ is 
even smaller. But we must use the second and third dissociation steps to calcu- 
late [HPO,2-] and [PO,>], since these steps are the only sources of these ions. 





| EXAMPLE 7.9 __ 
A 0.200-mole sample of sodium phosphate is dissolved in water, and hydrochlo- 


ric acid is added to give a total volume of 1.00 L and a final pH of 4.630. Calcu- 
late the concentrations of all phosphate-containing species in this solution. 


Solution Before we do the complete calculation, we can determine the ratios of 
the various phosphate-containing species from the various K, expressions: 


[H;PO,] _ [Ht] _ 2.34 x 1075 














[POs cau sic = Bi 
The inverse ratio is 

aioe ai : ipo 

PHRO. a). ed 34.510 > yaaa 





[POP ieee oe 


These ratios show that H:PO,4~ is the dominant species at a pH of 4.630. 
Notice that this is exactly what is predicted by the plot shown in Fig. 7.7. This 


Fraction 
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plot shows the fractions of phosphate-containing species as a function of pH. 
Note that the fraction of H,PO4 is maximum at about pH S. 

Now we will proceed to determine the concentrations of H;PO4, H,PO4", 
HPO,?-, and PO,°~, We know that the total concentrations of these species 
must be 0.200 M, since this represents the concentration of PO4?~ originally 
added to the solution. 

Thus 


[PO.2-] + [HPO,2-] + [H,PO,-] + [H;PO,] = 0.200 M 


Also note that a pH of 4.630 means that [H*] = 2.34 x 10>. 

To solve this problem we need to reduce the equation to one variable. For 
example, we can use the K,,, K,,, and K,, expressions to represent each species 
in terms of [H3;PO,] as follows: 


a, LEGPORIK. = (HePOMZ Oo 10. 
[Hj PO, |= A] sl 5 uth ee = 3.21 X 10°?[H;PO,] 





[H{PO.7)Ky, — 3.21%. 107[,PO,IK,, 
[H*] [H*] 





[HPO,2-] = = 8.49 x 1071[H,P0,] 
[EL POgeal 


Since K, X K,, X K,, = ; 
iy [H3;P0,] 


Us x Nes x K,,)[H3PO,] 


(PO, | =s (H+? 





= 1.74 x 1078[HP0,] 


Substituting these expressions into the equation 

[PO,?-] + [HPO,?7] + [H2,PO,47] + [H3PO,4] = 0.200 M 
gives 
1.74 * 107 8[H3PO,] + 8.49 X 107![H3PO,] 


+ 3.21 X 102[H;PO,] + [H3PO,] = 0.200 M 


0.200 M 
322.9 


[H,PO,7] = (3.21 X 107)(6.20 x 10-4 M) = 0.199 M 
[HPO ('=(8:49 x 106.20 x 10s M5 26) 105 Mi 
(PORT =(1.74 X 10°*)\(6.20 K 105 My TOS Ost eM 


[H3PO4] = = 6.20 X 10°*M 


Notice that at this pH the dominant species by far is HyPO4~, as we predicted 
earlier. 


Sulfuric Acid 


Sulfuric acid is unique among the common acids because it is a strong acid in 
its first dissociation step and a weak acid in its second step: 


H,SO4(aq) ——> H*(aq) + HSO«4 (aq) K,, is very large 
HSO, (aq) H*(aq) + SO," (aq) Ke =i x 10 








Example 7.10 illustrates how to calculate the pH for sulfuric acid solutions. 
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Major Species 





Martyn F. Chillmaid/Science Photo Library/Photo Researchers, Inc. E07551 


A bottle of sulfuric acid. A drop of sul- 
furic acid turns Universal indicator 
paper bright red, showing it is very 
acidic. 





EXAMPLE 7.10 








Calculate the pH of a 1.0 M H,SOg solution. 


Solution The major species in the solution are 
hy HSOzs; and H,O 


where the first two ions are produced by the complete first dissociation step of 
H,SO,. The concentration of H* in this solution will be at least 1.0 M, since 
this amount is produced by the first dissociation step of H,SO4. We must now 
answer this question: “Does the HSO,~ ion dissociate enough to make a sig- 
nificant contribution to the concentration of H*?” This question can be an- 
swered by calculating the equilibrium concentrations for the dissociation reac- 
tion of HSO,": 


HSOj5 (ga), ——=_- 4. (ag) + SOA sa) 
[et SO7 





h |S 2 (ie or = 
where A [HSO,"] 
The concentrations are as follows: 
Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[HSO47]o = 1.0 x mol/L. HSO, [HSO, ] = 1.0 — x 
[SO427]o -(0 dissociates [SO.27] =x 
eee to reacl +) = 
Ua Jo sy) eaihiba EO 
Or in shorthand form: 
HSO, (aq) = H* (aq) + $04?" (aq) 
Initial: 1.0 1.0 0 
Change: =x ee,” +x 
Equilibrium: LO % VEE ae cs 


Note that [H*]o is not equal to zero, as is usually the case for a weak acid, 
because the first dissociation step has already produced some H*. 
Substituting the equilibrium concentrations into the expression for K,, and 
making the usual approximation gives 
[H*][SO,2-] (1.0 + x)(x) (1.0) (x) 


K, =1.2 x 107 = - ~ 
[HSO, | 1) ee (1.0) 


Thus x= 12x 102 








Since 1.2 X 10°? is 1.2% of 1.0, the approximation is valid according to the 
5% rule. Note that x is not equal to [H*] in this case. Instead, 


[H*] = 1.0 M +%= 1.0 M + (1.2 x 10-2) M 


(to the correct number 


aes: of significant figures) 


Thus, since the dissociation of HSO4~ does not make a significant contribution 
to the concentration of H*, 


[H*] = 1.0 M and pH = 0.00 


Only in dilute H2SO, solutions does the 
second dissociation step contribute 
significantly to [H*]. 
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Example 7.10 illustrates the most common case for sulfuric acid in which 
only the first dissociation makes an important contribution to the concentra- 
tion of H*. In solutions more dilute than 1.0 M (for example, 0.10 M H2SO,), 
the dissociation of HSO,4~ is important. Solving this type of problem requires 
use of the quadratic formula, as shown in Example 7.11. 


“EXAMPLE 7.11 


Calculate the pH of a 1.00 X 10°? M H)SQ, solution. 
Solution The major species in solution are 
ig Bae HSO,, and H,0O 


Proceeding as in Example 7.10, we consider the dissociation of HSO4~, which 
leads to the following concentrations: 


Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[HSO4"]o = 0.0100 x mol/L HSO, [HSO,7] = 0.0100 — x 
[SO.2-]o shit) dissociates [SO,27] =x 
[H*]) = 0.0100 to reach [Ht] = 0.0100 + x 
2 equilibrium 


From dissociation 


of H»SO,4 


Substituting the equilibrium concentrations into the expression for Kg, 
gives 
; [H*][SO,27] (0.0100 + x)(x) 
Oe = 
aah ind acer OL 
If we make the usual approximation, then 0.010 + x ~ 0.010 and 0.010 — x 
~ 0.010, and we have 





(0.0100 + x)(x) _ (0.0100)x 


Ge 1) ze 
UE Sa (0.0100 - x) ~ (0.0100) 





The calculated value of x is 
weal al Ona=.0: 012 


This value is larger than 0.010, clearly a ridiculous result. Thus we cannot 
make the usual approximation and must instead solve the quadratic equation. 
The expression 


(0.0100 + x)(x) 
(0.0100 — x) 





12610 = 


leads to 
(N25*105-)(0:0100 — x) = (0.0100+ x) (x) 
(IRCA 12x 102 )x = (1.0 X 102 )x x 
ee (D2 10) = (12 0 t= 0 
This equation can be solved by using the quadratic formula, 


v —-b+Vb* — 4ac 


2a 








x 
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where a = 1, b = 2.2 X 10-2, and c = —1.2 X 1074. Use of the quadratic for- 
mula gives one negative root (which cannot be correct) and one positive root, 


aa So OTe 
Thus [Ht] = 0.0100 + x = 0.0100 + 0.0045 = 0.0145 
and pH = 1.84 


Note that in this case the second dissociation step produces about half as many 
H* ions as the initial step does. 

This problem can also be solved by successive approximations, a method 
illustrated in Appendix A1.4. 


Characteristics of Weak Polyprotic Acids 








1. Typically, successive K, values are so much smaller than the first value that only 
the first dissociation step makes a significant contribution to the equilibrium con- 
centration of H*. This means that the calculation of the pH for a solution of a 
weak polyprotic acid is identical to that for a solution of a weak monoprotic acid. 


2. Sulfuric acid is unique in being a strong acid in its first dissociation step and a 
weak acid in its second step. For relatively concentrated solutions of sulfuric acid 
(1.0 M or higher), the large concentration of H* from the first dissociation step 
represses the second step, which can be neglected as a contributor of H™ ions. For 
dilute solutions of sulfuric acid, the second step does make a significant contribu- 
tion and must be considered in obtaining the total H* concentration. 





7.8 | 


The salt of a strong acid and a strong 
base gives a neutral solution. 


Major Species 





Acid-Base Properties of Salts 


The term salt is often used by chemists as simply another name for ionic com- 
pound. When a salt dissolves in water, we assume that it breaks up into its 
ions, which move about independently, at least in dilute solutions. Under cer- 
tain conditions these ions can behave as acids or bases. In this section we ex- 
plore such reactions. 


Salts That Produce Neutral Solutions 


Recall that the conjugate base of a strong acid has virtually no affinity for pro- 
tons as compared with that of the water molecule. For this reason strong acids 
completely dissociate in aqueous solution. Thus, when anions such as Cl~ and 
NO3° are placed in water, they do not combine with H* and therefore have no 
effect on the pH. Cations such as K* and Na* from strong bases have no affin- 
ity for H* and no ability to produce H*, so they too have no effect on the pH 
of an aqueous solution. Salts that consist of the cations of strong bases and the 
anions of strong acids have no effect on [H*] when dissolved in water. This 
means that aqueous solutions of salts such as KCl, NaCl, NaNO3, and KNO; 
are neutral (have a pH of 7). 


Saits That Produce Basic Solutions 


In an aqueous solution of sodium acetate (NaC,H3;O ), the major species are 
Naw GHeO; . and H,0O 


What are the acid-base properties of each component? The Na* ion has nei- 
ther acid nor base properties. The C)H30 > ion is the conjugate base of acetic 
acid, a weak acid. This means that C)H;0)~ has a significant affinity for a 
proton and acts as a base. Finally, water is neither a strong enough acid nor a 
strong enough base to affect [H*]. 


A basic solution is formed if the anion 
of the salt is the conjugate base of a 
weak acid. 


Major Species 
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Thus the pH of this solution will be controlled by the C;H3;0,~ ion. Since 
C,H3O0)° is a base, it will react with the best proton donor available. In this 
case water is the only source of protons, and the reaction is 


C,H303 (aq) + H,O(/) == HC,H3;02(aq) + OH“ (aq) (723) 


Note that this reaction, which yields a basic solution, involves a base reacting 
with water to produce the hydroxide ion and a conjugate acid. We have de- 
fined K,, as the equilibrium constant for such a reaction. In this instance 


[HC,H;0,][OH | 
[C,H3;0, | 





Kp = 


The value of K, for acetic acid is well known (1.8 X 1075). But how can we 
obtain the Kj, value for the acetate ion? The answer lies in the relationships 
among K,, K,, and K,,. Note that when the K, expression for acetic acid is 
multiplied by the K, expression for the acetate ion, the result is Ky: 


[H*][C,H,0,_] | [HC,H;0,][OH | 
[HC,H,0,| [C,H;0, | 








Ke x Ky = a [I LOH] aa K,, 


This is a very important result. For any weak acid and its conjugate base, 
ere. 


Thus, when either K, or Ky is known, the other constant can be calculated. For 
the acetate ion, 

haa Ke CODGLOE 

"KA fonHG HO, n Msec10= 





= 55:68 Gulia. 





This is the K, value for the reaction described by Equation (7.5). Note that 
it is obtained from the K, value of the parent weak acid, in this case acetic 
acid. 

The sodium acetate solution is an example of an important general case. 
For any salt whose cation has neutral properties (such as Na* or K*) 
and whose anion is the conjugate base of a weak acid, the aqueous solution 
will be basic. The Kj, value for the anion can be obtained from the relation- 
ship K, = K,/K,. Equilibrium calculations of this type are illustrated in Ex- 
ample 7.12. 


OWL INTERACTIVE EXAMPLE 7.12 
Calculate the pH of a 0.30 M NaF solution. The K, value for HF is 7.2 x 1074. 


Solution The major species in solution are 
Nay. Fes and H,O 


Since HF is a weak acid, the F~ ion must have a significant affinity for 
protons. Therefore the dominant reaction will be 


F-(aq) + H,O()) == HF (aq) + OH~(aq) 





which yields the K;, expression 
[HF ][OH” | 
eal 
The value of Kj, can be calculated from K,, and the K, value for HF: 


fe e010 
te, (Gombe) 7.2) 107 








ri ae es 
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The concentrations are as follows: 





Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[F-]o = 0.30 x mol/L F [F-] = 0.30 — x 
[HF] = 0 reacts with [HF] = x 
[OH ]o ~( H,0 to reach [OH-] =x 
equilibrium 
Thus 
(HFJOH-]_ @)@) 











a ate = oe 
on gare ah et (F-] ‘eer en 


me pela. 
The approximation is valid by the 5% rule, so 
[OH] =x =2.0 x 10 °M 
pOH = 5.69 
pH = 14.00 — 5.69 = 8.31 





As expected, the solution is basic. 


Base Strength in Aqueous Solution 


To emphasize the concept of base strength, consider the basic properties of the 
cyanide ion. One relevant reaction is the dissociation of hydrocyanic acid in 
water: 


HCN(aq) + H,O(!) — = H3O+(aq) + CN-(ag) —-K, = 6.2 X 107° 





Since HCN is such a weak acid, CN appears to be a strong base, showing a 
very high affinity for H* compared with H,O, with which it is competing. 
However, we also need to look at the reaction in which cyanide ion reacts with 
water: 


CN" (gg) -F FLOW === HCN(aq) + OF (aq) 
where 


Mee aes ae 


Tecan Ges cailis 


= 1.6 x 10> 





In this reaction CN” appears to be a weak base; the Ky value is only 1.6 X 1075. 
What accounts for this apparent difference in base strength? The key idea is 
that in the reaction of CN~ with HO, CN~ is competing with OH™~ for H*, 
instead of competing with HO, as it does in the HCN dissociation reaction. 
These equilibria show the following relative base strengths: 


OH= = GN = HO 
Similar arguments can be made for other “weak” bases, such as ammonia, 
the acetate ion, and the fluoride ion. 


Salts That Produce Acidic Solutions 


Some salts produce acidic solutions when dissolved in water. For example, 
when solid NH4Cl is dissolved in water, NH4* and Cl- ions are released, with 
NH,* behaving as a weak acid: 


NH,*(aq) == NH;(aq) + H*(aq) 


Charles D. Winters 





A pH meter showing that the pH of 
0.1 M AlCl, is 2.98. 


Major Species 


cr 
f ) NH," 


9 40 
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The Cl- ion, having virtually no affinity for H* in water, does not affect the 
pH of the solution. 

In general, a salt whose cation is the conjugate acid of a weak base pro- 
duces an acidic solution. 

A second type of salt that produces an acidic solution is one that contains 
a highly charged metal ion. For example, when solid aluminum chloride (AICI;) 
is dissolved in water, the resulting solution is significantly acidic. Although the 
Al* ion is not itself a Bronsted—Lowry acid, the hydrated ion Al(H)O),3+ 
formed in water is a weak acid: 


Al(H20).** (aq) == Al(OH)(H2O)s**(aq) + H*(aq) 





The high charge on the metal ion polarizes the O—H bonds in the attached 
water molecules, making the hydrogens in these water molecules more acidic 
than those in free water molecules. Typically, the higher the charge on the 
metal ion, the stronger is the acidity of the hydrated ion. 


WL INTERACTIVE EXAMPLE 7.13 _ 
Calculate the pH of a 0.10 M NH,CI solution. The K, value for NH; is 
tot x LOz 
Solution The major species in solution are 
NH4*, Cl and H,0 
Note that both NH,4* and HO can produce H*. The dissociation reaction for 
the NH," ion is 
NH4*(aq) == NH3(aq) + H*(aq) 

for which 

ic - INEGI) 

a NE 


Note that although the K, value for NH; is given, the reaction correspond- 
ing to K, is not appropriate here, since NH; is not a major species in the solu- 
tion. Instead, the given value of Kj is used to calculate K, for NH,* from the 
relationship 


K, X Ky = Ky 
Thus 


K 1.0 < 10-4 
= = w ~ —~=56 x10" 
KetomNbs)) 91s <10— 





K, (for NH,*) 


Although NHg* is a very weak acid, as indicated by its K, value, it is stronger 
than H,O and thus will dominate in the production of H*. Therefore, we will 
focus on the dissociation reaction of NH4* to calculate the pH of this 
solution. 

We solve the weak acid problem in the usual way: 


Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[NH4*]o = 0.10 x mol/L NH," [NH,*] = 0.10 — x 
[NH3]o = 0 dissociates [NH3] =x 


[H*]o =~ to reach [H*] =x 


equilibrium 


Charles D. Winters 
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A pH meter showing that the pH of 
0.1 M NH,Cl is 5.18. 


Major Species 





| 


V AI(H,0),** 


9 1,0 





Table 7.5 


Qualitative Prediction of pH 

for Solutions of Salts for Which 
Both Cation and Anion Have 
Acidic or Basic Properties 





Kee Ke pH < 7 (acidic) 
IG LIK, pH > 7 (basic) 
Kean pH = 7 (neutral) 














Thus 


(HI? [NH eto) eee 
[NEL] Ooms One 


Fat ai ago: a Ve 








5.6 X 1079 = K, = 


The approximation is valid by the 5% rule, so 


[Ht et 97. SeO= 2M and pH = 5.13 





| EXAMPLE 7.14 
Calculate the pH of a 0.010 M AICI; solution. The K, value for Al(H,O),?* is 
14 xX 1032: 
Solution The major species in solution are 
Al(H,O),3*, Cle and H,O 

Since the Al(H»O),3* ion is a stronger acid than water, the dominant equilib- 
rium is 

Al(H2O),3* (aq) == Al(OH)(H2O);?* (aq) + H*(aq) 
and 


[Al(OH)(H,0);** TH] 
[AI(H,0),?"] 





1.4x 10 = K, = 


This is a typical weak acid problem, which we can solve with the usual 
procedures. 








Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[Al(H20)¢3*]o = 0.010 x mol/I [Al(H,O),3*] = 0.010 — x 
[Al(OH)(H20)5** Jo = 0 Al(H20)« [Al(OH)(H2O);**] = x 
Ls lteat eden | bila? 

equilibrium 
Thus 
ee eae fe [Al(OH)(H,0);** |[H*] = (x) (x) fs x 
j [AI(H,0)3*] 0.010 -—x 0.010 
Me 2 


Since the approximation is valid by the 5% rule, 


(H-] =x =3.7X10*M and pH = 3.43 


So far we have considered salts containing only one ion that has acidic or 
basic properties. For many salts, such as ammonium acetate (NH4C)H30,), 
both ions affect the pH of the aqueous solution. First, we will consider the 
qualitative aspects of such problems. We can predict whether the solution will 
be basic, acidic, or neutral by comparing the K, value for the acidic ion with 
the Kj, value for the basic ion. If the K, value for the acidic ion is larger than 
the K, value for the basic ion, the solution will be acidic. If the K, value is 
larger than the K, value, the solution is basic. When the K, and Kj, values are 
equal, the solution is neutral. These facts are summarized in Table 7.5. Table 
7.6 summarizes the acid-base properties of aqueous solutions of various salts. 


Table 7.6 


Acid-Base Properties of Aqueous Solutions of Various Types of Salts 
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Type of Salt Examples Comments pH of Solution 
Cation is from strong base; anion is from KCl, KNO3, Acts as neither an acid nor a base Neutral 

strong acid NaCl, NaNO, 

Cation is from strong base; anion is from NaC3H30), Anion acts as a base; cation has Basic 

weak acid KCN, NaF no effect on pH 

Cation is conjugate acid of weak base; NH,Cl, Cation acts as an acid; anion has Acidic 

anion is from strong acid NH,NO; no effect on pH 

Cation is conjugate acid of weak base; NH,C3H30), Cation acts as an acid; anion acts Acidic if K, > K,, 
anion is conjugate base of weak acid NH,CN as a base basic if K, > K,, 


neutral if K, = Ky 


Cation is highly charged metal ion; anion Al(NO3)3, FeCl, Hydrated cation acts as an acid; Acidic 


is from strong acid 


anion has no effect on pH 











WWL INTERACTIVE EXAMPLE 7.15 


Predict whether an aqueous solution of each of the following salts will be 
acidic, basic, or neutral. 


a. NH,C3H30, b. NH,CN Cc. Al,(SO4)3 


Solution 


a. The ions in solution are NH4* and C,H;0,-. As we mentioned previously, 
Ktfors NAA ds*5.6 <0". anda k;, fot" @,.O3™ 1985.6 al On on us. 
since K, for NH,4* is equal to K, for C;H3O,-, the solution will be neutral 
(pH = 7). 

b. The solution will contain NH,* and CN~ ions. The K, value for NH," is 
5.64 100 sand 


K,, 
K, (for HCN) 





K, (tor CN) = SHG 10m 
Since K, for CN~ is much larger than K, for NH4*, this solution will be 
basic. 

c. The solution will contain Al(H,O),?* and $O,?~ ions. The K, value for 
Al(H,O),¢3* is 1.4 X 107°, as given in Example 7.14. We must calculate K, 
for SO4?~. The HSO4~ ion is the conjugate acid of SO4*~, and its K, value is 
K,, for sulfuric acid, or 1.2 X 10+. Therefore, 





K 
2-) = ~ 
K, (for SO4°) K,, (for sulfuric acid) 
1.0 x10 3 
Se ee ee 
tee O ee oe : 


This solution will be acidic, since K, for Al(H,O),3* is much greater than Ky 
fomSOuny. 


We have seen that it is possible to make a qualitative prediction of the 
acidity or basicity of an aqueous solution containing a dissolved salt. We also 
can give a quantitative description of these solutions by using the procedures 
we have developed for treating acid-base equilibria. Example 7.16 illustrates 
this technique. 
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Calculate the pH of a 0.100 M solution of NH4CN. 
Solution The major species in solution are 
NH”, GINS, and H,0 
The familiar reactions involving these species are 
NH,*(aq) === NH(aq) + H*(aq) K, =5.6 x40 
CNT (aa) 1 O()) == HGN(aq) + Ol (aq) Kp 6 10m 
HOU) Hj0() == H307 (ag) -— OF: (aq) Kop eoli0x 21 aes 


However, noting that NH,* is an acid and CN" is a base, it is also sensible 
to consider the reaction 


NHy,* (aq) + CN7 (aq) == HCN(aq) + NH3(aq) 





To evaluate the importance of this reaction, we need the value of its equilib- 
rium constant. Note that 


[NH3]IHCN] _ [H*][NHs] [HCN] 











K = = i ac = 
[NEGSICN@]-s(NEQ* |  THGN=) 
= K,(NH,') X ee 
Wess; K, (HCN) 
Thus the value of the equilibrium constant we need is 
3 ES —=10 
x — Ka(NHs") _ 5.6 10 5.90 


KM(HIGN). 1 6.2 < 10 © 


Notice that this equilibrium constant is much larger than those for the other pos- 
sible reactions. Thus we expect this reaction to be dominant in this solution. 
Following the usual procedures, we have the concentrations listed below. 


Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[NH,4*]o = 0.100 [NH,4*] = 0.100 — x 
[CN7]o = 0.100 GNe Os 00-2 
[NH3]o = 0 [NH] =x 
[HCN] = 0 [HCN] = x 
pe: 
Then K = 0.90 = ————— 
(0.100 — x)? 
Taking the square root of both sides yields 
x 
UE DC 
QUO >: 


and 
x = 4.9 X 10°7 M = [NH3] = [HCN] 


Notice that the reaction under consideration does not involve Ht or OH 
directly. Thus, to obtain the pH, we must consider the position of the HCN or 
NH,* dissociation equilibrium. For example, for HCN 


[H*][CN7] 


K, = 6.2 X 107 = 
; [HCN] 
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From the preceding calculations, 
[CN] = 0.100 — x = 0.100 — 0.049 = 0.051 M 
[HCN] = x = 4.9 x 10°7M 
Substituting these values into the K, expression for HCN gives 
[H*] = 6.0 x 10°'° M 
and 
pH = 9.22 


Note that this solution is basic, just as we predicted in Example 7.15. 





7.9 | Acid Solutions in Which Water Contributes 


In the typical case involving a weak 
acid HA in water, the [H*] produced by 
the acid is much greater than that pro- 
duced by water, so 
[H*] = [H*}ua + [H*]q 
= [H*]ua 
The HA and H:0 are simultaneously in 


equilibrium, but in this case we can 
ignore water as a source of H 


to the H* Concentration 


In most solutions containing an acid, we can assume that the acid dominates in 
the production of H* ions. That is, we typically can assume that the acid pro- 
duces so much H* in comparison with the amount of H* produced by water 
that water can be ignored as a source of H*. However, in certain cases water 
must be taken into account when the pH of an aqueous solution is calculated. 
For example, consider a 1.0 X 1074 M solution of a very weak acid HA 
(K, = 1.0 X 107?!°). A quick calculation shows that if water is ignored, the [H*] 
produced by this acid is 1.0 X 107-7 M. This value cannot be the correct [H*] in 
this solution at equilibrium because in pure water [H*] = 1.0 X 1077 M. In this 
instance perhaps the thing to do to get the total [H*] is to add the two H* 
concentrations: 


OGIO? M10 10s Vi 20 Oma 
f t 


From From 
10°*M HA H,O 


However, this procedure is not correct because the two sources of H* will 
affect each other. That is, because both of the reactions 


H,O0(/) == H*(aq) + OH (aq) 
HA(aq) == H*(aq) + A (aq) 





involve H*, the equilibrium position of each will be affected by the other. Thus 
we must solve these equilibria simultaneously. This procedure will lead to a 
concentration of H* such that 


OSs M2 [|= 2.0 100M 
Note that in these two equilibria there are four unknown concentrations: 
EA ee OLig SC VaHA), “sand © Par 


To solve for these concentrations, we need four independent equations that 
relate them. Two of these equations are provided by the two equilibrium 
expressions: 

[H™ILAT] 


[HA] 





K,, = [H*][OH ] and K,= 


A third equation can be derived from the principle of charge balance: The 
positive and negative charges carried by the ions in an aqueous solution must 
balance. That is, the “concentration of positive charge” must equal the “con- 
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This expression conserves A. 


See Appendix A1.4 for information on 
using successive approximations. 


centration of negative charge.” In this case H* is the only positive ion, and the 
negative ions are A~ and OH. Thus the charge balance expression 1s 
ES el Ona 


Another relationship can be obtained by recognizing that all the HA origi- 
nally dissolved must be present at equilibrium as either A~ or HA. This obser- 
vation leads to the equation 


[HA]o = [HA] + [A™] 


Original concentration 


of HA dissolved 


which is called the material balance equation. 
These four equations can be used to derive an equation involving only 
[H*]. We will start with the K, expression, 


EE IAS] 
Aa = “THAI 


and use the other relationships to express [A~] and [HA] in terms of [H™]. 
Recall that the charge balance equation is 


Ne Pet Weel is ot Cs ed 
Using the K, expression, we have 


Ww 


[Ons ye fH 





oat 


and the charge balance equation becomes 


ke K 


Hebe) a5 aa. [A 








This equation gives [A] in terms of [H*]. 
The material balance equation is 


[EEA Joo -[ELA] (As) cory THIA) ={EA}y— 755] 





| COU" Mae 2 
Since [A] = [H*] HW] 
we have [HA] = [HA] - (tH) - a 


Now we substitute the expressions for [A~] and [HA] into the K, 
expression: 











oS cial eee Ke 
eg aialtstal a (GC . my) es 
sel alta Eiji fo _ {HT = Ky 
[HA] (tH ] ah) [HA] as 


This expression permits the calculation of the [H*] in a solution containing a 
weak acid. That is, it gives the correct [H*] for any solution made by dissolving 
a weak acid in pure water. 

The equation can be solved by simple trial and error or by the more sys- 
tematic method of successive approximations. Recall that the usual way of 
doing successive approximations is to substitute a guessed value of the variable 
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of interest ({H*] in this case) into the equation everywhere it appears except in 
one place. The equation is then solved to obtain a new value of the variable, 
which becomes the “guessed value” in the next round. The process is contin- 
ued until the calculated value equals the guessed value. 

Even though the full equation can be solved in this manner, the process is 
tedious and time-consuming. We would certainly like to use the simpler method 
(ignoring the contribution of water to the [H*]) whenever possible. Thus a key 
question arises: “Under what conditions can problems involving a weak acid 
be done in the simple way?” 

Notice that the term [H*]? — K,, appears twice in the full equation: 








Coe oe 
= (Hi? =k 
HA = 
[ lo [H*] 
Now, assume that the condition 
(H+? > K, 


applies, which means that 
[Et Kee TEs? 


Under this condition the full equation can be simplified as follows: 








ro Aare By [He z (Ht+P 
4 iLO Saks _ (HtP © (BA) = [H*] 
[HA], [H*] [HA ]o [H+] 
~ [HA], — x 


where x = [H*] at equilibrium. 

This is an important result: If [H*]? > K,,, the full equation reduces to the 
typical expression for a weak acid, which originates from ignoring water as a 
source of H*. Because uncertainties in K, values are typically greater than 1%, 
we can safely assume that “much greater than” means at least 100 times 
greater. Then since K, = 1.0 X 107", the [H*]? must be at least 100 x 107", 
or 10~!*, which corresponds to [H*] = 107°. Thus, if [H*] is greater than or 
equal to 10° M, the complicated question reduces to the simple equation— 
that is, you get the same answer by using either equation. 

How do we decide when we must use the complicated equation? The best 
way to proceed is as follows: Calculate the [H*] in the normal way, ignoring 
any contribution from HO. If [H*] from this calculation is greater than or 
equal to 10° M, the answer is correct—that is, the complicated equation will 
give the same answer. If the [H*] calculated from the simple equation is less 
than 10-6 M, you must use the full equation—that is, water must be considered 
as a source of H*. 


EXAMPLE 7.17. 


Calculate the [H*] in 


an 0.0 VHENITK, = 6.2% 10>"). 
bet010 “MCN (kK, = 6.2, x 10"). 
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Solution 


a. First, do the weak acid problem the “normal” way. This technique leads to 
the expression 
2 
Ms 
= Gale) 
Ox 1.0 


* = 2,5 X 10-5 M = [H*] 
Note that the [H*] from the dissociation of HCN is greater than 10° M, so 
we are finished. Water makes no important contribution to the [H*] in this 
solution. 


b. First, do the weak acid problem the “normal” way. This procedure leads to 
the expression 





ee ne 


Wei =~ Ox 1 





Ke 62 10s = 


2S 10a IM 


In this very dilute solution of HCN, the [H*] from HCN alone is less than 
10-° M, so the full equation must be used to obtain the correct [H~] in the 
solution: 


[H*? - 107" 
[H*? - 10" 
7] 


Gis LOR Ke 








1010s" — 


We will now solve for [H*] by use of successive approximations. First we 
must determine a reasonable guess for [H*]. Note from the preceding simple 
calculation that [H*], ignoring the contribution from water, is 2.5 X 1077 M. 
Will the actual [H*] be larger or smaller than this value? It will be a little larger 
because of the contribution from HO. So a reasonable guess for [H™] is 
3:0 105 =M. 

We now substitute this value for [H*] into the denominator of the equa- 
tion, to give 


te PO 10- 
B.0DC10- 77 = 1.0 S16" 
3.0'< 10°" 


K, = 6.2 X 10719 = 








1.0ex 05" 


Lit Foead 0. < 10-4 
1, OGK 10S 2°67 A104 





622 10 12 = 


Now, rearrange this equation so that a value for [H*] can be calculated: 
(|= 62x 103 = 1066. x 10° 1040-4] 
Sahel Ogre 


[AAO 10 68x 16-7 


Recall that the original guessed value of [H*] was 3.0 X 1077. Since the 
calculated value and the guessed value do not agree, use 2.68 X 1077 as the 
new guessed value: 





ee IHF — 10x 10°" 
‘ ont Agee (2.63 10s) a 1.0) 106s 
2.68 <107 
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Solving for [H*], we have 
LE 268 x0 = 2.7 x10 


Since the guessed value and the newly calculated value agree, this answer is 
correct, and it takes into account both contributors to [H*] (water and HCN). 
Thus for this solution, 





pH = —log(2.7 X 1077) = 6.57 


As you followed the preceding procedure, you may have noticed that there 
was an opportunity to simplify the math, but we did not take advantage of it. 
Note that the term 


occurs in the denominator of the overall equation. Because [H*] will be be- 
tween 10° and 1077 (otherwise, we would be using the simple equation), we 
can see that the value of the term 
ieee 
[Et 

will be between 0 (if [H+] = 1077 M) and 10~° (if [H*] = 10~° M). Thus, if 
[HA]) > 2 X 107 M in a given acid solution, then 

We tale eI 











[HA ]p a [H*] me [I 1A |p 
within the limits of the 5% rule. Under these conditions the equation 
H*P-—K 
pee 
HA - 
[ lo [H* | 
becomes 
H*?P-K 
po alike 
[HA] 
which can be readily solved for [H*]: 
Note that this equation gives the same [H* ] = VK,[HA] pak 
z eh SOR Se This simplified equation applies to all cases except for very dilute weak acid 
>Quati . 


solutions. 
We will now summarize the conclusions of this section. 


The pH Calculations for an Aqueous Solution of a Weak Acid HA 
(Major Species HA and HO) 





1. The full equation for this case is 





2. When the weak acid by itself produces [H*] = 10~° M, the full equation becomes 
Ht 2! 
eal ole T 
[HA], — [H*] 
This corresponds to the typical weak acid case. 


Continued 
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3. When 
LE = Koy 
HA], > = 
the full equation becomes 
fel ke 
K, = 
[HA |p 


which gives 





7.10 | 


Strong Acid Solutions in Which Water 
Contributes to the H* Concentration 


Although in a typical strong acid solution (for example, 0.1 M HCl) the [H™] 
is determined by the amount of strong acid present, there are circumstances in 
which the contribution of water must be taken into account. For example, 
consider a 1.0 X 10-7 M HNO; solution. For this very dilute solution, the 
strong acid and the water make comparable contributions to [H™~] at equilib- 
rium. Because the H* from HNO; will affect the position of the water equilib- 
rium, the total [H*] in this solution will not be simply 1.0 x 1077 M+ 
1.0 x 10-7 M = 2.0 X 10-7 M. Rather, [H*] will be between 1.0 X 10-7 M 
and 2.0 x 10-7 M. We can calculate the exact [H*] by using the principle of 
charge balance: 


[Positive charge] = [negative charge] 
In this case we have 
fet] (NOG Fs Or] 


which, from K,, = [H*][OH™], can be written as 





or 


The fact that the solution contains 1.0 X 10-7 M HNO; means that [NO;7] = 
1.0 X 10°’ M. Inserting this value, we can solve the preceding equation to give 
[H*] = 1.6 x 10-7 M. 

This approach applies for any strong acid (although it is unnecessary for 
more typical concentrations). It can also be adapted to calculate the pH of a 
very dilute strong base solution. (Try your hand at this problem by calculating 
the pH of a 5.0 X 10-§ M KOH solution.) 





7.11 | 


Strategy for Solving Acid-Base Problems: 
A Summary 


In this chapter we have encountered many different situations involving aque- 
ous solutions of acids and bases, and in the next chapter we will encounter still 
more. In solving for the equilibrium concentrations in these aqueous solutions, 
you may be tempted to create a pigeonhole for each possible situation and to 
memorize the procedures necessary to deal with each particular situation. This 
approach is just not practical and usually leads to frustration: Too many pi- 





7.11 Strategy for Solving Acid-Base Problems: A Summary 281 


geonholes are required, because there seems to be an infinite number of cases. 
But you can handle any case successfully by taking a systematic, patient, and 
thoughtful approach. When analyzing an acid—base equilibrium problem, do 
not ask yourself how a memorized solution can be used to solve the problem. 
Instead, ask yourself this question: “What are the major species in the solution, 
and how does each behave chemically?” 

The most important part of doing a complicated acid-base equilibrium 
problem is the analysis you do at the beginning of a problem: 


Which major species are present? 
Does a reaction occur that can be assumed to go to completion? 
Which equilibrium dominates the solution? 


Let the problem guide you. Be patient. 
The following steps outline a general strategy for solving problems involv- 
ing acid—base equilibria. 


Solving Acid-Base Equilibria Problems 


1 List the major species in solution. 


2 Look for reactions that can be assumed to go to completion, such as a 
strong acid dissociating or H* reacting with OH~. 


3 Fora reaction that can be assumed to go to completion: 
a. Determine the concentrations of the products. 
b. Write down the major species in solution after the reaction. 


4 Look at each major component of the solution, and decide whether it is an 
acid or a base. 


5 Pick the equilibrium that will control the pH. Use known values of the dis- 
sociation constants for the various species to determine the dominant 
equilibrium. 

a. Write the equation for the reaction and the equilibrium expression. 

b. Compute the initial concentrations (assuming that the dominant equi- 
librium has not yet occurred—for example, there has been no acid 
dissociation). 

ce Dehnex: 

d. Compute the equilibrium concentrations in terms of x. 

e. Substitute the concentrations into the equilibrium expression, and solve 
for x. 

f. Check the validity of the approximation. 

g. Calculate the pH and other concentrations as required. 


Although these procedures may seem somewhat cumbersome, especially 
for simpler problems, they will become increasingly helpful as the aqueous 
solutions become more complicated. If you develop the habit of approaching 
acid—base problems systematically, the more complex cases will be much easier 
to manage. 
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Key Terms For Review 
Section 7.1 OWL ang (SOUT 


Arrhenius concept 

Bronsted—Lowry model 

hydronium ion 

conjugate base 

conjugate acid 

conjugate acid-base pair 

acid dissociation constant 

Section 7.2 

strong acid 

weak acid 

diprotic acid 

oxyacid 

organic acid 

carboxyl group 

monoprotic acid 

amphoteric substance 

autoionization 

ion-product (dissociating) 
constant 

Section 7.4 

major species 

Section 7.5 

percent dissociation 


Section 7.6 
strong bases 
slaked lime 
lime-soda process 
weak bases 
amine 

Section 7.7 
polyprotic acid 
triprotic acid 


Section 7.8 
salt 


Section 7.9 
charge balance 
material balance equation 





Sign in at www.cengage.com/ow/l to: 

e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 


Models for acids and bases 
a Arrhenius model 
s Acids produce H* in solution 
a Bases produce OH™ in solution 
= Bronsted—Lowry model 
a An acid is a proton donor 
a A base is a proton acceptor 
w In this model an acid molecule reacts with a water molecule, which 
behaves as a base: 


HA(aq) + H,O(/) == H30*(aq) + A“ (aq) 
Acid Base Conjugate Conjugate 
acid base 


to form a new acid (conjugate acid) and a new base (conjugate base). 
a Lewis model 
a A Lewis acid is an electron-pair acceptor 
a A Lewis base is an electron-pair donor 


Acid-base equilibrium 

a The equilibrium constant for an acid dissociating (ionizing) in water is 
called K, 

w The K, expression is 


nia (HAT 
which is often simplified as 
BATA, | 
Ae THA] 


mw [H,O] is never included because it is assumed to be constant 


Acid strength 
a A strong acid has a very large K, value 
w The acid completely dissociates (ionizes) in water 
a The dissociation (ionization) equilibrium position lies all the way to 
the right 
m Strong acids have very weak conjugate bases 
a The common strong acids are nitric acid [HNO3(aq)], hydrochloric acid 
[HCl(aq)], sulfuric acid [H,SO(aq)], and perchloric acid [HC1O,(aq)] 
a A weak acid has a small K, value 
s The acid dissociates (ionizes) to only a slight extent 
a The dissociation (ionization) equilibrium position lies far to the left 
a Weak acids have relatively strong conjugate bases 
a Percent dissociation of a weak acid 


amount dissociated (mol/L) 


% dissociation = 
initial concentration (mol/L) 





x 100% 


a The smaller the percent dissociation, the weaker the acid 
# Dilution of a weak acid increases its percent dissociation 
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Autoionization of water 
s Water is an amphoteric substance: it behaves as both an acid and a base 
a Water reacts with itself in an acid-base reaction 


H,O(/) + H,O(/) == H;30*(aq) + OH“ (aq) 
which leads to the equilibrium expression 
K, = [H30°][OH™] or [H*][OH™] = K,, 


m K, is the ion-product constant for water 
a At 25°C in pure water [H*] = [OH] = 1.0 X 107’, so K,, = 1.0 X 
L072 
a Acidic solution: [H*] > [OH7] 
# Basic solution: [OH] > [H*] 
a Neutral solution: [H*] = [OH~} 


The pH scale 
a pH = —log [H*] 
w Since pH is a log scale, the pH changes by 1 for every 10-fold change 
in [H*] 
w The log scale is also used for [OH™] and for K, values 
pOH = —log[OH ] 
pK, = —logk, 


Bases 
a Strong bases are hydroxide salts, such as NaOH and KOH 
a Weak bases react with water to produce OH~ 


B(aq) + H,O()) == BH* (aq) + OH (aq) 
w The equilibrium constant for this reaction is called K, where 
Nee [BH* ][OH] 
[B] 


a In water a base B is always competing with OH’ for a proton (H*), 
so Ky values tend to be very small, thus making B a weak base (com- 
pared to OH) 


Polyprotic acids 
a A polyprotic acid has more than one acidic proton 
s Polyprotic acids dissociate one proton at a time 
a Each step has a characteristic K, value 
a Typically for a weak polyprotic acid, Ky, > Ky, > Ka, 
w Sulfuric acid is unique 
It is a strong acid in the first dissociation step (K,, is very large) 
w It is a weak acid in the second step 


Acid-base properties of salts 
= Can produce acidic, basic, or neutral solutions 
a Salts that contain: 
= Cations of strong bases and anions of strong acids produce neutral 


solutions 

a Cations of strong bases and anions of weak acids produce basic 
solutions 

a Cations of weak bases and anions of strong acids produce acidic 
solutions 


a Acidic solutions are produced by salts containing a highly charged 
metal cation—for example, Al’* and Fe?* 
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Solutions for which water contributes significantly to the H* concentration 
a Weak acid solutions 








Discussion Questions 


= Strong acid solutions 
a Charge balance 
a (H*] = [A] + [OH] 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


£ 


Consider two beakers of pure water at different tempera- 
tures. How do their pH values compare? Which is more 
acidic? More basic? Explain. 


. Differentiate between the terms strength and concentra- 


tion as they apply to acids and bases. When is HCl 
strong? Weak? Concentrated? Dilute? Answer the same 
questions for ammonia. 


. Sketch two graphs: (a) percent dissociation of weak acid 


HA versus initial concentration of HA ({HA]o), and 
(b) H* concentration versus [HA]. Explain both. 


. Consider a solution prepared by mixing a weak acid HA 


and HCl. What are the major species? Explain what is 
occurring in solution. How would you calculate the pH? 
What if you added NaA to this solution? Then added 
NaOH? 


. Explain why salts can be acidic, basic, or neutral, and 


show examples. Do so without specific numbers. 


. Consider two separate aqueous solutions: one of a weak 


acid HA and one of HCl. Assuming you started with 

10 molecules of each: 

a. Draw a picture of what each looks like at equilibrium. 

b. What are the major species in each beaker? 

c. From your pictures, calculate the K, values of each 
acid. 

d. Order the following from strongest to weakest base: 
H,0, A’, and Cl-. Explain your sequence. 


You are asked for the H* concentration in a solution of 
NaOH(aq). Because sodium hydroxide is a strong base, 
can we say there is no H“, since having H* would imply 
that the solution is acidic? 


. Consider a solution prepared by mixing equal moles of a 


weak acid HA, HCl, and NaA. Which of the following 

best describes what happens? 

a. The H* from the HCl reacts completely with the A~ 
from the NaA. Then the HA dissociates to some 
extent. 


10. 


iit. 


OR 


b. The H* from the HCl reacts with the A~ from the 
NaA to make HA, whereas the HA is dissociating. 
Eventually you have equal amounts of everything. 

c. The H* from the HCI reacts with the A~ from the 
NaA to make HA, whereas the HA is dissociating. 
Eventually all the reactions have equal rates. 

d. The H* from the HCl reacts completely with the A~ 
from the NaA. Then the HA dissociates until “too 
much” H* and A~ are formed, so the H* and A7™ 
react to form HA, and so on. Eventually equilibrium 
is reached. 


Justify the best choice. For those you did not choose, 
explain why they are incorrect. 


. Consider a solution formed by mixing 100.0 mL of 


0.10 M HA (K, = 1.0 X 107°), 100.0 mL of 0.10 M 
NaA, and 100.0 mL of 0.05 M HCI. In calculating the 
pH for the final solution, you would make some assump- 
tions about the order in which various reactions occur to 
simplify the calculations. State these assumptions. Does 
it matter whether the reactions actually occur in the as- 
sumed order? Relate this to Question 8. Explain. 


A certain sodium compound is dissolved in water to lib- 
erate Na* ions and a particular negative ion. What evi- 
dence would you look for to determine whether the an- 
ion is behaving as an acid or a base (without measuring 
the pH of the solution)? Explain how the anion could 
behave simultaneously as an acid and a base. 


Acids and bases can be thought of as chemical opposites 
(acids are proton donors, and bases are proton accep- 
tors). Therefore, one might think that K, = 1/K,. Why 
isn’t this the case? What is the relationship between K, 
and Kj? Prove it with a derivation. 


You have two solutions of the salts NaX(aq) and 
NaY (aq) at equal concentrations. What would you need 
to know to determine which solution has the higher pH? 
Explain how you would decide (perhaps even provide a 
sample calculation). 


. Is the conjugate base of a weak acid a strong base? Ex- 


plain. Explain why Cl does not affect the pH of an 
aqueous solution. 


14. 


Match the following pH values: 1, 2, 5, 6, 6.5, 8, 11, 11, 
and 13 with the following chemicals (of equal concentra- 
tion): HBr, NaOH, NaF, NaCN, NH,F, CH3;NH3F, HF, 
HCN, and NH3. Answer this question without perform- 
ing calculations. 
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The salt BX, when dissolved in water, produces an acidic 
solution. Which of the following could be true? (There 
may be more than one correct answer.) 

a. The acid HX is a weak acid. 

b. The acid HX is a strong acid. 

c. The cation B* is a weak acid. 

Explain. 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Nature of Acids and Bases 


16. Consider the autoionization of liquid ammonia: 


Le: 


@:.2 
a+ oO 


18. 


19, 


20. 


0:00-0:00 


Label each of the species in the equation as an acid or a 
base and explain your answer. 


The following are representations of acid—base reactions: 


0: @ 


a. Label each of the species in both equations as an 
acid or a base and explain. 

b. For those species that are acids, which labels apply: 
Arrhenius acid and/or Brensted-Lowery acid? What 
about the bases? 





Consider the following statements. Write out an exam- 

ple reaction and K expression that are associated with 

each statement. 

a. The autoionization of water. 

b. An acid reacts with water to produce the conjugate 
base of the acid and the hydronium ion. 

c. A base reacts with water to produce the conjugate 
acid of the base and the hydroxide ion. 


For each of the following aqueous reactions, identify the 

acid, the base, the conjugate base, and the conjugate 

acid. 

a. H,O + H,CO; = — H3;0* + HCO37 

b. CsH;NH* + H,O = = C;H;N + H30* 

c. HCO;~ + C;sH;NH* == H)CO; + CsHsN 

Write balanced equations that describe the following 

reactions. 

a. The dissociation of perchloric acid in water. 

b. The dissociation of propanoic acid (CH;CH,CO;H) 
in water. 

c. The dissociation of ammonium ion in water. 


24. 


i) 
Nn 


26. 





. Write the dissociation reaction and the corresponding K, 


equilibrium expression for each of the following acids in 
water. 
a. HC,H;30, 


b. Co(H20).3* ec. CH3NH;3* 


. Classify each of the following as a strong acid or a weak 
acid. 








Which beaker best illustrates what happens when the 
following acids are dissolved in water? 


a. HNO; d. HE 
b. HNO, c. HC3H;30) 
e HCl 


Write the reaction and the corresponding K, equilibrium 
expression for each of the following substances (acting 
as bases in water). 

a. NH; c. pyridine, C;H;N 

DaONs al. aniline, C,H;NH)> 


. Use Table 7.2 to order the following from the strongest 


to the weakest acid. 


HClO;, HO; NHyt (HClO, 


Use Table 7.2 to order the following from the strongest 
to the weakest base. 


ClOvm, H,0, NH, ClO47 


. You may need Table 7.2 to answer the following 


questions. 

a. Which is the stronger acid, HCl or H,O? 

b. Which is the stronger acid, HO or HNO;? 

c. Which is the stronger acid, HCN or HOC,HS? 
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28. You may need Table 7.2 to answer the following b. What is the pH of pure water at 50.°C? 
questions. c. From a plot of In(Ky) versus 1/T (using the Kelvin 
a. Which is the stronger base, Cl” or HO? scale), estimate K,, at 37°C, normal physiological 
b. Which is the stronger base, HxO or NO,~? temperature. 
c. Which is the stronger base, CN~ or OC,H;7? d. What is the pH of a neutral solution at 37°C? 
29. Consider the reaction of acetic acid in water 33. At 40.°C the value of K,, is 2.92 x 10~™. 
er. > ta a. Calculate the [H*] and [OH] in pure water at 40.°C. 
OE TO (OREO ACR Ieee) Mae b. What is the pH of pure water at 40.°C? 
where K, = 1.8 X 107°. c. If the hydroxide ion concentration in a solution is 
a. Which two bases are competing for the proton? 0.10 M, what is the pH at 40.°C? 
b. Which is the stronger base? 34. Give the conditions for a neutral aqueous solution at 
c. In light of your answer to part b, why do we classify 25°C, in terms of [H*], pH, and the relationship between 
the acetate ion (CH3CO} ) as a weak base? Use an [H*] and [OH -]. Do the same for an acidic solution and 
appropriate reaction to justify your answer. for a basic solution. As a solution becomes more acidic, 
30. In general, as base strength increases, conjugate acid what happens to pH, pOH, [H*], and [OH]? As a solu- 
strength decreases. Explain why the conjugate acid of tion becomes more basic, what happens to pH, pOH, 
the weak base NH; is a weak acid. [H*], and [OH]? 
31. Classify each of the following as a strong acid, weak 35. Calculate the [H*] of each of the following solutions at 
acid, strong base, or weak base in aqueous solution. 25°C. Identify each solution as neutral, acidic, or basic. 
a. HNO; O a. [OH] =1.5 M 
b. HNO; belOH- |= 462010 
c. CH3NH) et C—O ¢. (OH | =1:0'K 10-7 M 
d. NaOH h. Ca(OH), d. [OH-] = 7.3 x 10-4M 
e. NH; i. H)SO4 Also calculate the pH and pOH of each of these solutions. 
eles 36. Calculate the [OH™] of each of the following solutions at 
Autoionization of Water and pH Scale 25°C. Identify each solution as neutral, acidic, or basic. 
a. [H*] = 1.0 x 10-7M 
32. Values of K,, as a function of temperature are as follows: b. [H+] = 8.3 x 10-16 M 
c. [H+] =12M 
Temp (°C) Ky, d. [H*] =5.4X 10M 
0 1.14 x 10-15 Also calculate the pH and pOH of each of these solutions. 
25 1.00 x 10-24 37. Calculate [H*] and [OH™] for each solution at 25°C. 
35 2.09 x 107-4 Identify each solution as neutral, acidic, or basic. 
40. 292 10=14 a. pH = 7.40 (the normal pH of blood) 
50. 5.47 x 10-14 b. pH = 15.3 
oy job — 10) 
a. Is the autoionization of water exothermic or d. pH = 3.20 
endothermic? e. pOH = S.0 
f, pOH = 9.60 
38. Fill in the missing information in the following table. 
Acidic, Basic, 
pH pOH [H*] [OH] or Neutral? 
Solution a 9.63 =s 
Solution b ipsa as 3.9 X 107° M Say 
Solution c 0.027 M 
Solution d eS A122 = 
Solutions of Acids 40. A solution is prepared by adding 50.0 mL of 0.050 M 
39, Calculate the pH of each of the following solutions of a eae uD pee of 0.10 M HI. Calculate [H*] and the 
strong acid in water. pH of this solution. HBr and HI are both considered 
a. 0.10 M HCl c. 1.0X 10-1! M HI strong acids. 
b. 5.0 M HClO, +1. How would you prepare 1600 mL of a pH = 1.50 solu- 


tion using concentrated (12 M) HCl? 


42, 


43. 


44, 


48. 


49, 


Sr 


54. 


What mass of HNO; is present in 250.0 mL of a nitric 
acid solution having a pH = 5.10? 


What are the major species present in 0.250 M solutions 
of each of the following acids? Calculate the pH of each 
of these solutions. 

a. HNO, b. CH3CO,H (HCI 1;Q,) 


What are the major species present in 0.250 M solutions 
of each of the following acids? Calculate the pH of each 
of these solutions. 


a. HOC,.Hs 





b. HCN 


. Calculate the concentration of all species present and the 


pH of a 0.020 M HF solution. 


. Calculate the percent dissociation for a 0.22 M solution 


of chlorous acid (HCIO>, K, = 1.2 X 1072). 


. The following illustration displays the relative number 


of species when an acid, HA, is added to water. 








a. Is HA a weak or strong acid? How can you tell? 

b. Using the relative numbers given in the illustration, 
determine the value for K, and the percent dissocia- 
tion of the acid. Assume the initial acid concentra- 
tion is 0.20 M. 


Monochloroacetic acid (HC,H>CI1O;) is a skin irritant 
that is used in “chemical peels” intended to remove the 
top layer of dead skin from the face and ultimately im- 
prove the complexion. The value of K, for monochloro- 
acetic acid is 1.35 X 107°. Calculate the pH of a 0.10 M 
solution of monochloroacetic acid. 


Calculate the pH of a 0.010 M solution of iodic acid 
(HIO3, K, = 0.17). 


. For propanoic acid (HC3;HsQ2, K, = 1.3 X 107°), deter- 


mine the concentration of all species present, the pH, 
and the percent dissociation of a 0.100 M solution. 


_ A solution is prepared by dissolving 0.56 g of benzoic 


acid (CgH;CO>H, K, = 6.4 X 107°) in enough water 
to make 1.0 L of solution. Calculate [C;H;CO,H], 
[CsH;CO~], [H*], [OH], and the pH of this solution. 


At 25°C a saturated solution of benzoic acid (see Exer- 
cise 51) has a pH of 2.80. Calculate the water solubility 
of benzoic acid in moles per liter and grams per 100. mL. 


. Atypical aspirin tablet contains 325 mg of acetylsalicylic 


acid (HCyH7O4). Calculate the pH of a solution that is 
prepared by dissolving two aspirin tablets in one cup 
(237 mL) of solution. Assume the aspirin tablets are pure 
acetylsalicylic acid, K, = 3.3 X 10°*. 

Calculate the pH of a solution that contains 1.0 M HF 
and 1.0 M HOG,Hs. Also calculate the concentration of 
OC,Hs~ in this solution at equilibrium. 


Sok 


56. 


“1 
~] 


58. 


60. 


Gil 


62. 
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Calculate the pH of each of the following. 

a. a solution containing 0.10 M HCl and 0.10 M 
HOCI 

b. a solution containing 0.050 M HNO; and 0.50 M 
HC,H30, 

A 0.15 M solution of a weak acid is 3.0% dissociated. 

Calculate K,. 


. An acid HX is 25% dissociated in water. If the equilib- 


rium concentration of HX is 0.30 M, calculate the K, 
value for HX. 


Calculate the percent dissociation of the acid in each of 

the following solutions. 

a. 0.50 M acetic acid 

b. 0.050 M acetic acid 

c. 0.0050 M acetic acid 

d. Use Le Chatelier’s principle to explain why percent 
dissociation increases as the concentration of a weak 
acid decreases. 

e. Even though the percent dissociation increases from 
solutions a to c, the [H*] decreases. Explain. 


. The pH of a 1.00 X 10 M solution of cyanic acid 


(HOCN) is 2.77 at 25°C. Calculate K, for HOCN from 
this result. 


Trichloroacetic acid (CCl;CO>H) is a corrosive acid that 
is used to precipitate proteins. The pH of a 0.050 M so- 
lution of trichloroacetic acid is the same as the pH of a 
0.040 M HCl1O, solution. Calculate K, for trichloroace- 
tic acid. 


A typical sample of vinegar has a pH of 3.0. Assuming 
that vinegar is only an aqueous solution of acetic acid 
(K, = 1.8 X 10~°), calculate the concentration of acetic 
acid in vinegar. 

You have 100.0 g of saccharin, a sugar substitute, and 
you want to prepare a pH = S.7S solution. What vol- 
ume of solution can be prepared? For saccharin 
(HC7H4NSO;), pK, = 11.70 (pK; = —log K,). 


Solutions of Bases 


63. 


64. 


66. 


Using Table 7.3, order the following bases from stron- 
gest to weakest. 


NO; , H,O, NH, and C;sH;N 


Using Table 7.3, order the following acids from stron- 
gest to weakest. 


HNO;, H,0, NH,*, and CsH;NH~ 


. Use Table 7.3 to help answer the following questions. 


a. Which is the stronger base, ClO,” or CsHsNH)? 

b. Which is the stronger base, HyO or CgH;NH>? 

c. Which is the stronger base, OH” or CgHsNH)>? 

d. Which is the stronger base, Cs Hs NH» or CH;NH)? 


Use Table 7.3 to help answer the following questions. 

a. Which is the stronger acid, HCiO4 or CsH;NH3*? 

b. Which is the stronger acid, HyO or CsH;NH3*? 

c. Which is the stronger acid, CsH;NH3* or CH3;NH3*? 
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67 


68. 


69. 


70. 
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oe 


74. 


76. 


. 
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Calculate the pH of the following solutions. 
a. 0.10 M NaOH c. 2.0 M NaOH 
b. 2.0% 10° M NaOH 


Calculate [OH], pOH, and pH for each of the following. 
a. 0.00040 M Ca(OH), 

b. a solution containing 25 g of KOH per liter 

c. a solution containing 150.0 g of NaOH per liter 


Calculate the concentration of an aqueous Ba(OH), so- 
lution that has pH = 10.50. 


What mass of KOH is necessary to prepare 800.0 mL of 
a solution having a pH = 11.56? 


For the reaction of hydrazine (N2H4,) in water. 
H,NNH;(aq) + H,O(/) == H.NNH3*(aq) + OH (aq) 


K, is 3.0 X 10°. Calculate the concentrations of all species 
and the pH of a 2.0 M solution of hydrazine in water. 


Calculate the percentage of pyridine (CsHsN) that forms 
pyridinium ion, CsH;NH*, in a 0.10 M aqueous solu- 
tion of pyridine (K, = 1.7 X 107°). 

The presence of what element most commonly results in 
basic properties for an organic compound? What is pres- 
ent on this element in compounds that allows it to accept 
a proton? 


Calculate [OH™], [H*], and the pH of 0.40 M solutions 
of each of the following amines (the Kj, values are found 
in Table 7.3). 


a. aniline b. methylamine 


.. Calculate the pH of a 0.20 M C,H;NH) solution (K, = 


DEOn Oma): 


Calculate the pH of a 0.050 M (C,Hs)2NH solution 
(Kips 102). 

Codeine is a derivative of morphine that is used as an 
analgesic, narcotic, or antitussive. It was once commonly 
used in cough syrups but is now available only by pre- 
scription because of its addictive properties. The formula 
of codeine is CjgH2,;NO3, and the pK, is 6.05. Calculate 
the pH of a 10.0-mL solution containing 5.0 mg of co- 
deine (pK, = —log K,). 

A codeine-containing cough syrup lists codeine sulfate as 
a major ingredient instead of codeine. The Merck Index 
gives C36H44N ,Oj40S as the formula for codeine sulfate. 
Describe the composition of codeine sulfate (see Exercise 
77). Why is codeine sulfate used instead of codeine? 


What is the percent ionization in each of the following 
solutions? 

a. 0.10 M NH; 
b. 0.010 M NH; 


Quinine (Cy9H24N2O>) is the most important alkaloid 
derived from cinchona bark. It is used as an antimalarial 
drug. For quinine pK, = 5.1 and pK,, = 9.7 (pK, = 
—log Ky). Only 1.0 g of quinine will dissolve in 1900.0 
mL of solution. Calculate the pH of a saturated aqueous 
solution of quinine. Consider only the reaction 
Q+H,0 QH* + OH™ described by pKj,, where 
Q = quinine. 


c. 0.10 M CH3;NH; 








. The pH of a 0.016 M aqueous solution of p-toluidine 


(CH3;C,H4NH)) is 8.60. Calculate Ky. 


82. 


Calculate the mass of HONH; required to dissolve in 
enough water to make 250.0 mL of solution having a pH 
of 10,00 :(Kx=a e102"), 


Polyprotic Acids 


83. 


84. 


86. 


88. 


89, 
90. 


Write out the stepwise K, reactions for citric acid 
(H;C,H;O7), a triprotic acid. 

Consider a 0.10 M H,CO; solution and a 0.10 M H,SO,4 
solution. Without doing any detailed calculations, choose 
one of the following statements that best describes the 
[H*] of each solution and explain your answer. 

a. The [H*] is less than 0.10 M. 

b. The [H*] is 0.10 M. 

c. The [H*] is between 0.10 M and 0.20 M. 

d. The [H*] is 0.20 M. 


. Arsenic acid (H3AsQO,) is a triprotic acid with K,, = 5 x 


10-3, K,, = 8 X 10-8, and K,, = 6 X 10°". Calculate 
[H+], [OH-], [H;AsO,], [H,AsO,7], [HAsO,?-], and 
[AsO,?"] in a 0.20 M arsenic acid solution. 

Calculate [CO;*~] in a 0.010 M solution of CO, in water 
(H,CO>). If all the CO3*~ in this solution comes from the 
reaction 


HCO; (aq) =— H*(aq) + CO3*“(aq) 


what percentage of the H~ ions in the solution is a result 
of the dissociation of HCO; -? When acid is added to a 
solution of sodium hydrogen carbonate (NaHCQs), vig- 
orous bubbling occurs. How is this reaction related to 
the existence of carbonic acid (H,CO;3) molecules in 
aqueous solution? 


. A typical vitamin C tablet (containing pure ascorbic 


acid, HyCsH,O¢) weighs 500. mg. One vitamin C tablet 
is dissolved in enough water to make 200.0 mL of solu- 
tion. Calculate the pH of this solution. Ascorbic acid is a 
diprotic acid. 

Calculate the pH and [S?-] in a 0.10 M H5S solution. 
Assume K,,= 1.0.%:10>. Kz = 1.00410 7 

Calculate the pH of a 2.0 M solution of H,SOg. 
Calculate the pH of a 5.0 X 1073 M solution of H,SOx. 


Acid-Base Properties of Salts 


ils 


be 


33% 


Give three example solutions that fit each of the follow- 
ing descriptions. 

a. a strong electrolyte solution that is very acidic 

b. a strong electrolyte solution that is slightly acidic 

c. a strong electrolyte solution that is very basic 

d. a strong electrolyte solution that is slightly basic 

e. a strong electrolyte solution that is neutral 


Derive an expression for the relationship between pK, 

and pK, for a conjugate acid-base pair. 

Rank the following 0.10 M solutions in order of increas- 

ing pH. 

a. HI, HF, NaF, Nal 

b. NH,Br, HBr, KBr, NH; 

c. CesHsNH3NO3, NaNO3, NaOH, HOC,Hs, 
KOC,Hs, Cs H;NH2, HNO; 


94. 


25). 


96. 


97 


98. 


Arrange the following 0.10 M solutions in order from 
most acidic to most basic. 


CaBry, KNO,, HC104, HNO), HONH;CIOg,, 


and NH4NO> 


Are solutions of the following salts acidic, basic, or neu- 
tral? For those that are not neutral, explain why the so- 
lution is acidic or basic. The relevant K, and Kj, values 
are found in Tables 7.2, 7.3, and 7.4. 

a. Sr(NO3)> d. NH,C3H;30, 

b. C,H;NH3CN e. NaHCO, 

Cc. C;H;NHF 

Is an aqueous solution of NaHSO, acidic, basic, or neu- 


tral? What reaction occurs with water? Calculate the pH 
of a 0.10 M solution of NaHSOg. 


. Determine [OH™], [H*], and the pH of each of the fol- 


lowing solutions. 
a. 1.0M KCI b. 1.0 M KF 
Calculate the concentrations of all species present 


in a 0.25 M solution of ethylammonium chloride 
(C:HsNH3Cl). 


. A 0.050 M solution of the salt NaB has a pH of 9.00. 


Calculate the pH of a 0.010 M solution of HB. 


. Calculate the pH of each of the following solutions. 


a. 0.10 M CH;NH;Cl b. 0.050 M NaCN 


. Calculate the pH of each of the following solutions. 


a. 0.12 M KNO, 
b. 0.45 M NaOCl 


c. 0.40 M NH,Cl1O, 


. Sodium azide (NaN;) is sometimes added to water to kill 


bacteria. Calculate the concentration of all species in a 
0.010 M solution of NaN3. The K, value for hydrazoic 
acid (HN;3) is 1.9 x 107°. 
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An unknown salt is either NaCN, NaC,H;0), NaF, 
NaCl, or NaOCl. When 0.100 mole of the salt is dis- 
solved in 1.00 L of solution, the pH of the solution is 
8.07. What is the identity of the salt? 


Consider a solution of an unknown salt having the gen- 
eral formula BHCI, where B is one of the weak bases in 
Table 7.3. A 0.10 M solution of the unknown salt has a 
pH of 5.82. What is the actual formula of the salt? 
Calculate the pH of a 0.10 M solution of CoCl;. The K, 
value for Co(H,O),3* is 1.0 x 1075. 


Calculate the pH of a 0.200 M solution of C;H;NHF. 
Determine the pH of a 0.50 M solution of NH,OCI. 


Calculate the pH of a 0.10 M solution of sodium 
phosphate. 


Solutions of Dilute Acids and Bases 


HOD: 


OR 


Le 
iil. 
ills. 
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Using the assumptions we ordinarily make in calculating 
the pH of an aqueous solution of a weak acid, calculate 
the pH of a 1.0 X 10~° M solution of hypobromous acid 
(HBrO, K, = 2 X 10~’). What is wrong with your an- 
swer? Why is it wrong? Without trying to solve the prob- 
lem, tell what has to be included to solve the problem 
correctly. 


Calculate the pH of 4.0 X 107-° M phenol (K, = 1.6 X 
10-10), 


Calculate the pH of 5.0 X 10°* M HCN. 
Calculate the pH of 5.0 X 10°§ M HNO3. 
Calculate the pH of a 7.0 X 10-7 M HCI solution. 


Calculate the pH of a 1.0 X 1077 M solution of NaOH 
in water. 





115. 


iG: 
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Calculate the value for the equilibrium constant for each 
of the following aqueous reactions. 


a. NH; + H,0* == NH,* + H,O 

b. NO,” + H30* == HNO, + H,0 

c. NH,* + CH,;CO,- =—— NH; + CH;CO,H 
d. H;0* + OH” == 2H,O 

e. NH,* + OH~ == NH; + H20 


f. HNO, + OH” = — H;0 + NO,” 

A solution is prepared by adding 50.0 mL concentrated 
hydrochloric acid and 20.0 mL concentrated nitric acid 
to 300 mL water. More water is added until the final 
volume is 1.00 L. Calcuate [H*], [OH~], and the pH for 
this solution. [Hint: Concentrated HCl is 38% HCl (by 
mass) and has a density of 1.19 g/mL; concentrated 
HNO; is 70.% HNO; (by mass) and has a density of 
1.42 g/mL.] 

A 10.0-mL sample of an HCI solution has a pH of 2.000. 
What volume of water must be added to change the pH 
to 4.000? 

Phosphoric acid is a common ingredient in traditional 
cola drinks. It is added to provide the drinks with a 


inte} 


pleasantly tart taste. Although phosphoric acid is a tri- 
protic acid, its protons are lost one at a time. Assuming 
that in cola drinks the concentration of phosphoric acid 
is 0.007 M, calculate the pH in this solution. 


Hemoglobin (abbreviated Hb) is a protein that is respon- 
sible for the transport of oxygen in the blood of mam- 
mals. Each hemoglobin molecule contains four iron at- 
oms that are the binding sites for O) molecules. The 
oxygen binding is pH-dependent. The relevant equilib- 
rium reaction ts 


HbH,**(aq) + 402(g) === Hb(O>)4(aq) + 4H* (aq) 


Use Le Chatelier’s principle to answer the following. 

a. What form of hemoglobin, HbH,** or Hb(O )a, is 
favored in the lungs? What form is favored in the 
cells? 

b. When a person hyperventilates, the concentration of 
CQ, in the blood is decreased. How does this affect 
the oxygen-binding equilibrium? How does breath- 
ing into a paper bag help to counteract this effect? 
(See Exercise 120.) 
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c. When a person has suffered a cardiac arrest, injec- 
tion of a sodium bicarbonate solution is given. Why 
is this necessary? (Hint: CO, blood levels increase 
during cardiac arrest.) 


The pH of human blood is steady at a value of approxi- 
mately 7.4 owing to the following equilbrium reactions: 





CO,(aq) + H,O(/) == H,CO;(aq) —= HCO;-(aq) + H*(aq) 


psa le 


12 
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Acids formed during normal celluar respiration react 
with the HCO 3° to form carbonic acid, which is in equi- 
librium with CO (aq) and H,O(/). During vigorous exer- 
cise, a person’s HCO; blood levels were 26.3 mM, 
whereas his CO) levels were 1.63 mM. On resting, the 
HCO; levels declined to 24.9. What was the CO; blood 
level at rest? 


A solution is tested for pH and conductivity as pictured 
below: 





The solution contains one of the following substances: 
HCl, NaOH, NH4Cl, HCN, NH3, HF, or NaCNn. If the 
solute concentration is about 1.0 M, what is the identity 
of the solute? 


A 0.20 M sodium chlorobenzoate (NaC7H4ClO;) solu- 
tion has a pH of 8.65. Calculate the pH of a 0.20 M 
chlorobenzoic acid (HC7H,4CI1O;) solution. 


A 0.25-g sample of lime (CaO) is dissolved in enough 
water to make 1500 mL of solution. Calculate the pH of 
the solution. 


Isocyanic acid (HNCO) can be prepared by heating so- 
dium cyanate in the presence of solid oxalic acid accord- 
ing to the equation 


2NaOCN(s) + H2C204(s) — 2ZHNCO(/) + Na2C,O,(s) 


Upon isolating pure HNCO(/), an aqueous solution of 
HNCO can be prepared by dissolving the liquid HNCO 
in water. What is the pH of a 100.-mL solution of HNCO 
prepared from the reaction of 10.0 g each of NaOCN 
and H)C,O4, assuming all of the HNCO produced is dis- 
solved in solution? (K, of HNCO = 1.2 x 107+.) 


Papaverine hydrochloride (abbreviated papH*Cl-; mo- 
lar mass = 378.85 g/mol) is a drug that belongs to a 
group of medicines called vasodilators, which cause 
blood vessels to expand, thereby increasing blood flow. 
This drug is the conjugate acid of the weak base papav- 
erine (abbreviated pap; K, = 8.33 X 107? at 35.0°C). 
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Calculate the pH of a 30.0 mg/mL aqueous dose of 
papH*Cl- prepared at 35.0°C. (Ky at 35.0°C is 2.1 X 
arts) 

Acrylic acid (CH;=CHCO>H) is a precursor for many 

important plastics. (K, for acrylic acid is 5.6 X 10~°.) 

a. Calculate the pH of a 0.10 M solution of acrylic 
acid, 

b. Calculate the percent dissociation of a 0.10 M solu- 
tion of acrylic acid. 

c. Calculate the [H*] necessary to ensure that the 
percent dissociation of a 0.10 M solution of acrylic 
acid is less than 0.010%. 

d. Calculate the pH of a 0.050 M solution of sodium 
acrylate (NaC3H;O)). 


The equilibrium constant K, for the reaction 


Fe(H2O),?*(aq) + H,O(/) == 
Fe(H,O);(OH)** (aq) = H30* (aq) 


is 6.0 10 2, 

a. Calculate the pH of a 0.10 M solution of 
Fe(H,O),3*. 

b. Calculate the pH necessary for 99.90% of the 
iron(II) to be in the form Fe(H2O),?*. 

c. Willa 1.0 M solution of iron(II) nitrate have a 
higher or lower pH than a 1.0 M solution of iron(II) 
nitrate? Explain. 


How many moles of HCl(g) must be added to 1.0 L of 
2.0 M NaOH to achieve a pH of 0.00? (Neglect any vol- 
ume changes.) 


A solution contains a mixture of acids: 0.50 M HA 
(Ke 10 < 10) 30209 HB (Ka—0e 1 0m aad 
0.10 M HC (K, = 1.0 X 107"). Calculate the [H*] in 
this solution. 


One mole of a weak acid HA was dissolved in 2.0 L of 
solution. After the system had come to equilibrium, the 
concentration of HA was found to be 0.45 M. Calculate 
K, for HA. 


. Calculate [OH™] in a solution obtained by adding 


0.0100 mole of solid NaOH to 1.00 L of 15.0 M NH. 


Calculate the pH of an aqueous solution containing 
1.0 x10, M HCl, 1.0 X 1074.M, H2SO. sand 120 
10-* M HCN. 


A solution is made by adding 50.0 mL of 0.200 M acetic 
acid (K, = 1.8 X 107°) to 50.0 mL of 1.00 x 10-3 M 
HiGh 

a. Calculate the pH of the solution. 

b. Calculate the acetate ion concentration. 


Will 0.10 M solutions of the following salts be acidic, 
basic, or neutral? See Appendix 5 for K, values. 

a. ammonium bicarbonate 

b. sodium dihydrogen phosphate 

sodium hydrogen phosphate 

. ammonium dihydrogen phosphate 

e. ammonium formate 


a9 


. Citric acid (H3;Cs,Hs5O7) is a triprotic acid with K,,= 


8.4 10-4, K,,=1.8X 10-5, and Kj, = 4.0 x 10-6. 
Calculate the pH of 0.15 M citric acid. 


Challenge Problems 
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136. 


Les 


140. 


Consider 1000. mL of a 1.00 X 10-4 M solution of a 
certain acid HA that has a K, value equal to 1.00 X 1074, 
How much water must be added or removed (by evapo- 
ration) so that a solution remains in which 25.0% of HA 
is dissociated at equilibrium? Assume that HA is 
nonvolatile. 


a. The principal equilibrium in a solution of NaHCO; is 


HCO; (aq) alt COre (aq) == 
HCO (aq) + CO; (aq) 





Calculate the value of the equilibrium constant for 
this reaction. 

b. At equilibrium, what is the relationship between 
[H2CO3] and [CO37-]? 

c. Using the equilibrium 


H2CO3(aq) == 2H*(aq) + CO3?- (aq) 


and the result from part b, derive an expression for 
the pH of the solution in terms of K,, and Kee 
d. What is the pH of the solution of NaHCO;? 


. A typical solution of baking soda (sodium bicarbonate, 


NaHCO; ) has a pH that is independent of concentra- 
tion. The pH of a solution of sodium bisulfate (NaHSO,) 
does depend on the concentration. 

a. Explain why the pH of a typical solution of sodium 
bicarbonate is concentration-independent, whereas 
the pH of a solution of sodium bisulfate is 
concentration-dependent. 

b. What is the pH of a solution of NaHCO;? 

c. Determine the pH of a solution of 0.010 M NaHSOg. 


. Calculate the mass of sodium hydroxide that must be 


added to 1.00 L of 1.00 M HC;H30, to double the pH 
of the solution (assume that the added NaOH does not 
change the volume of the solution). 

A certain acid, HA, has a vapor density of 5.11 g/L when 
in the gas phase at a temperature of 25°C and a pressure 
of 1.00 atm. When 1.50 g of this acid is dissolved in 


Marathon Problems 


141. 


144. 


145. 


146. 


147. 


148. 


149, 
150. 


152. 


enough water to make 100.0 mL of solution, the pH is 
found to be 1.80. Calculate K, for HA. 

A 0.100 M solution of the salt BHX has a pH of 8.00, 
where B is a weak base and X~ is the anion of the weak 
acid HX. Calculate the K, value for HX if the Kj, value 
for Bis 1.0sx- 10-2, 


. Determine the pH of a 0.100 M solution of (NH4),C)O4. 


. An aqueous solution contains a mixture of 0.0500 M 


HCOOH (K, = 1-77 < 10) and 05150)M 
CH;CH,COOH (K, = 1.34 X 107°). Calculate the pH 
of this solution. 


Consider 50.0 mL of a solution of weak acid HA 
(K, = 1.00 X 107°), which has a pH of 4.000. What vol- 
ume of water must be added to make the pH = 5.000? 


A 50.00-mL solution of a weak acid HA (K, = 5.00 X 
10~!°) in water has a pH = 5.650. Calculate the amount 
of water that must be added to reach a pH value of 
6.650. 


Calculate the pH of a solution initially with 0.10 M 
NaHSO, and 0.10 M NH3. 


A chemist dissolves 0.135 mole of CO2(g) in 2.50 L of 
0.105 M Na,CO3. Calculate the pH of the resulting 
solution. 


Derive an equation to solve for the pH for a dilute weak 
base in which water is a significant contributor to the 
pH. Use this formula to calculate the pH of a 100.0-mL 
sample of 2.0 X 10-° M B (where B is a weak base with 
a K, value of 6.1 X 10713). 


Calculate the pH of 6.0 X 10-* M NaNO. 


Calculate the resulting pH when 1.00 L of 1.00 M H2SO, 
is added to a tank containing 1.00 X 107 L of pure 
water. 


. Calculate the pH of a solution prepared by mixing equal 


volumes of 1.0 X 10-* M NH; and 1.0 x 10-* M HCl. 
Calculate [OH~] ina 3.0 X 1077 M solution of Ca(OH)). 





153: 


*Captain Kirk, of the Starship Enterprise, has been told 


by his superiors that only a chemist can be trusted with 
the combination to the safe containing the dilithium 
crystals that power the ship. The combination is the pH 
of solution A described below, followed by the pH of 
solution C. (Example: If the pH of solution A is 3.47 and 
that of solution C is 8.15, then the combination to the 
safe is 3-47-8-15). The chemist must determine the com- 
bination using only the information below (all solutions 
are at 25°C): 

Solution A is 50.0 mL of a 0.100 M solution of the 

weak monoprotic acid HX. 





*From James H. Burness, “The Use of “Marathon” Problems as Effective Ve- 
hiéles for the Presentation of General Chemistry Lectures,” Journal of Chemical 
Education, 68(11). Copyright © 1991 American Chemical Society. Reprinted by 


permission. 


154: 


Solution B is a 0.0500 M solution of the salt NaX. It 
has a pH of 10.02. 


Solution C is made by adding 15.0 mL of 0.250 M 
KOH to solution A. 


What is the combination to the safe? 


Mix equal volumes of one solution from Group I with 
one solution from Group II to achieve the results below. 
Calcuiate the pH of each solution. 


Group I: 0.20 M NH4Cl, 0.20 M HCl, 0.20 M 
CsHsNH3Cl, 0.20 M (C,Hs);NHCl 

Group II: 0.20 M KOI, 0.20 M NaCN, 0.20 M KOCI, 
0.20 M NaNO, 


a. the solution with the lowest pH 
b. the solution with the highest pH 
c. the solution with the pH closest to 7.00 
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uch important chemistry, including most of the chemistry of the 

natural world, occurs in aqueous solution. We have already intro- 

duced one very significant class of aqueous equilibria, acid-base 

reactions. In this chapter we consider more applications of 
acid—base chemistry and introduce two additional types of aqueous equilibria, 
those involving the solubility of salts and the formation of complex ions. 

The interplay of acid-base, solubility, and complex ion equilibria is often 
important in natural processes, such as the weathering of minerals, the uptake 
of nutrients by plants, and tooth decay. For example, limestone (CaCO3) will 
dissolve in water made acidic by dissolved carbon dioxide: 


CO,(aq) + H,O(/) = = H*(aq) + HCO3 (aq) 
Hil(aaen Cac Ossi Gat gq) COs (aq) 





This process and its reverse account for the formation of limestone caves and 
the stalactites and stalagmites found there. The acidic water (containing car- 
bon dioxide) dissolves the underground limestone deposits, thereby forming a 
cavern. As the water drips from the ceiling of the cave, the carbon dioxide is 
lost to the air, and solid calcium carbonate forms by the reverse of the preced- 
ing process to produce stalactites on the ceiling and stalagmites where the 
drops hit the cave floor. 

Before we consider the other types of aqueous equilibria, we will deal with 
acid-base equilibria in more detail. 





8.1 


Solutions of Acids or Bases Containing 
a Common Ion 


In Chapter 7 we were concerned with calculating the equilibrium concentra- 
tions of species (particularly H* ions) in solutions containing an acid or a base. 
In this section we discuss solutions that contain not only the weak acid HA but 
also its salt NaA. Although this case appears to be a new type of problem, it 
can be handled rather easily by using the procedures developed in Chapter 7. 
Suppose we have a solution containing weak-acid hydrofluoric acid (HF, 
K, = 7.2 X 10~*) and its salt, sodium fluoride (NaF). Recall that when a salt dis- 
solves in water, it breaks up completely into its ions—it is a strong electrolyte: 


HO(I) 


NaF(s) Na*™ (dq) + F (aq) 


Since hydrofluoric acid is a weak acid and only slightly dissociated, the major 
species in the solution are HF, Na*, F-, and H,O. The common ion in this 
solution is F~, since it is produced by both hydrofluoric acid and sodium fluo- 
ride. What effect does the presence of the dissolved sodium fluoride have on 
the dissociation equilibrium of hydrofluoric acid? 

To answer this question, we compare the extent of dissociation of hydro- 
fluoric acid in two different solutions, the first containing 1.0 M HF and the 
second containing 1.0 M HF and 1.0 M NaF. According to Le Chatelier’s prin- 
ciple, the dissociation equilibrium for HF 


EIB \pe—=2 (ag) Fs (aq) 


Equilibrium shifts 


away from added 
component. Fewer 
H* ions present. 
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QD: 


Na* 





dv H,O 





in the second solution will be driven to the left by the presence of the F tons 
from the NaF. Thus the extent of dissociation of HF will be less in the presence 
of dissolved NaF: The shift in equilibrium position that occurs because of the 
addition of an ion already involved in the equilibrium reaction is called the 
common ion effect. This effect makes a solution of NaF and HF less acidic than 
a solution of HF alone. 

The common ion effect is quite general. For example, when solid NH4Cl is 
dissolved in a 1.0 M NH; solution 


NHClis) —— NH,* (aq) + Cl (aq) 


the added ammonium ions cause the position of the ammonia—water 
equilibrium 


NH3(aq) + H,O(/) == NH4*(aq) + OH (aq) 





to shift to the left, reducing the concentration of OH ions. 

The common ion effect is also important in solutions of polyprotic acids. 
The production of protons by the first dissociation step greatly inhibits the suc- 
ceeding dissociation steps, which also produce protons, the common ion in this 
case. We will see later in this chapter that the common ion effect is also impor- 
tant in dealing with the solubility of salts. 


OWL INTERACTIVE EXAMPLE 8.1 


In Section 7.5 we found that the equilibrium concentration of H* ina 1.0 M 
HF solution is 2.7 X 10~? M and the percent dissociation of HF is 2.7%. Cal- 
culate [H*] and the percent dissociation of HF in a solution containing both 
1.0 M HF (K, = 7.2 X 10“) and 1.0 M NaF. 


Solution As the aqueous solutions we consider become more complex, it be- 
comes increasingly important to be systematic and to focus on the chemistry 
occurring in the solution before thinking about mathematical procedures. Al- 
ways write the major species first and consider the chemical properties of each 
component. 


In a solution containing 1.0 M HF and 1.0 M Naf, the major species are 
HE: Fase Na‘, and H,0 


Since Na* ions have neither acidic nor basic properties, and since water is such 
a weak acid or base, the important species are HF and F-; they participate in 
the acid dissociation equilibrium that controls [H*] in this solution. That is, 
the position of the equilibrium 


HF(aq) == H*(aq) + F (aq) 
will determine [H*] in the solution. The equilibrium expression is 


pale l aie ok a 
K, = ene = 7.2 X 10 


The important concentrations are listed in the following table. 








Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[HF]o = 1.0 [Fp =a) = 
(from dissolved HF) x mol/L HF 
[IF Jo = 1.0 dissociates [F-]=1.0+x 
(from dissolved NaF) to reach 
iH" ie equilibrium fee) ae 


Barry Slaven/Visuals Unlimited 





8.2 Buffered Solutions 295 


Note that [F~]) = 1.0 M from the dissolved sodium fluoride and that the equi- 


librium [F~] > 1.0 M because when the acid dissociates, it produces F~ as well 
as H*. Then 


K=72 x 19-4 = ECU] _ @)G.0 + x) _ @)(L.0) 





[HF] fo 1.0 
since x is expected to be small. 
Solving for x gives 
11e0) 
x= 1002 x 1m") =e) ee 


Noting that x is small compared with 1.0, we conclude that this result is ac- 
ceptable. Thus 


[H*] =x =7.2 x 10°4*M (The pH is 3.14.) 
The percent dissociation of HF in this solution is 
[H"] Zo AO UM 


xX 100% = S00 You—s OR % 
(HF, LOM 00% 0.072% 








Compare these values for [H*] and percent dissociation of HF with those 
for a 1.0 M HF solution, where [H*] = 2.7 X 10-2 M and the percent dissocia- 
tion is 2.7%. The large difference clearly shows that the presence of the F~ ions 
from the dissolved NaF greatly inhibits the dissociation of HF. The position of 
the acid dissociation equilibrium has been shifted to the left by the presence of 
F- ions from NaF. 





8.2 | Buffered Solutions 


The most important buffering system in 


the blood involves HCO2— and H2CO 





Human blood is a buffered solution. 


The most important application of acid—base solutions containing a common ion 
is buffering. A buffered solution is one that resists a change in pH when either 
hydroxide ions or protons are added. The most important practical example of a 
buffered solution is human blood, which can absorb the acids and bases produced 
by biological reactions without changing its pH. A constant pH for blood is vital 
because cells can survive only in a very narrow pH range around 7.4. 

A buffered solution may contain a weak acid and its salt (for example, HF 
and NaF) or a weak base and its salt (for example, NH3 and NH,Cl). By 
choosing the appropriate components, a solution can be buffered at virtually 
any pH. 

In treating buffered solutions in this chapter, we will start by considering 
the equilibrium calculations. We will then use these results to show how buff- 
ering works. That is, we will answer the question: “How does a buffered solu- 
tion resist changes in pH when an acid or base is added?” 

As you do the calculations associated with buffered solutions, keep in 
mind that they are merely solutions containing weak acids or bases and that 
the procedures required are the same ones we have already developed. Be sure 
to use the systematic approach introduced in Chapter 7. 


WWL INTERACTIVE EXAMPLE 8.2 


A buffered solution contains 0.50 M acetic acid (HC,H30), K, = 1.8 X 107°) 
and 0.50 M sodium acetate (NaC,H30O,). 


a. Calculate the pH of this solution. 


Ken O’Donoghue/Photograph © Cengage Learning. 


All rights reserved 
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AS HC,H,0, 
v 


» Na’ 


4 H,O 





A digital pH meter shows the pH of the 
buffered solution to be 4.74. 








Solution The major species in the solution are 


HC,H;0,, Mats C,H30,2-, and H,O 
t f t 
Weak Neither Base Very weak 
acid acid nor (conjugate acid or 
base base of base 


HC3H;0O;) 
Examination of the solution components leads to the conclusion that the acetic 
acid dissociation equilibrium, which involves both HC,H3O2 and C,H;30,-, 
will control the pH of the solution: 


HC,H30,(aq) == H*(aq) + C,H3O2 (aq) 


[H*][C,H302_] 





Koad 8 Xal0n = 





[HC,H;0,] 
The concentrations are as follows: 

Initial Equilibrium 
Concentration (mol/L) _ Concentration (mol/L) 
[HC,H3Op]o = 0.50 SE [HC,H;0)] = 0.50 - x 
[C,H3027 |o = 0.50 rs ery Nemec. ]=0.50+x 
[H*]o a=A0) to reach [H a= 


equilibrium 





Then 
a= 1 oho [H* ][C,H;0,7 ] J (x)(0.50 + x) ” (x) (0.50) 
/ [HC,H30)] G20 =x 0.50 
and x = 1.8 x 10° 


The approximation is valid (by the 5% rule), so 
[H*]=x=18x10-°M and pH=4.74 


b. Calculate the change in pH that occurs when 0.010 mole of solid NaOH is 
added to 1.0 L of the buffered solution. Compare this pH change with the 
change that occurs when 0.010 mole of solid NaOH is added to 1.0 L of 
water. 


Solution Since the added solid NaOH will completely dissociate, the major 
species in solution before any reaction occurs are HC)H30), Na*, C)H;0>-, 
OH, and H,0. Note that the solution contains a relatively large amount of 
the very strong base, the hydroxide ion, which has a great affinity for pro- 
tons. The best source of protons is the acetic acid, so the reaction that will 
occur is 


OH= “ HC3H;30, =<—= H,O0 = C,H30,7 


Although acetic acid is a weak acid, the hydroxide ion is such a strong base 
that the preceding reaction will proceed essentially to completion (until the 
OH ™ ions are consumed). 
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The best approach to this problem involves two distinct steps: (1) assume 
the reaction goes to completion and carry out the stoichiometric calculations, 
and then (2) carry out the equilibrium calculations. 


a The stoichiometry problem. The reaction occurs as shown below. 


HC,H;0, ar Obie eed C,H30,7 ae H,O 
Before 
reaction-y11.0)L x 000MM 0.010 mole 1.0L X 0.50 M 
= 0.50 mole = 0.50 mole 
After 
reaction: 0.50 — 0.01 0.010 — 0.010 0.50 + 0.01 
= 0.49 mole = (0) mole = 0.51 mole 


Note that 0.01 mole of HC,H30, has been converted to 0.01 mole of 
C,H30,~ by the added OH. 

a The equilibrium problem. After the reaction between OH~ and HC,H30, 
has run to completion, the major species in solution are 


HC,H3Q,), Nat, C,H30,-, and H,O 


The dominant equilibrium involves the dissociation of acetic acid. 

This problem is very similar to that in part a. The only difference is that 
the addition of 0.01 mole of OH~ has consumed some HC,H3Q,) and pro- 
duced some C,H;0,_, yielding the following concentrations: 








Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[HC,H30 2] = = 0.49 x mol/L of [HC,H30)] = 0.49 —-x 
[C,H3 a lo = = 0.51 HC3H30O2 5 [C,H30.—} =(0.51+x 
{H *lo = dissociates lee i 

to reach 


equilibrium 


Note that the initial concentrations are defined after the reaction with OH™ is 
complete but before the system adjusts to equilibrium. 
Following the usual procedures gives 


ME iC obOs | (OSI x) a Oa) 


== 3 x< = = — = = 
2 ame ake PHCsH.O, | Worse 0.49 





x 1.7 X 1075 
The approximations are valid (by the 5% rule), so 
lel pa ea ee ne and pH = 4.76 


The change in pH produced by the addition of 0.01 mole of OH to this 
buffered solution is then 


43764 4.74 = +0.02 
t 


New solution Original solution 


The pH has increased by 0.02 pH units. 


298 


aph © Cengage Learning. Alll rights reserved 


Photos: Ken O'Donoghue/Phot 


(top) Pure water at pH 7.00. 

(bottom) When 0.01 mole of NaOH is 
added to 1.0 L of pure water, the pH 
jumps to 12.00. 
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Now compare this result with what happens when 0.01 mole of solid 
NaOH is added to 1.0 L of water to give 0.01 M NaOH. In this case, 
[OH~] = 0.01 M and 





-14 
[H* |= aa = ae =) 1,0 eh! 
pH = 12.00 
Thus the change in pH is 
12.00 nr .00 = 45.00 
New solution Pure Ne 


The increase is 5.00 pH units. Note how well the buffered solution resists a 
change in pH compared with pure water. 


Example 8.2 is a typical buffer problem. It contains all the concepts neces- 
sary for handling the calculations for buffered solutions containing weak acids. 
Pay special attention to the following points: 


1. Buffered solutions are simply solutions of weak acids or bases containing 
a common ion. The pH calculations for buffered solutions require exactly 
the same procedures previously introduced in Chapter 7. This is not a new 
type of problem. 


2. When a strong acid or base is added to a buffered solution, it is best to deal 
with the stoichiometry of the resulting reaction first. After the stoichiomet- 
ric calculations are completed, then consider the equilibrium calculations. 
This procedure can be represented as follows: 






(H*/OH™ added) 





Step 2 
Do equilibrium calculations. 


Buffering: How Does It Work? 


Example 8.2 demonstrates the ability of a buffered solution to absorb hydroxide 
ions without a significant change in pH. But how does a buffer work? Suppose 
a buffered solution contains relatively large quantities of a weak acid HA and its 
conjugate base A~. Since the weak acid represents the best source of protons, the 
following reaction occurs when hydroxide ions are added to the solution: 


OH” + HA —> A~ +H,0O 


The net result is that OH” ions are not allowed to accumulate but are replaced 
by A~ ions. 


OH added 


In a buffered solution the pH is gov- 


erned by the ratio [HA}/[A ]. 
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The stability of the pH under these conditions can be understood by examining 

the equilibrium expression for the dissociation of HA: 
H*][A- 

Ki= a or rearranging, [H*] = K,—= 

In other words, the equilibrium concentration of H* and thus the pH are de- 

termined by the ratio [HA]/[A~]. When OH7 ions are added, HA is converted 

to A’, causing the ratio [HA]/[A-] to decrease. However, if the amounts of HA 

and A~ originally present are very large compared with the amount of OH~ 
added, the change in the [HA]/[A7] ratio is small. 

In Example 8.2 








HA 0.50 

~ = 0.50 = 1.0 Initially 

HA : 

= = pas = 0.96 After adding 0.01 mol/L of OH 
DAS het bal: 


The change in the ratio [HA]/[A] is very small. Thus the [H*] and the pH re- 
main essentially constant. 

The essence of buffering, then, is that [HA] and [A~] are large compared 
with the amount of OH~ added. Thus, when the OH7 is added, the concentra- 
tions of HA Gah = change, but only by small amounts. Under these condi- 
tions, the [HA]/[A-] ratio and thus the [H*] stay virtually constant. 


= 


Similar reasoning applies when protons are added to a buffered solution 
containing a weak acid and a salt of its conjugate base. Because the A~ ion has 
a high affinity of H*, the added H* ions react with A~ to form the weak acid: 


H* + A~ — > HA 






Thus free H* ions do not accumulate. In this case there will be a net change of 
A~ to HA. However, if [A~] and [HA] are large compared with the [H*] added, 
only a slight change in the pH occurs. 

An alternative form of the acid dissociation equilibrium expression, 


a (8.1) 


is often useful for calculating [H*] in buffered solutions, since [HA] and [A7] 
are usually known. For example, to calculate [H*] in a buffered solution con- 
taining 0.10 M HF (K, = 7.2 X 10~*) and 0.30 M NaF, we simply substitute 
the respective concentrations into Equation (8.1): 


[HF], 

0.10 
ola) — 4 x 100M 
(7.2 10 Te 4x 10 

SF] 


[H"] 


> II 
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Another useful form of Equation (8.1) can be obtained by taking the negative 
log of both sides: 


—log[H*] = —log(K,) — loo( 2) 


tA 5 





That is, pH = pK, oe( 


or inverting the log term and reversing the sign, 


pH = pK, + los( HA) ye: ee) 


This log form of the expression for K, is called the Henderson—Hasselbalch 
equation and is useful for calculating the pH of solutions when the ratio [HA]/ 
[A~]| is known. 

For a particular buffering system (acid-conjugate base pair), all solutions 
that have the same ratio of [A~]/[HA] have the same pH. For example, a buff- 
ered solution containing 5.0 M HC,H;30, and 3.0 M NaC,H;O; has the same 
pH as one containing 0.050 M HC,H;0, and 0.030 M NaC;H;0). This result 
can be shown as follows: 





(8.2) 











System [A~]/[HA] 
5.0 M HC,H30; and SOE 0.60 
3.00) M NaC,H30, 5.0 M mes 
0.050 M HC;H;30, and 0.030 M _ 0.60 
0.030 M NaC>H30> 0.05005. 
eae) 
Th H = pK, + log| —.-—__ ] = 4.74 + log(0.60 


= 4.74 — 0.22 = 4.52 


Note that in using this equation, we have assumed that the equilibrium 
concentrations of A~ and HA are equal to their initial concentrations. That is, 
we are assuming the validity of the approximations 


[A"]=[Ar]ota=[AT]o and [HA] =[HA]o— x ~|HA]o 


where x represents the amount of acid that dissociates. Since the initial concen- 
trations of HA and A“ are expected to be relatively large in a buffered solution, 
this assumption is generally acceptable. 


OWL INTERACTIVE EXAMPLE 8.3 
A buffered solution contains 0.25 M NH; (Kj, = 1.8 X 1075) and 0.40 M NH, Cl. 
a. Calculate the pH of this solution. 


Solution The major species in the solution are 


NHs3, NH", irs and H,O0 
From the dissolved NH,Cl 





Since Cl” is such a weak base and water is a weak acid or base, the important 
equilibrium is 


NH3(aq) + H,O(/) == NH,*(aq) + OH™ (aq) 


[NH,* ][OH7] 
[NH] 








and Kprasitsexg0 = 


Remember: Think about the chemistry 
first. Ask yourself if a reaction will occur 
among the major species. 
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The appropriate concentrations are as follows: 


Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
ee a er x mol/L NH, ee ata 

= (). ——_—_____» =), 

[OH-] 4 0 reacts with H,O [OH-] = e q 
Thus 


K, = 1.8 x 19-5 = ENHsOHT] _ (0.40 + x)(x) _ (0.40)) 
[NH3] 0.25 — x 0.25 








(les a Oe 


a 
II 


The approximations are valid (by the 5% rule), so 
[OH] =x =1.1 xX 10° 
pOH = 4.95 
pH = 14.00 — 4.95 = 9.05 


This case is typical of a buffered solution in that the initial and equilibrium 
concentrations of buffering materials are essentially the same. 


Alternative Solution. There is another way to solve this problem. Since the 
solution contains relatively large quantities of both NH4* and NH3, we can use 
the equilibrium 


NH3(aq) + H2,O(/) == NH4*(aq) + OH" (aq) 





to calculate [OH] and then calculate [H*] from Ky, as we have just done. 
Or we can use the dissociation equilibrium for NH4*, 


INH (aq) == NHs\aq) - H* (aq) 





to calculate [H*] directly. Either choice will give the same answer, since the same 
equilibrium concentrations of NH; and NH,4* must satisfy both equilibria. 

We can obtain the K, value for NH,4* from the given Ky value for NH3, 
since K, X Ky = K,;: 
K, _ 1.0 x 1074 


mimncsecns oo 





K 


Then using the Henderson—Hasselbalch equation, we have 


[base | 
pH = pK, + loe( pe 





0.25 M 
0.40 M 





= 9.25 + lel ) = 9.25 — 0.20 = 9.05 


b. Calculate the pH of the solution that results when 0.10 mole of gaseous 
HCI is added to 1.0 L of the buffered solution from part a. 


Solution Before any reaction occurs, the solution contains the following major 
species: 


NH;, ING. Cle, og Fag and H,O 


What reaction can occur? We know that H* will not react with Cl” to form 
HCI. In contrast to Cl~, the NH; molecule has a great affinity for protons [this 
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is demonstrated by the fact that NH,4* is such a weak acid (K, = 5.6 X 10>? )— 
Thus NH; will react with H* to form NH,*: 


NH;(aq) + H*(aq) —> NH4*(aq) 


Since we can assume that this reaction goes essentially to completion, forming 
the very weak acid NH,*, we will do the stoichiometric calculations before we 
consider the equilibrium calculations. That is, we will let the reaction run to 
completion and then consider the equilibrium. 

The stoichiometric calculations for this process are shown below. 


NH; + ea — NH,* 
Before 
reaction: (1.0 L)(0.25 M) 0.10 mole (1.0 L)(0.40 M) 
= 0.25 mole t = 0.40 mole 
Limiting reactant 
After 
HEACtIONC Opa oi OO) 0 0.40 + 0.10 


= 0.15 mole = 0.50 mole 


After the reaction goes to completion, the solution contains the major 
species 


NHs3, NH,*, Gls, and H,0 





0.15 mol 
and [NH3 |p — 1.0 i — OFS M 
ey OU OL» 
NE ae 0.50 M 


We can use the Henderson—Hasselbalch equation, where 
[Base] = [NH3] ~ [NH3]o = 0.15 M 
[Acid] = [NH,*] ~ [NH4*]o = 0.50 M 


[NH] ) (e433 mt) 
= pK, + = 9.25 + 
pH = pk, lo Ny 9257+ log 050M 


= 9.25 — 052 = "8773 


Note that the addition of HCI only slightly decreases the pH (from 9.05 to 
8.73), as we would expect in a buffered solution. 


Then 








We can now summarize the most important characteristics of buffered 
solutions. 


Characteristics of Buffered Solutions 


1. Buffered solutions contain relatively large concentrations of a weak acid and its 
corresponding weak base. They can involve a weak acid HA and the conjugate 
base A~ or a weak base B and the conjugate acid BH*. 

2. When H* is added to a buffered solution, it reacts essentially to completion 
with the weak base present: 


H* + AT —> HA or H* + B —> BH* 


3. When OH" is added to a buffered solution, it reacts essentially to completion 
with the weak acid present: 


OH” + HA —> A~ +H,0 or OH- + BH* —> B+H,0 
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4. The pH of the buffered solution is determined by the ratio of the concentrations 
of the weak base and weak acid. As long as this ratio remains virtually constant, 
the pH will remain virtually constant. This will be the case as long as the 
concentrations of the buffering materials (HA and A~ or B and BH?) are large 
compared with the amounts of H* or OH~ added. 





H'* reacts OH reacts 
with X. with HX. 





8.3 | Exact Treatment of Buffered Solutions 


Because buffered solutions can have a pH value of 7, the question naturally 
arises about the possible importance of water as a contributor to the [H*] un- 
der these conditions. To derive a general equation for buffered solutions that 
includes any possible contribution from water, we will use the approach devel- 
oped in Section 7.9. 

In an aqueous buffered solution containing the weak acid HA and its salt 
NaA, the equilibria of interest are 


HA(aq) == H*(aq) + A (aq) 
and 
HO) = (aa) + Oe (aq) 
The charge balance relationship for this solution is 
(Naohiathe | = {A>| 4 [OH] 


in which we must include the Na* added to the solution. 
The material balance equation based on the conservation of A is 


[a =locralEials = [HAT [A | 
J NS 
From added NaA Original HA concentration 


Since [A~]y = [Na*], because all of the Na* comes from the added salt (NaA), 
and 
K 
C=. 
[ ] [ +] 
we can rewrite the charge balance equation 
[Na*] + [H*] = [A°] + [OH] 


as follows: 
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We can now solve for [A]: 


“ # iS 
[A ] a [A lo ris [H ] = (H*] 
Bape Hahstke 

a [A lo (H*] 


From the material balance equation 
[A]o + [HA]o = [HA] + [A7] 
we can solve for [HA]: 
[HA] = [A7]o + [HA]o — [A7J 
Substituting the expression for [A] obtained above, we have 
oe oe +P _K 
Bet = tay - Pa 








[HA] = [Aq] + [HA] — [A™]o 


Next, we can substitute into the K, expression for HA using the expres- 
sions for [A~] and [HA] obtained above: 





oliay 4 (HEA® 
tata _ Kb + ay) 
THA WE -K, 

ae tees 


Notice that when [A7]o is zero—that is, when no salt is added—this ex- 
pression turns into the equation obtained in Section 7.9 for a weak acid HA 
dissolved in water. Thus the strategies useful for solving this equation are the 
same as those presented in Section 7.9. 


OWL INTERACTIVE EXAMPLE 8.4 


Calculate the [H*] of a buffered solution containing 3.0 x 10°* M HOCI 
(K, = 3.5 X 107°) and 1.0 x 10-4 M NaOCl. 


Solution We recognize that this problem involves a buffered solution contain- 
ing the weak acid HOC] and its salt NaOCl. 


First let’s solve this problem using the regular procedures: 
nhalOGhs) 


K, = 
; [HOCI] 





= ee 


If we let x = [H*], then 
[OCI-] = 1.0 X 10°4*4+ x 
[HOCI] = 3.0 x 10°+- x 
and we have 
(EeOech) 2A (x)(1-0°% 1077 x) 
[HOC] (3.0 x 1074 — x) 
Assuming x is small compared to 1.0 X 1074, we have 


(x)(1.0 x 1074) 
(3:0<41087) 


CoP callin? = 








Cee OR 





_ 1.05 x 10744 


H* = 
Lg fo < 104 





= 1,05 X40 Mea 1 x 105 
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Note that the [H*] value obtained in this way is very close to 1.0 X 1077 M. 
Since the calculated [H*] is so close to 10~7 M, must we consider the contribu- 
tion of water to the pH? 

To answer that question, we will use the complete equation derived earlier, 
which does include water’s contribution to the pH. This equation is 


(He P10 = a} 





[H"([ocr + 








Kees 1 0r = aa ay 
[HOCI], [H"] ae, 10 
where 
[OCI ]o = 1.0 X 1074 M 
and 


[HOCI]o = 3.0 X 10°* M 
We expect the final [H*] to be very close to 1.0 X 107’, so the term 


LHP 0x 10" 
[H*] 





will be very small since [H*]* will be very close to 1.0 x 10~!*. Thus, as a first 
approximation, we will assume that 
Ds il neces tA oe 

er 





(OCeR= 10510 4M 


and 


(He = 0 10-4 
(ar) 





[HOCI] = 3.0 x 10-4 M >>> 


The expression then becomes 


‘ot OC a a [EL OP e102 ) 
aa: Och: * Go rci0es) 





and 
[H+] = 1.05 x 10-7 M = 1.1 x 10-7 M 


as we found before. 
Using this result we can check the magnitude of the neglected term 
tH? Os aOr arent Se aie - — 180 104" 


— = C x< =e 
[H*] 1.05 x 1077 ee 





This term is clearly negligible as compared with 1.0 X 1074 and 3.0 X 1074. 
In this case water does not have to be explicitly taken into account. Notice 
that the rigorous equation produces a different result from the normal procedure 
only when the buffering materials are very dilute (on the order of 10~° M or 
smaller). For buffered solutions with “normal” concentrations of HA and A-, 
the simple approach used in this text to treat buffers will suffice. However, the 
rigorous equation always gives the correct answer and has the advantage of em- 
phasizing explicitly the approximations being made in the simpler approach. 





8.4 


A buffer with a large capacity contains 
large concentrations of the buffering 
components. 





Buffer Capacity 


The buffer capacity of a buffered solution is defined in terms of the amount of 
protons or hydroxide ions it can absorb without a significant change in pH. A 
buffer with a large capacity contains large concentrations of buffering compo- 
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Original solution 
Pay ‘2 00 * Ht 
(AJ = = 100! nome 
THA] 5.00 added 


New solution 





nents and so can absorb a relatively large amount of protons or hydroxide ions 
and show little pH change. The pH of a buffered solution is determined by the 
ratio [A~]/[HA]. The capacity of a buffered solution is determined by the mag- 
nitudes of [HA] and [A]. 


EXAMPLE 8.5 


Calculate the change in pH that occurs when 0.010 mole of gaseous HC] is 
added to 1.0 L of each of the following solutions. 


Solution A: 5.00 M HC,H30, and 5.00 M NaC,H30, 
Solution B: 0.050 M HC,H;30, and 0.050 M NaC,H;3O2 


Foraceticacid. Ky= cse< 0 


Solution For both solutions the initial pH can be determined from the 
Henderson-—Hasselbalch equation: 
eee) 


H = pK, + lo ( 
Dilger eX ECHO) 
In each case [C)H30,~] = [HC,H30,]. Thus, for both A and B, 
pH = pK, + log(1) = pK, = —log(1.8 x 107°) = 4.74 


After the addition of HCl to each of these solutions, the major species be- 
fore any reaction occurs are 


HC,H;30O,, Naw C,H30,°, lial Cis, and H,O 
From the added HCl 


Will any reactions occur among these species? Note that we have a relatively 
large quantity of H* that will readily react with any effective base. We know 
that Cl~ will not react with H* to form HCl in water. However, C)H303> will 
react with H* to form the weak acid HC,H;30;: 


H* (aq) + C,H302- (aq) — HC,H30;(aq) 


Because HC,H30O, is a weak acid, we assume that this reaction runs to comple- 
tion; the 0.010 mole of added H* will convert 0.010 mole of C,H;0,~ to 
0.010 mole of HC,H30). 

For solution A (since the solution volume is 1.0 L, the number of moles 
equals the molarity), we have the following concentrations: 


he St C,H30)7 —- HC3H30, 


Before reaction: 0.010 M 5.00 M 5.00 M 
After reaction: 0 4.99 M 5.01 M 


The new pH can be obtained by substituting the new concentrations into 
the Henderson—Hasselbalch equation: 


gue) 4.99 

St pig to Grane = 4.74+ | (= 

sinding in o\ EG £1.03} Pel S01 
= 4:74 — 010017 =4.74 


There is virtually no change in pH for solution A when 0.010 mole of gaseous 
HC] is added. 


For solution B we have the following calculations: 


jel ote C,H30,7 —> HC,H;30, 


Before reaction: 0.010 M 0.050 M 0.050 M 
After reaction: 0 0.040 M 0.060 M 


Original solution New solution 


1A1_.050_ | 


—=10 


‘(HAL 050°” 






Solution A 
Original A H 
pen 1009} 
[HAc] 


[sis change a_3t 


Solution B 
Original B Ht 
= = 
Ac = 100. 
{HAc] 


Ls 50.5% change 4) 
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The new pH is 


4 
pH = 4.74 + loe( Saco Y 


0 =) = 4.74 — 0.18 = 4.56 


Although the pH change for solution B is small, a change did occur, in contrast 
to the case for solution A. 

These results show that solution A, which contains much larger quantities 
of buffering components, has a much higher buffering capacity than solution B. 


We have seen that the pH of a buffered solution depends on the ratio of the 
concentrations of buffering components. When this ratio is least affected by 
added protons or hydroxide ions, the solution is the most resistant to a change in 
pH. To find the ratio that gives optimum buffering, suppose that we have a buff- 
ered solution containing a large concentration of acetate ion and only a small 
concentration of acetic acid. Addition of protons to form acetic acid will produce 
a relatively large percentage change in the concentration of acetic acid and so will 
produce a relatively large change in the ratio [CyH307 |/[HC,H30, ] (Table 8.1). 
Similarly, if hydroxide ions are added to remove some acetic acid, the percentage 
change in the concentration of acetic acid is again large. The same effects are seen 
if the initial concentration of acetic acid is large and that of acetate ion is small. 

Because large changes in the ratio [A~ ]/[HA] will produce large changes in 
pH, we want to avoid this situation for the most effective buffering. This type 
of reasoning leads us to the general conclusion that optimum buffering will 
occur when [HA] is equal to [A7]. It is under this condition that the ratio [A7]/ 
[HA] is most resistant to change when H* or OH is added. Thus, when choos- 
ing the buffering components for a specific application, we want [A7 ]/[HAj to 
equal 1. It follows that since 
[A7] 
[HA] 


the pK, of the weak acid selected for the buffer should be as close as possible 
to the desired pH. For example, suppose we need a buffered solution with a pH 
of 4.00. The most effective buffering will occur when [HA] is equal to [A7]. 
From the Henderson—Hasselbalch equation, 


aoe pK, + loe( ja) 


4.00 is Ratio = 1 for most effective buffer 


pH = pK, + loe( Faas ) = pK, + log(1) = pK, 


That is, 
4.00 = pK, + log(1) = pK, + 0 and pK, = 4.00 


Thus in this case the best choice is a weak acid that has pK, = 4.00, or 
K=O ol Ome 


Table 8.1 


Change in [C2H302~/[HC2H30.] for Two Solutions When 0.01 mole of H* Is Added 
Od We a Eon eeu Sela 

















Cate (inc, 2H; oo . (i 2H; DO Channe Percent 
SECON TET EL H,0,)/"* —\[HC,H;0,]/°" 6 Change 
ie 09 M 0.99 M 
se ih = 0.98 % 
A 1.00 M = 1.00 101M 1.00 — 0.98 2.00% 
1.00 M 0.99 M 
= = 49.5 of, 
B 001M 100 0.02 M 100 — 49.5 50.5% 
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OWL INTERACTIVE EXAMPLE 8.6 


A chemist needs to prepare a solution buffered at pH 4.30 using one of the 
following acids (and its sodium salt): 

a. chloroacetic acid (K, = 1.35 X 1073) 

b. propanoic acid (K, = 1.3 X 10~°) 

c. benzoic acid (K, = 6.4 X 107°) 

d. hypochlorous acid (K, = 3.5 X 107°) 


Calculate the ratio of [HA]/[A~] required for each system to yield a pH of 4.30. 
Which system will work best? 


Solution A pH of 4.30 corresponds to 
[H+] = 10-43° = antilog(—4.30) = 5.0 x 10°° M 


Since K, values rather than pK, values are given for the various acids, we use 
Equation (8.1), 


instead of the Henderson—Hasselbalch equation. We substitute the required 
[H+] and K, for each acid into Equation (8.1) to calculate each ratio of [HA]/ 
[A] needed. The results are as follows: 


[HA] [HA] 
‘ + = at Et 
Acid (H*] Kira] fAq] 
a. Chloroacetic SOR Oo = £35 «100 a aa ey ea ae 
me = (HA 
b. Propanoic HOexah0er eS 1 Beato Th 
ae _;5( [HA] 
c. Benzoic SOoel0n =64 << 10>? 


dy Hypochlorous 5:0°x.10~ = 3.5sx 10° 


Since [HA]/[A~] for benzoic acid is closest to 1, the system of benzoic 
acid and its sodium salt is the best choice among those given for buffering a 
solution at pH 4.30. This example demonstrates the principle that the opti- 
mum buffering system has a pK, value close to the desired pH. The pK, for 
benzoic acid is 4.19. 











8.5 | Titrations and pH Curves 


As we saw in Chapter 4, a titration is commonly used to analyze the amount 
of acid or base in a solution. This process involves delivering a solution of 
known concentration (the titrant) from a buret into the unknown solution 
until the substance being analyzed is just consumed. The stoichiometric or 
equivalence point is usually signaled by the color change of an indicator. In this 
section we will discuss the pH changes that occur during an acid-base titra- 
tion. We will use this information later in this chapter to show how an appro- 
priate indicator can be chosen for a particular titration. 

The progress of an acid-base titration is often monitored by plotting the 
pH of the solution being analyzed as a function of the amount of titrant added. 
Such a plot is called a pH curve, or titration curve. 


Charles D. Winters 
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Strong Acid-Strong Base Titrations 


The reaction for a strong acid-strong base titration is 
H* (aq) + OH“ (aq) —> H,0(I) 


To compute [H*] at a given point in the titration, we must determine the moles 
of H* remaining at that point and divide by the total volume of the solution. 
Before we proceed, we need to consider a new unit, which is especially conve- 
nient for titrations. Since titrations usually involve small quantities (burets are 
typically graduated in milliliters), the mole is inconveniently large. Therefore, 
we will use the millimole (abbreviated mmol), where 

















1 mol 
1 i= = 10° mol 
mmo 1000 0 ° mo 
and 
mol of solute 

Mati mol of solute 1000 mmol of solute 

olarity = = = 
J y Lof solution Lofsolution mL of solution 

1000 
A buret valve. A 1.0 M solution thus contains 1.0 mole of solute per liter of solution or, 


equivalently, 1.0 millimole of solute per milliliter of solution. Just as we obtain 

the number of moles of solute from the product of the volume in liters and the 
1 millimole = 1 x 10-3 mol molarity, we obtain the number of millimoles of solute from the product of the 
volume in milliliters and the molarity. 

We will illustrate the calculations involved in a strong acid-strong base 
titration by considering the titration of 50.0 mL of 0.200 M HNO; with 
MMO MO! ay 0.100 M NaOH. We will calculate the pH of the solution at selected points 

Poe Ms during the course of the titration where specific volumes of 0.100 M NaOH 
have been added. 


hne— 1x 10-2 Ek 


A. No NaOH has been added. 
Since HNO; is a strong acid (is completely dissociated), the solution con- 
tains the major species 


EL*, NO;3", and H,0 


The pH is determined by the H* from the nitric acid. Since 0.200 M HNO; 
contains 0.200 M H*, 


[H*]=0.200M and pH=0.699 


B. 10.0 mL of 0.100 M NaOH has been added. 
In the mixed solution before any reaction occurs, the major species are 


rise NO; , ING. OF; and H,O 


Note that large quantities of both H* and OH are present. The 1.0 mmol 
(10.0 mL X 0.10 M) of added OH™ will react with 1.0 mmol of H* to form 


water: 
ia ao OH- =——> HO 
Before 
reaction: 50.0 mL X 0.200 M TOPO Oe O ORV 
= 10.0 mmol = 1.00 mmol 
After 
reaction: 10.0 — 1.00 1200 R 00 


= 9.0 mmol = 0 mmol 
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The final solution volume is the sum of 
the original volume of HNO: and the 
volume of added NaOH. 


Go back to the original solution each 
time you perform a calculation to avoid 
mistakes. 


After the reaction is complete, the solution contains 
jig hu NO; , Na and H,O 


(The OH> ions have been consumed.) The pH will be determined by the H* 
remaining: 








as | 
(Ht) mmol H = 5 9.0 mmo _ aS 
volume of solution (mL) (50.0 + 10.0) mL 
74) By; 
Original volume of Volume of 
HNO; solution NaOH added 


pH = —log(0.15) = 0.82 


. 20.0 mL (total) of 0.100 M NaOH has been added. 


We consider this point from the perspective that a total of 20.0 mL of 
NaOH has been added to the original solution rather than that 10.0 mL has 
been added to the solution from the previous point. It is best to go back to 
the original solution each time a calculation is performed, so a mistake 
made at an earlier point does not show up in each succeeding calculation. 
As before, the added OH™ will react with H* to form water: 





isp = OH- == FEO 
Before 
reaction: 50.0 mL X 0.200 M 20.0 mL X 0.100 M 
= 10.0 mmol = 2.00 mmol 
After 
reaction: 10.0 — 2.00 DOVE 2200 
= 8.0 mmol = 0 mmol 
After the reaction, 
as remaining) 
8.0 mmol 
a aa ee ==) (QIN) Jl 
2k (50.0 + 20.0) mL 
pH = 0.96 


. 50.0 mL (total) of 0.100 M NaOH has been added. 


Proceeding exactly as for the previous two points, we find the pH to 
be1.30: 


. 100.0 mL (total) of 0.100 M NaOH has been added. 


At this point the amount of NaOH that has been added is 
100.0 mL X 0.100 M = 10.0 mmol 
The original amount of nitric acid was 
50.0 mL X 0.200 M = 10.0 mmol 


Enough OH has been added to react exactly with all of the H* from the 
nitric acid. This is the stoichiometric point, or equivalence point, of the ti- 
tration. At this point the major species in the solution are 


Nar. NO;3-, and H,0 


Since Na* has no acid or base properties and NO;7 is the anion of the 
strong acid HNO; and is therefore a very weak base, neither NO3~ nor Nat 
affects the pH. Thus the solution is neutral (the pH is 7.00). 





0 50.0 100.0 150.0 200.0 
Vol NaOH added (mL) 


130 Med Oe ETS 





0 50.0 100.0 150.0 200.0 
Vol NaOH added (mL) 


Figure 8.1 

The pH curve for the titration of 50.0 mL 
of 0.200 M HNOs with 0.100 M NaOH. 
Note that the equivalence point occurs 
when 100.0 mL of NaOH has been 
added, the point where exactly enough 
OH™ has been added to react with all 
the H* originally present. The pH of 7 at 
the equivalence point is characteristic of 
a strong acid-strong base titration. 





50.00 mL 
Vol 1.0 M HCl added 


Figure 8.2 

The pH curve for the titration of 

100.0 mL of 0.50 M NaOH with 1.0 M 
HCl. The equivalence point occurs 
when 50.00 mL of HCI has been 
added, since at this point 5.0 mmol of 
H* ions has been added to react with 
the original 5.0 mmol of OH" ions. 
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F. 150.0 mL (total) of 0.100 M NaOH has been added. 
The titration reaction is as follows: 


H* + OH ——— el © 
Before 
reaction: 50.0 mL X 0.200 M 150.00 mL x 0.100 M 
= 10.0 mmol = 15.0 mmol 
After 
reaction: 10.0 — 10.0 130 = OL 
= 0 mmol = 5.0 mmol 


ft 
Excess OH~ added 


Now the OH 7 is in excess and thus will determine the pH: 





[OH-) = mmol OH in excess _ 5.0 mmol _ 5.0 mmol 
volume (mL) (50.0 + 150.0) mL = 200.0 mL 
= 0,025 M 
since [EL OR = 1.0 <p10ree. 
hOBHOs4t 
ne — oe ees = : x als = : 
[H*] aS ron A OAOe aM and pH = 12.40 


G. 200.0 mL (total) of 0.100 M NaOH has been added. 
Proceeding as for the previous point, we find the pH to be 12.60. 

The results of these calculations are summarized by the pH curve shown 
in Fig. 8.1. Note that the pH changes very gradually until the titration is 
close to the equivalence point, where a dramatic change occurs. This behav- 
ior occurs because early in the titration there is a relatively large amount of 
H* in the solution, and the addition of a given amount of OH™ thus pro- 
duces only a small change in pH. However, near the equivalence point [H*] 
is relatively small, and the addition of a small amount of OH™ produces a 
large change. 

The pH curve in Fig. 8.1, typical of the titration of a strong acid with a 
strong base, has the following characteristics. 


Before the equivalence point, [H*] (and hence the pH) can be calculated by 
dividing the number of millimoles of H* remaining at that point by the 
total volume of the solution in milliliters. 

At the equivalence point, the pH is 7.00. 

After the equivalence point, [OH] can be calculated by dividing the num- 
ber of millimoles of excess OH™ by the total volume of the solution. 
Then [H*] is obtained from K,,. 


The titration of a strong base with a strong acid requires reasoning very 
similar to that used above, except, of course, that OH™ is in excess before 
the equivalence point, and H* is in excess after the equivalence point. The 
pH curve for the titration of 100.0 mL of 0.50 M NaOH with 1.0 M HCl 


is shown in Fig. 8.2. 


Titrations of Weak Acids with Strong Bases 


We have seen that since strong acids and strong bases are completely dissoci- 
ated, the calculations required to obtain the pH curves for titrations involving 
the two are quite straightforward. However, when the acid being titrated is a 
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~~ ‘OH added 
PH {6 osname 
ieee | 


ees ~ Equilibrium 


calculation calculation 


Treat the stoichiometry and equilibrium 
problems separately. 


weak acid, there is a major difference: To calculate [H*] after a certain amount 
of strong base has been added, we must deal with the weak acid dissociation 
equilibrium. We dealt with this same type of situation earlier in this chapter 
when we treated buffered solutions. Calculation of the pH curve for a titration 
of a weak acid with a strong base really amounts to a series of buffer problems. 
In performing these calculations, it is very important to remember that even 
though the acid is weak, it reacts essentially to completion with hydroxide ion, 
a very strong base. 

Calculating the pH curve for a weak acid-strong base titration involves the 
following two-step procedure. 


Titration Curve Calculations 


1. A stoichiometry problem. The reaction of hydroxide ion with the weak acid is 
assumed to run to completion, and the concentrations of the acid remaining and 
the conjugate base formed are determined. 

2. An equilibrium problem. The position of the weak acid equilibrium is deter- 
mined, and the pH is calculated. 


It is essential to do these steps separately. Note that the procedures necessary 
for solving these problems have all been used before. 

As an illustration, we will consider the titration of 50.0 mL of 0.10 M 
acetic acid (HC,H30,, K, = 1.8 X 10~°) with 0.10 M NaOH. As before, 
we will calculate the pH at various points representing volumes of added 
NaOH. 


a No NaOH has been added. 


This is a typical weak acid calculation of the type introduced in Chapter 7. 
The pH is 2.87. (Check this value yourself.) 


= 10.0 mL of 0.10 M NaOH has been added. 


The major species in the mixed solution before any reaction takes place are 


HC;H;30,), Oia, [Nat and H,O 


The strong base OH will react with the strongest proton donor, which in 
this case is HC,H3Q). 


The Stoichiometry Problem. The calculations are shown in tabular form. 


OH= P HC3H;0, =e C,H30,- + H,O0 

Before 
reaction: 10.0 mL xX 0.10 M 50.0 mL X 0.10 M 0 mmol 

= 1.0 mmol = 5.0 mmol 
After 
reaction: 1.0.— 1.0 Sx) = ah) 1.0 mmol 

= 0 mmol = 4.0 mmol 

t 


Limiting reactant 


The Equilibrium Problem. We examine the major components left in the so- 

lution after the reaction takes place to select the dominant equilibrium. The 

major species are 
HC,H;30), 


C,H30,, Na’, and H,0 
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Since HC,H;Q) is a much stronger acid than H,O, and since C)H3;0)~ is the 
conjugate base of HC,H30O), the pH will be determined by the position of the 
acetic acid dissociation equilibrium: 
HC3H;03(aq) ———s H* (aq) se C,H30) (aq) 
_ [H*][C,H3;0;7] 
‘ [HC,H30)] 





where K 





We follow the usual steps to complete the equilibrium calculations. 

















The initial concentrations are defined Initial Equilibrium 
after the reaction with OH~ has gone Concentration Concentration 
to completion but before any dissocia- 4.0 | 4.0 4.0 
tion of HCsH3Q> has occurred. : = ee mike. eee 
[HC,H;0>) |p (50.0 am 10.0) mL 60.0 x mmol/mL. [HC)H302] 60.0 3 
fee eee Onna MnOD a eae Tas naeh es 
241342 Jo (50.0 Bi 10.0) wie 60.0 dissociates DENI) 60.0 x 
[H*]o ~ 0 [H"] =x 
Then 
( 1.0 z ) ( 1.0 ) 
YS EX 6 erm 
Lethon 1c = [HA 1GH.O; | oe \60.0 _ _\60.0 
: . (HG.HLOs, 4.0 4.0 
ee Soo w 
60.0 60.0 


- (3) 
AO) 


4.0 : p 
a (5 )as onl OF yi al ae ey tes 
Note that the approximations made are iL@ 


well within 5% uncertainty limits and pH = 4.14 


a 25.0 mL (total) of 0.10 M NaOH has been added. 


The procedure here is very similar to that used for the previous point and will 
be summarized briefly. The stoichiometry problem is as follows: 


Obs ein HC,H;30>) == C,H30,7— Sue H,O 
Before 
reaction: 25.0 mL X 0.10 M 50.0 mL X 0.10 M 0 mmol 
= 2.5 mmol = 5.0 mmol 
After 
TeACtiON me Ol Onn) SOO = 25 2.5 mmol 
= 2.5 mmol 


After the reaction the major species in solution are 
HC}H;30,, C,H30,, Na*; and H,0 
The equilibrium that will control the pH is 


HC,H303(aq) —= H* (aq) ar C,H3O02 (aq) 











Initial Equilibrium 
Concentration Concentration 
2.5 mmol DES) 
LC3H30 2h = (50.0 + 25.0) mL x mmol/mL ee 70m 
ae 2.5 mmol a he eee 
[ DIAS 72; 10) Se (50.0 a 25.0) at dissociates 2F13V/2 75.0 


[H*]o ~ 0 [H"] =x 
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Therefore, 
( 25 * ) ( = 
=e ie AA 2 ae 
sll desea sane ia) O | a ne 
? [HC,H;0,] 2.5 2s 
= Se ie 
5.0 ep 


x=1.8X10-=[H*+]) and pH=4.74 
This is a special point in the titration because it is halfway to the equiva- 
lence point. The original solution, 50.0 mL of 0.10 M HC,H3Q2, contained 
5.0 mmol of HC;H;0). Thus 5.0 mmol of OH™ is required to reach the 
equivalence point. This corresponds to 50.0 mL of NaOH, since 
(50.0 mL)(0.10 M) = 5.0 mmol 
At this point half of the acid has been After 25.0 mL of NaOH has been added, half of the original HC,H302 has 
used up, so [HC2H3O02] = [C2H3Oz |]. been converted to C,H30,~. At this point in the titration, [HC,H3O2]p is 
equal to [CyH30)~ ]o. We can neglect the effect of dissociation; that is, 
[HC,H302] = [HC,H302]o — x ~ [HC2H302]o 
[C,H3027] = [C,H302 Jo + x ~ [CoH302 Jo 
The expression for K, at the halfway point is 
[H*][C,H;0,_] _ [H*][C,H;0) ]p 


K, = = = EL 
‘ [HC,H;0,] [HC,H30, lox. 


Pg 
ae Equal at the 


halfway point 














Thus, at the halfway point in the titration, 
[H*] = K, and pH = pK, 

a 40.0 mL (total) of 0.10 M NaOH has been added. 
The procedures required here are the same as those used for the previous two 
points. The pH is 5.35. (Check this value yourself.) 

s 50.0 mL (total) of 0.10 M NaOH has been added. 
This point is the equivalence point of the titration; 5.0 mmol of OH™ has 
been added, which is just enough to react with the 5.0 mmol of HC,H;0, 
originally present. At this point the solution contains these major species: 

Nas C,H;30,-, and H,O 


Note that the solution contains C)H3;0,~, which is a base. Remember that a 
base will combine with a proton, and the only source of protons in this solu- 
tion is water. Thus the reaction will be 


C,H30) (aq) + H,O(/) == HC,H302(aq) + OH“ (aq) 
This is a weak base reaction characterized by Ky: 
[HCH;0,][OH-] _ K, _ 1.0 x 107 

















Ke= : = == 5.6 % b0r 
- [C,H;0,~ | ers 10. 
The relevant concentrations are 
Initial Concentration 
(before any CyH30— Equilibrium 
reacts with H,O) Concentration 
9 5.0 mmol (C5H.03" | = 0050. — x 
C,H;0 = SET : 
LEGO a (50.0 + 50.0) mL x mmol/mL 
= 0.050 M C,H;O;° reacts 
; Nas nls eet 
[OH “|p = 0 with H,O [OH-] =x 


[HC,H302]o = 0 [HC,H;0,] = x 
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Then 
Sr6uxHlOn) = K, = [HC,H30,/[OH] S (x) (x) 2 x2 
[C,H30, ] 0:050'= x ¥ 40.050 
ie SIONM10T® 


The approximation is valid (by the 5% rule), so 
[OH-] = 5.3 X 10-6 M 
and [H*][OH-] = K, = 1.0 x 10714 
(EE) 01 9 Sen07 Mi and pH = 8.72 





The pH at the equivalence point of a This is another important result: The pH at the equivalence point of a 
titration of a weak acid with a strong titration of a weak acid with a strong base is always greater than 7. This re- 
base Is always greater than 7 sult occurs because the anion of the acid, which remains in solution at the 


equivalence point, is a base. In contrast, for the titration of a strong acid with 
a strong base, the pH at the equivalence point is 7 because the anion remain- 
ing in this case is not an effective base. 


60.0 mL (total) of 0.10 M NaOH has been added. 
At this point excess OH~ has been added: 


OH aie HC,H30> —— (C,H;0,° + H,O 
Before 
reaction: 60.0 mL X 0.10 M 50.0 mL X 0.10 M 0 mmol 
= 6.0 mmol = 5.0 mmol 
After 
reaction: 6.0 — 5.0 5.0 — 5.0 = 0 mmol 5.0 mmol 


= 1.0 mmol in excess 


After the reaction is complete, the solution contains these major 
species: 


Na. C,H30,-, One: and H,0 


There are two bases in this solution, OH~ and C,H30,-. However, 
C,H30,~ is a weak base compared with OH. Therefore, the amount of 
OH™ produced by the reaction of C,H;0,~ with HO will be small com- 
pared with the excess OH already in solution. You can verify this conclu- 
sion by looking at the previous point, where only 5.3 X 10°° M OH™ was 
produced by C,H3;0)-. The amount in this case will be even smaller, since 
the excess OH™ will push the K, equilibrium to the left. 


Thus the pH is determined by the excess OH: 








[OH-] = mmol of OH in excess _ 1.0 mmol 
volume (in mL) (50.0 + 60.0) mL 
=91x107M 
LOST 
and i a = isle L0e, Ma, and pH = 11.96 


a 75.0 mL (total) of 0.10 M NaOH has been added. 


The procedure needed here is very similar to that for the previous point. The 
pH is 12.30. (Check this value.) 


The pH curve for this titration is shown in Fig. 8.3. Note the differences 
bbe between this curve and the curve in Fig. 8.1. For example, the shapes of the 
Vol NaOH plots are quite different before the equivalence point, but they are very similar 
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The equivalence point is defined by the 
stoichiometry, not by the pH. 





Vol NaOH added (mL) 


Figure 8.3 

The pH curve for the titration of 

50.0 mL of 0.10 M HC3H3O> with 
0.10 M NaOH. Note that the equiva- 
lence point occurs when 50.0 mL of 
NaOH has been added, where the 
amount of added OH ions exactly 
equals the original amount of acid. The 
pH at the equivalence point is greater 
than 7 because the C2H,02~ ion 
present at this point is a base and 
reacts with water to produce OH-. 
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after that point. (The shapes of the strong and weak acid curves are the same 
after the equivalence points because excess OH” controls the pH in this region 
in both cases.) Near the beginning of the titration of the weak acid, the pH 
increases more rapidly than it does in the strong acid case. It levels off near the 
halfway point and then increases rapidly again. The leveling off near the half- 
way point is caused by buffering effects. Earlier in this chapter we saw that 
optimum buffering occurs when [HA] is equal to [A]. This is exactly the case 
at the halfway point of the titration. As we can see from the curve, the pH 
changes least around this point in the titration. 

The other notable difference between the curves for strong and weak acids 
is the value of the pH at the equivalence point. For the titration of a strong 
acid, the equivalence point occurs at a pH of 7. For the titration of a weak acid, 
the pH at the equivalence point is greater than 7 because of the basicity of the 
conjugate base of the weak acid. 

It is important to understand that the equivalence point in an acid—base 
titration is defined by the stoichiometry, not by the pH. The equivalence point 
occurs when enough titrant has been added to react exactly with all of the acid 
or base being titrated. 


UWL INTERACTIVE EXAMPLE 8.7 


Hydrogen cyanide gas (HCN) is a powerful respiratory inhibitor that is highly 
toxic. It is a very weak acid (K, = 6.2 X 107!°) when dissolved in water. If a 
50.0-mL sample of 0.100 M HCN is titrated with 0.100 M NaOH, calculate 
the pH of the solution at the following points. 


a. after 8.00 mL of 0.100 M NaOH has been added 


Solution 


The Stoichiometry Problem. After 8.00 mL of 0.100 M NaOH has been 
added, we have the following: 


HCN a5 Obs — CN7 + H,O 
Before 
reaction: 50.0mL<0.100M 8.00 mL x 0.100 M 0 mmol 
= 5.00 mmol = 0.800 mmol 
After 
reaction: 5.00 — 0.80 0 mmol 0.800 mmol 
= 4.20 mmol 


The Equilibrium Problem. Since the solution contains the major species 


HCN, GIN’ Na*, and H,O 


the position of the acid dissociation equilibrium 
HCN(aq) == H*(aq) + CN“(aq) 


will determine the pH. 














Initial Equilibrium 
Concentration Concentration 
ee 
4.2 mmol 4.2 
H = eat: 
| CN]p (50.0 + 8.0) mL x mmol/mL [HCN] rsSe 0 ~ 
S, 5 Uo 00Rminol ees 0.80 
[CN ho (50.0 a 8.0) ar dissociates [CN7] a 58.0 +x 
{(H*] ~0 [H*] =x 


The approximations made here are well 
within 5% uncertainty limits. 
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Substituting into the expression for K, gives 


me F ) es 
S SS x pee ee 
69610 a GICNT] _ (580 Maco 


; [HCN] 4.2 ( 4.2 ) 


if ie 
AD) 


58.0 
x = 3.3 X 10°? M = [H*] and pH = 8.49 








b. at the halfway point in the titration 


Solution The amount of HCN originally present can be obtained from the 
original volume and molarity: 
50.0 mL X 0.100 M = 5.00 mmol 
Thus the halfway point will occur when 2.50 mmol of OH” has been added: 
Volume of NaOH (in mL) X 0.100 M = 2.50 mmol OH- 
or Volume of NaOH = 25.0 mL 


As was pointed out previously, at the halfway point [HCN] is equal to 
[CN] and pH is equal to pK,. Thus, after 25.0 mL of 0.100 M NaOH has 
been added, 


pH = pK, = —log(6.2 x 107!) = 9.21 
c. at the equivalence point 
Solution The equivalence point will occur when a total of 5.00 mmol of 
OH has been added. Since the NaOH solution is 0.100 M, the equivalence 
point occurs when 50.0 mL of NaOH has been added. This results in the 


formation of 5.00 mmol of CN~. The major species in solution at the equiv- 
alence point are 


GNea, INaE, and H,0 


Thus the reaction that will control the pH involves the basic cyanide ion 
extracting a proton from water: 


GN (aq) > FH OU) ==" HCNiagq) + OH (aq) 











and 
Keer Ole HCN ||OH- 
ee 26 x 19-5 = ONION 
Ke 6.210 [CN7] 
Initial Concentration Equilibrium Concentration 
Fy 5.00 mmol [CN7] = (5.00 x 1077) — x 
[CN 1o oo (50.0 ale 50.0) mL mmol/mL of 
= 5.00 x 10-2 M Se eis: 
[HCN] = 0 bi [OH-]= x 
[OH ]o~ 0 


Substituting the equilibrium concentrations into the expression for Kj, 
and solving in the usual way gives 


[OH] =x = 8.9 xX 1074 
Then from K,, we have 


[H*}=1.1x10-" and pH = 10.96 
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paadedege ds. 


0 10) 20° 30° 40) ~50 
Vol 0.10 M NaOH added (mL) 


Figure 8.4 

The pH curves for the titrations of 
50.0-mL samples of 0.10 M solutions 
of various acids with 0.10 M@ NaOH. 


The amount of acid present, not its 
strength, determines the equivalence 
point. 


2.00 mmol HA 
Y add OH 


1.00 mmol HA 
1.00 mmol A~ 





Two important conclusions can be drawn from a comparison of the titra- 
tion of 50.0 mL of 0.1 M acetic acid covered earlier in this section with that 
of 50.0 mL of 0.1 M hydrocyanic acid (Example 8.7). First, the same amount 
of 0.1 M NaOH is required to reach the equivalence point in both cases. The 
fact that HCN is a much weaker acid than HC)H;30, has no bearing on the 
amount of base required. It is the amount of acid, not its strength, that deter- 
mines the equivalence point. Second, the pH value at the equivalence point is 
affected by the acid strength. For the titration of acetic acid, the pH at the 
equivalence point is 8.72; for the titration of hydrocyanic acid, the pH at the 
equivalence point is 10.96. This difference occurs because the CN™ ion is a 
much stronger base than the C)H3;0,°~ ion. Also, the pH at the halfway point 
of the titration is much higher for HCN than for HC,H30O2, again because of 
the greater base strength of the CN~ ion (or equivalently, the smaller acid 
strength of HCN). 

The strength of a weak acid has a significant effect on the shape of its pH 
curve. Figure 8.4 shows pH curves for 50-mL samples of 0.10 M solutions of 
various acids titrated with 0.10 M NaOH. Note that the equivalence point oc- 
curs at the same volume of 0.10 M NaOH for each case but that the shapes of 
the curves are dramatically different. The weaker the acid, the greater is the pH 
value at the equivalence point. In particular, note that the vertical region sur- 
rounding the equivalence point becomes shorter as the acid being titrated be- 
comes weaker. We will see in the next section how this affects the choice of an 
indicator for such a titration. 

In addition to being used to analyze the amount of acid or base in a solu- 
tion, titrations can be used to determine the values of equilibrium constants, as 
shown in Example 8.8. 


~WWL INTERACTIVE EXAMPLE 8.8 


A chemist has synthesized a monoprotic weak acid and wants to determine its 
K, value. To do so, the chemist dissolves 2.00 mmol of the solid acid in 
100.0 mL of water and titrates the resulting solution with 0.0500 M NaOH. 
After 20.0 mL of NaOH has been added, the pH is 6.00. What is the K, value 
for the acid? 


Solution 


The Stoichiometry Problem. We represent the monoprotic acid as HA. The 
stoichiometry for the titration reaction is shown below. 


HA se (QaI- —>» _—~—A- == Jeb 
Before 
reaction: 2.00 mmol 20.0 mL X 0.0500 M 0 mmol 
= 1.00 mmol 
After 
reaction; 2.00!— 1.00 1.00 — 1.00 = 0 mmol 1.00 mmol 
= 1.00 mmol 


The Equilibrium Problem. After the reaction, the solution contains the major 
species 


HA, Ass Nat, and H,0 
The pH will be determined by the equilibrium 
HA(Gq) == Hag) A (aa) 
dee Les 


“> (aa 
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Equilibrium 
Initial Concentration Concentration 
hae 1.00 mmol [FAT = 833° <1 05 tex 
°~ (100.0 + 20.0) mL 
= 8.33 x 10-3 M ti te 
(A~}, = —_1:00 mmol che ibid [A7] = 8.33 x 10-9 + x 
© (100.0 + 20.0) mL ess 
= 8.3650 10m aM 
[H*]o~ 0 UES rx, 


Note that x is actually known here because the pH at this point is known to be 
6.00. Thus 


x = [H*] = antilog(—pH) = 1.0 x 10°* M 
Substituting the equilibrium concentrations into the expression for K, allows 


calculation of the K, value: 


x — LHTIAT) _ (8.33 x 107 + ») 
SA oo 10s lew 


(10 SG 1059833 5610s, 8 OL 1052) 
(8.33 <3108— (0-10) 


(TON <105°)(8.338 <1 052) “3 
= = 4,0) 
Reeewne aie ae 











There is an easier way to think about this problem. The original solution con- 
tained 2.00 mmol of HA, and since 20.0 mL of added 0.0500 M NaOH con- 
tains 1.00 mmol of OH’, this is the halfway point in the titration (where [HA] 
is equal to [A ]). Thus 


[H+] = K, = 1.0 x 10-6 


Titrations of Weak Bases with Strong Acids 


Titrations of weak bases with strong acids can be treated using the procedures 
we have introduced previously. As always, you should first think about the 
major species in solution and decide whether a reaction occurs that runs es- 
sentially to completion. If such a reaction does occur, let it run to completion 
and then do the stoichiometric calculations. Finally, choose the dominant equi- 
librium and calculate the pH. 

The calculations for the titration of a weak base with a strong acid are il- 
lustrated by the following titration of 100.0 mL of 0.050 M NH; with 0.10 M 
HCl. The strategies needed at several key areas in the titration will be described 
qualitatively. The actual calculations are summarized in Table 8.2. 


= Before the addition of any HCl. 
1. The major species are 
NH; and H,O 
NH; is a base and will seek a source of protons. In this case HO is the 
only available source of protons. 


2. No reactions occur that go to completion, since NH; cannot readily take 
a proton from H)O. This is evidenced by the small K, value for NH3. 


3. The equilibrium that controls the pH involves the reaction of ammonia 
with water: 


NH3(aq) + H.O(/) == NH4*(aq) + OH (aq) 
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Table 8.2 
Summary of Results for the Titration of 100.0 mL 0.050 M NHg with 0.10 M HCl 


i i ae <A en Bg OB a ec sete tS OR a NE EA a in LE ON 














Volume of 
0.10 M HCl 
Added (mL) [INH3]o [NH4*]o [H*] pH 
0 0.050 M 0 1.1x10-"M 10.96 
10.0 goime! LURID) i mop psragidiggh Wkgirs 
(100 + 10) mL (100 + 10) mL 
25.0% 2 DEO ok 2 I ci et 
(100 + 25) mL (100 + 25) mL 
5.0 mmol e 
t 43°C 10" Mh 5.36 
HN u (100 + 50) mL 
60.08 0 5.0 mmol 1.0 mmol 11 
(100 + 60) mL 160 mL 
= 6.2 X 10-3 M 





*Halfway point. 
tEquivalence point. 
+(H*] determined by the 1.0 mmol of excess H*. 


Use Ky to calculate [OH~]. Although NH; is a weak base (compared 
with OH), it produces much more OH7 in this reaction than is pro- 
duced from the autoionization of H,O. 


= Before the equivalence point. 
1. The major species (before any reaction occurs) are 
NH, Ele Gls, and H,0 
From added 
HCl 
2. The NH; will react with H* from the added HCl: 
NH3(aq) + H*(aq) == NH," (aq) 


This reaction proceeds essentially to completion because the NH; readily 
reacts with a free proton. This case is much different from the previous 
case, where HO was the only source of protons. The stoichiometric cal- 
culations are then carried out using the known volume of 0.10 M HCl 


added. 


3. After the reaction of NH; with H?* is run to completion, the solution con- 
tains the following major species: 


NH, Nia Cl and H,0 
t 


Formed in 
titration reaction 


The solution contains NH; and NH4*; thus the equilibria involving these 
species will determine [H*]. The [H*] can be calculated using either the 
dissociation reaction of NH,4*, 


NH." (4q)/==="NH,(aq) + H* (aq) 
or the reaction of NH; with H,O, 
NH3(aq) + H,O(/) === NH,4*(aq) + OH™(aq) 


to calculate the pH. 


Figure 8.5 

The pH curve for the titration of 

100.0 mL of 0.050 M NHg with 0.10 M 
HCl. Note that the pH at the equiva- 
lence point is less than 7, since the 
solution contains the weak acid NH,4*. 
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0 10 20 30 40 50 60 70 
Vol 0.10 M HCI (mL) 


a At the equivalence point. 

1. By definition, the equivalence point occurs when all the original NH; is 

converted to NH,*. Thus the major species in solution are 
NH Cla and H,0 

2. No reaction goes to completion. 

3. The equilibrium that controls [H*] is the dissociation of the weak acid 
NH,*, for which 

Ky 


epoca we 
* — K,(for NH3;) 


= Beyond the equivalence point. 


1. Excess HCI has been added and the major species are 
leer NEL (lee and H,0 
2. No reaction goes to completion. 


3. Although NH,4* will dissociate, it is such a weak acid that [H*] will be 
determined simply by the excess H*: 


mmol of H* in excess 


i 





mL of solution 


The results of these calculations are shown in Table 8.2. The pH curve is shown 
in Fig. 8.5. 





8.6 


The endpoint is defined by the 
change in color of the indicator. The 
equivalence point is defined by the 
reaction stoichiometry. 


Acid-Base Indicators 


There are two common methods for determining the equivalence point of an 
acid—base titration: 


1. Use a pH meter to monitor the pH and then plot a titration curve. The 
center of the vertical region of the pH curve indicates the equivalence point 
(for example, see Figs. 8.1 through 8.5). 

2. Use an acid-base indicator, which marks the endpoint of a titration by 
changing color. Although the equivalence point of a titration, defined by 
the stoichiometry, is not necessarily the same as the endpoint (where the 


Photos: Charles D. Winters 
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Figure 8.6 

The indicator phenolphthalein is pink in 
basic solution (top) and colorless in 
acidic solution (bottom). 





indicator changes color), careful selection of the indicator will ensure only 
negligible error. 


The most common acid-base indicators are complex molecules that are 
themselves weak acids and are represented by HIn. They exhibit one color 
when the proton is attached to the molecule and a different color when the 
proton is absent. For example, phenolphthalein, a commonly used indicator, is 
colorless in its HIn form and pink in its In, or basic, form (Fig. 8.6). 

To see how molecules function as indicators, consider the following 
equilibrium for some hypothetical indicator HIn, a weak acid with 
K, = 1.0 x 1078: 


Hin(gq) = tag) + In (aq) 





Red Blue 
ecules 
[HIn |] 
By rearranging, we get 
Ke in| 
[H*]  [HIn] 


Suppose we add a few drops of this indicator to an acidic solution whose 
pH is 1.0 ((H*] = 1.0 x 1071). Then 
eo ON now ee ee ee) Mg 
oie oto [HIn] 10,000,000 








This ratio shows that the predominant form of the indicator is HIn, resulting 
in a red solution. As OH™ is added to this solution in a titration, [H7] de- 
creases, and the equilibrium shifts to the right, changing HIn to In~. At some 
point in the titration, enough of the In~ form will be present in the solution so 
that a purple tint will be noticeable. That is, a color change from red to reddish 
purple will occur. 

How much In~ must be present in the solution for the human eye to detect 
that the color is different from the original one? For most indicators, about 
one-tenth of the initial form must be converted to the other form before a new 
color is apparent. We will assume, then, that in the titration of an acid with a 
base, the color change will be apparent at a pH where 


Mas 1 
[HIn] 10 








EXAMPLE 8.9 _ 


Bromthymol blue, an indicator with a K, value of 1.0 X 1077, is yellow in its 
HIn form and blue in its In~ form. Suppose we put a few drops of this indicator 
in a strongly acidic solution. If the solution is then titrated with NaOH, at 
what pH will the indicator color change first be visible? 


Solution For bromthymol blue, 


[H* ][In= ] 


K, = 1.0 x 1077 = 
[HIn |] 
We assume the color change is visible when 


los Nae 
[HIn] 10 





Figure 8.7 

(a) Yellow acid form of bromthymol 
blue; (6) a greenish tint is seen when 
the solution contains 1 part blue and 
10 parts yellow; (c) blue basic form. 
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(b) (c) 


That is, we assume we can see the first hint of a greenish tint (yellow plus a little 
blue) when the solution contains 1 part blue and 10 parts yellow (Fig. 8.7). Thus 


eet) 
Reso 7a 
TO OE10 jl 


(EY) ="1, 0 Se (Ome or pH = 6.0 
The color change is first visible at a pH of 6.0. 


The Henderson—Hasselbalch equation is very useful in determining the pH 
at which an indicator changes color. For example, application of Equation 
(8.2) to the K, expression for the general indicator HIn yields 


pH = pK, + loe( i) 


where K, is the dissociation constant for the acid form [HIn]. Since we assume 
that the color change is visible when 

(hele ae 

[HIn} 10 





we have the following equation for determining the pH at which the color 
change occurs: 


pH = pK, + logo) = pK, - 1 
For bromthymol blue (K, = 1 X 107’, or pK, = 7), the pH at the color change is 
pH=7-1=6 


as we calculated in Example 8.9. 

When a basic solution is titrated, the indicator HIn will initially exist as 
In~ in solution, but as acid is added, more HIn will form. In this case the color 
change will be visible when there is a mixture of 10 parts In~ to 1 part HIn. 
That is, a color change from blue to blue-green will occur (Fig. 8.7) because of 
the presence of some of the yellow HIn molecules. This color change will be 
first visible when 


Wier 10 





[HIn] 1 


Note that this expression is the reciprocal of the ratio for the titration of an 
acid. Substituting this ratio into the Henderson—Hasselbalch equation gives 


pH = pK, + log(2) = pK, + 1 


Photos: Charles D. Winters 
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Table 8.3 


Selected pH Values Near the 
Equivalence Point in the Titration 
of 100.0 mL of 0.100 M HCI with 
0.100 MW NaOH 


NaOH Added (mL) 


DDE 
100.00 
100.01 


D3 
7.0 


For bromthymol blue (pK, = 7), we have a color change at 
pH=7+1=8 


In summary, when bromthymol blue is used for the titration of an acid, the 
starting form will be HIn (yellow), and the color change occurs at a pH of 
about 6. When bromthymol blue is used for the titration of a base, the starting 
form is In~ (blue), and the color change occurs at a pH of about 8. Thus the 
useful pH range for bromthymol blue is 


pK, (bromthymol blue) + 1=7+ 1 


or from 6 to 8. The useful pH ranges for several common indicators are shown 
in Fig. 8.8 on page 275. 

When we choose an indicator for a titration, we want the indicator end- 
point (where the color changes) and the titration equivalence point to be as 
close as possible. Choosing an indicator is easier if there is a large change in pH 
near the equivalence point of the titration. The dramatic change in pH near the 
equivalence point in a strong acid-strong base titration (Figs. 8.1 and 8.2) pro- 
duces a sharp endpoint; that is, the complete color change (from the acid-to- 
base or the base-to-acid colors) usually occurs over one drop of added titrant. 

What indicator should we use for the titration of 100.00 mL of 0.100 M 
HCl with 0.100 M NaOH? We know that the equivalence point occurs at pH 
7.00. In the initially acidic solution, the indicator will exist predominantly in 
the HIn form. As OH™ ions are added, the pH will increase rather slowly at 
first (Fig. 8.1) and then will rise rapidly at the equivalence point. This sharp 
change causes the indicator dissociation equilibrium 


HIn Bhs 








to shift suddenly to the right, producing enough In~ ions to cause a color 
change. Since we are titrating an acid, the indicator is predominantly in the 
acid form initially. Therefore the first observable color change will occur at a 
pH where 





nel ee 
[HIn] 10 
Thus pH = pK, + log(z5) = pK, - 1 


If we want an indicator that will change color at pH 7, we can use this relation- 
ship to find the pK, value of a suitable indicator: 


pH =7=pkK, - 1 or pk, =7+1=8 


Thus an indicator with a pK, value of 8 (K, = 1 X 1078) will change color at 
about a pH of 7 and will be ideal to mark the endpoint for a strong acid-strong 
base titration. 

How crucial is it in a strong acid-strong base titration that the indicator 
change color exactly at a pH of 7? We can answer this question by examining 
the pH change near the equivalence point of the titration of 100.00 mL of 
0.100 M HCI with 0.100 M NaOH. The data for a few points at or near the 
equivalence point are shown in Table 8.3. Note that in going from 99.99 mL 
to 100.01 mL of added NaOH solution (about half of a drop), the pH changes 
from 5.3 to 8.7—a very dramatic change. This behavior leads to the following 
general conclusions about indicators for a strong acid-strong base titration: 


Indicator color change will be sharp, occurring with the addition of a single 
drop of titrant. 

There is a wide choice of suitable indicators. The results will agree within one 
drop of titrant, using indicators with endpoints as far apart as pH = 5 and 
pH = 9 (Fig. 8.9). 
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Figure 8.9 Figure 8.10 


The PH curve for the titration of 100.0 mL 

of 0.100 M HCl with 0.100 M/ NaOH. Note 
that phenolphthalein and methyl red have 

endpoints at virtually the same amounts of 
added NaOH. 


The pH curve for the titration of 50 mL of 
0.100 M HCHO. with 0.100 M NaOH. 
Phenolphthalein will give an endpoint very 
close to the equivalence point of the titration. 
Methyl red will change color well before the 
equivalence point (so the endpoint will be 
very different from the equivalence point) and 
is not a suitable indicator for this titration. 


The titration of weak acids is somewhat different. Figure 8.4 shows that 
the weaker the acid being titrated, the smaller is the vertical area around the 
equivalence point. This allows much less flexibility in choosing the indica- 
tor. We must choose an indicator whose useful pH range has a midpoint as 
close as possible to the pH at the equivalence point. For example, we saw 
earlier that in the titration of 0.10 M HC,H3Q) with 0.10 M NaOH, the pH 
at the equivalence point is 8.7 (Fig. 8.3). A good indicator choice is phenol- 
phthalein, since its useful pH range is 8 to 10. Thymol blue is also accept- 
able, but methyl red is not. The choice of an indicator is illustrated graphi- 
cally in Fig. 8.10. 





Titration of Polyprotic Acids 


The acid titrations we have considered so far have involved only monoprotic 
acids. When a polyprotic acid is titrated, the pH calculations are similar in 
many ways to those for a monoprotic acid, but enough differences exist to 
warrant special coverage. 

In the titration of a typical polyprotic acid, the various acidic protons are 
titrated in succession. For example, as sodium hydroxide is used to titrate 
phosphoric acid, the first reaction that takes place can be represented as 


H3PO,4(aq) + OH (aq) —~> H)PO,47 (aq) + H,O(I) 


This reaction occurs until the H;PO, is consumed (to reach the first equiva- 
lence point). Therefore, at the first equivalence point the solution contains the 
major species Na*, H)PO4 , and H)O. Then, as more sodium hydroxide is 
added, the reaction 


HPO, (aq) + OH (aq) —> HPO,?(aq) + H,O(I) 


Table 8.4 
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A Summary of Various Points in the Titration of a Triprotic Acid 




















ue on): Major Species Equilibrium Expression 
Point in the Titration Present Used to Obtain the pH 
No base added HeANEG® Ke [H*][H,A7] 
e: Ps ay [H;A] 
Base added 
i s 
Before the first equivalence point H3;A, H,A ,H,O K, = nee 
At the first equivalence point H,A~, H,O See discussion in text 
: ; RNAS [H*][HA*] 
Between the first and second equivalence points HA , HA~, H,O K,, = ~THA-] 
2 
At the second equivalence point HA2-, H,O See discussion in text 
F sh— 
Between the second and third equivalence points EIA AO Ke ee 
' ; 7 Ky 
At the third equivalence point IN NSS) K, = re 
[HAS Ons 
Le 
Beyond the third equivalence point As, OH HO pH determined by excess OH™ 





occurs to give a solution that contains Na*, HPO,4?~, and H,O as the major 
species at the second equivalence point. As sodium hydroxide is added beyond 
the second equivalence point, the reaction that occurs can be represented as 


HPO," (ag) + OH (aq) ——> PO,? (aq) + H,O()) 


As mentioned earlier, the calculations involved in obtaining the pH curve 
for the titration of a polyprotic acid are closely related to those for a monopro- 
tic acid. The same principles apply, but we must be very careful in identifying 
which of the various equilibria is appropriate to use in a given case. The secret 
to success here is, as always, identifying the major species in solution at any 
given point in the titration. We summarize the various cases in Table 8.4 for a 
triprotic acid H3A with dissociation constants K,,, K,,, and K,.. 

A point that cannot be overemphasized is that the appropriate equilibrium 
expression is chosen by knowing what major species are present. Thus, if the 
solution contains HA?~ and A*~, we must use K,, to determine the pH, and so 
on. Note that in two instances in Table 8.4 we did not specify the equilibrium 
expression to be used. These two cases, which need to be considered in more 
detail, are discussed in the section that follows. 


Solutions Containing Amphoteric Anions as the Only 
Acid-Base Major Species 
At the first equivalence point in the titration of the acid H3A with sodium hy- 
droxide, the major species are H,A~ and H,O. What equilibrium will control 
the [H*] in such a solution? 

The key to answering this question is to recognize that H,A~ is an ampho- 
teric species: It is both an acid, 


ya (4g)e—— (oq) A=. (aq) 
and a base, 
H)A (aq) + H*(aq) == H3A(aq) 


What is the best source of protons for H)A~ behaving as a base? There are two 
possible sources: H)O and other HA™ ions in the solution. By now we realize 
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that H>O is a very weak acid. In a typical case HA~ will be a much stronger 
acid than H,O. Thus, in a solution containing H,A~ and H)O as the major 
species, we expect the reaction 


H,A~(aq) + H)A~(aq) == H3A(aq) + HA?* (aq) 





to be the most important acid-base reaction. Notice that this reaction expresses 
both the acidic and basic properties of H,A~ (in the preceding equation, one 
H,A~ is behaving as the acid and the other H,A~ as the base). This reaction 
leads to the equilibrium expression 


[H3A][HA*] 











a ns 
We can obtain the value for K by recognizing that 
(HAHA) (HA) (HHA? J _ 1, 
[HA ][H,A~]  [H*][H)A7] [HA] | redial we 
Th K= Aa 
us =k 


ay 


The position of this equilibrium will determine the concentrations of H3A, 
H,A~, and HA2~ in the solution and thus will determine the pH. We can ob- 
tain an expression for [H*] from the equation 


Kx |ReAllHAa] 
eal VE 


ay 








by recognizing that if the reaction 
HA (aq) + H)A7(aq) == H3A(aq) + HA*(aq) 
is the only important reaction involving these species, then 
[H3A] = [HA] 
This condition allows us to write 


K,, _ [H3A]IHA*"] _ [H3AP 


K, [HAP [HAF 








From the expression for K,, we have 


oa igpal EA 











Ke [H,A7] 
Ke i 2 +72 
Thus a2 ss [H;A] = [H 
i LEAs |e 
K 
or [ELS Re aK, Kt 
and [Aloha K, K,, 


In terms of pH, this equation becomes 


PRR 
Ds 





pH = 


Note that this equation applies only to a solution containing the major 
species H,A~ and H,0. It does not apply, for example, to a solution that con- 
tains the major species H)A~, HA~, and H,O. In the former case H)A° is si- 
multaneously the best acid and the best base, and thus the pH is determined 


Figure 8.11 

A summary of the important equilibria 
at various points in the titration of a tri- 
protic acid. 
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by the reaction of H,A~ with itself. In the latter case the solution contains the 
acid H,A~ and its conjugate base HA?~. In this case HA™ is the best acid and 
HA?~ is the best base, and the equilibrium that controls the pH is that de- 
scribed by K,,: 


HA” (aq), == H* (aq) + HA* (aq) 


Example 8.10 shows how the pH is calculated at the first equivalence 
point of the titration of phosphoric acid with sodium hydroxide, where the 
solution contains H,PO,4~. Note that the pH of the solution does not depend 
on the concentration of H)PO,~ in the solution. Thus the pH is 4.67 at the first 
equivalence point in any typical titration of H3;PO4. Likewise, at the second 
equivalence point, where the major species are HPO,*~ and H,0, the pH is 
calculated from the expression 


_. PK, + DRS 
ms 2 


WWL INTERACTIVE EXAMPLE 8.10 _ 
Calculate the pH ofa 1.0 M solution of NaH)PO,. (For H3PO4, K,, = 7.5 X 1073, 
K,, = 6.2 X 1078, and K,, = 4.8 x 10713.) 


pH 


Solution The major species in solution are 


Na’, HEPO,-, and H,O0 


This is an example of a solution containing the amphoteric anion H,PO,_, 
which is simultaneously the best acid and the best base. Both properties must 
be considered to calculate the pH correctly. Use the formula involving the aver- 
age of the pK’s: 


Dae ee lead 
2 2 





pH = =) 4.67 


Titration of a Polyprotic Acid with Sodium 
Hydroxide—A Summary 


At this point it is useful to summarize the pH calculations associated with the 
titration of a triprotic acid H3A. Figure 8.11 shows which expression should be 
used for the major species in the solution at a given point in the titration. 





Volume of NaOH 


CNRI/Science Photo Library/Photo Researchers 
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8.8 | Solubility Equilibria and the Solubility 





An X ray of the upper gastrointestinal 
tract clarified by barium sulfate. 


This analysis ignores the presence of 
ion pairs such as CaF~, which may be 
present in significant amounts. 


Pure liquids and pure solids are never 
included in an equilibrium expression 
because they have an activity of 1. 


Product 


Solubility is a very important phenomenon. The fact that substances such as 
sugar and table salt dissolve in water allows us to flavor foods easily. Because 
calcium carbonate is less soluble in hot water than in cold water, it coats tubes 
in boilers, reducing thermal efficiency. Tooth decay involves solubility: When 
food lodges between the teeth, acids form that dissolve tooth enamel, which 
contains a mineral called hydroxyapatite [Cas(PO4);OH]. Tooth decay can be 
reduced by treating teeth with fluoride.* Fluoride replaces the hydroxide in 
hydroxyapatite to produce the corresponding fluorapatite [Cas(PO,4)3F] and 
calcium fluoride (CaF), both of which are less soluble in acids than the origi- 
nal enamel. Another important consequence of solubility occurs in the use of a 
suspension of barium sulfate to improve the clarity of X rays of the gastroin- 
testinal tract. The very low solubility of barium sulfate, which contains the 
toxic ion Ba**, makes ingestion of the compound safe. 

In this section we consider the equilibria associated with solids dissolving 
in water to form aqueous solutions. When an ionic solid dissolves in water, we 
typically assume that it dissociates into separate hydrated cations and anions. 
For example, when calcium fluoride dissolves in water, we typically represent 
the situation as follows: 


CaF,(s) Bs Ca*t(aq) + 2F (aq) 


When the solid salt is first added to the water, no Ca?* or F~ ions are present. 
However, as the dissolution proceeds, the concentrations of Ca** and F7 in- 
crease, making it more and more likely that these ions will collide and re-form 
the solid phase. Thus two competing processes are occurring, the preceding 
reaction and the reverse reaction: 


Ca** (aq) + 2F (aq) —— CaF,/(s) 
Ultimately, dynamic equilibrium is reached: 


CaF,(s) 





Gae" (aq) + 2F (aq) 





At this point, no more solid can dissolve (the solution is said to be saturated). 
We can write an equilibrium expression for this process according to the 
law of mass action: 


Ke (Ca-*jlF 


where [Ca**] and [F-] are expressed in mol/L. The constant K,, is called the 
solubility product constant, or simply the solubility product for the equilib- 
rium expression. 

Since CaF) is a pure solid, it is not included in the equilibrium expression; 
it has an activity of 1. The fact that the amount of excess solid present does not 
affect the position of the solubility equilibrium might seem strange at first; 
more solid means more surface area exposed to the solvent, which would seem 
to result in greater solubility. This is not the case, however. When the ions in 
solution re-form the solid, they do so on the surface of the solid. Thus doubling 
the surface area of the solid not only doubles the rate of dissolving but also 
doubles the rate of re-formation of the solid. The amount of excess solid pres- 
ent therefore has no effect on the equilibrium position. Similarly, although in- 
creasing the surface area by grinding up the solid or stirring the solution speeds 





“Adding F~ to drinking water is controversial. See Bette Hileman, “Fluoridation of Water,” Chem. 
Eng. News, Aug. 1, 1988, p. 26; and Bette Hileman, “Fluoride Concerns Surface Once Again,” 
Chem. Eng. News, Aug. 25, 2003, p. 22. 


Table 8.5 


Ksp Values at 25°C for Common lonic Solids 








Ionic Solid 


Ky (at 25°C) 








Fluorides 
BaF, 
MeF; 
PbF, 
SrF 
CaF, 


Chlorides 
PbCL 
AgCl 
Hg>Cl,* 


Bromides 
PbBr> 
AgBr 
Hg>Br2* 


Iodides 
PbI, 
Agl 
Hg2I* 


Sulfates 
CaSOx4 
Ag»SOx4 
SrSO4 
PbSO, 
BaSO, 


Chromates 
SrCrO4 


DSS Ne 
6.4 x 10 
A> x 105° 
TOS NO 
40x 10544 


162010 
16 10-9 
UES aloe et 


4.6 X 107° 
5.0 X 10733 
Lex 1072 


VALS Ome 
so kes 
Seine? 


6a 10> 
Qo On 
3) Se Oe” 
1g 5010-2 
(LS Salo 
Br6exa lm: 


Ionic Solid 





Kp (at 25°C) 
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Ionic Solid 


ka (at 25°C) 
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Hecro, (IM hei0 = Co(OH); 2.5 x 10716 
BaCrO, ao) o« OEE Ni(OH), 16 x 105% 
Ag CrO4 20x 10“ Zn(OH), 4.5x< 10-7 
PbCrO, De SOMO Cu(OH), 1.6 x 10-” 
Hg(OH), 3 x 10-26 
Carbonates Sn(OH)> 3 << lore” 
NiCO; Ie x OE 4 Cr(OH); 6.7 & 10522 
Cacor 8.7 X< 109 Al(OH); DQ Or 
BaCO; 1.6 x 10-9 Fe(OH); 4 x 10-38 
SrCO; FE SAO’ Co(OH)3 DS AMO 
CuCO; DSS Ue 
ZnCO; hee ANA Sulfides 
MnCO, 8.8 x 10-1 MnS DB Se ANOm 
FeCO; ZI 10a FeS SO 
AgoCO3 Sle Oe NiS 3. x 1077! 
CdCO; 5) < Ore CoS 5 «iO 
PbCO; 1S < WO" ZnS DS WO 
MgCO; i S< 1O- SnS il 3< 11@=2 
Hg,CO;* DD S< WO=#" CdS 1.0 x 10°28 
PbS 7 x 10-” 
Hydroxides CuS $5. Om 
Ba(OH)> 5.0% Ors AgS iG SX 10” 
Sr(OH), BAS NO HgS iS 10 
Ca(OH); 1.3 x 10-6 
AgOH 2OCGAO Phosphates 
Mg(OH), SOS IO Ag3PO,4 1.8 x 107% 
Mn(OH), 2 x 10-8 Sr3(PO,), 1 x 10-31 
Cd(OH), 5.8) < 1O= Ca3(PO4)2 13x WO? 
Pb(OH), 12 <Q Ba3(POx.) 6am 
Fe(OH), 1.8 x 10-15 Pb3(PO,)> 1 x 10-54 





*Contains Hg," ions. K,, 


Kg, iS an equilibrium constant; solubility 


is an equilibrium position. 


= [Hg.?*][X~]? for HgoX, salts. 


up the attainment of equilibrium, neither procedure changes the amount of 
solid dissolved at equilibrium. Neither the amount of excess solid nor the size 
of the particles will shift the position of the solubility equilibrium. 

It is very important to distinguish between the solubility of a given solid 
and its solubility product. The solubility product is an equilibrium constant 
and thus has only one value for a given solid at a given temperature. Solubility, 
on the other hand, is an equilibrium position and has an infinite number of 
possible values at a given temperature, depending on the other conditions (such 
as the presence of a common ion). The K,, values at 25°C for many common 
ionic solids are listed in Table 8.5. The units are customarily omitted. 


OWL INTERACTIVE EXAMPLE 8.11 


Calculate the K,, value for bismuth sulfide (BiS3), which has a solubility of 
O46 1052 mol/Par2seC: 


Solution The system initially contains H,O and solid Bi)S;. In the simplest 
treatment, we assume the solid dissolves as follows: 





BiyS3(s) <== 2Bi3+(aq) + 3S2-(aq) 


Ken O’Donoghue/Photograph © Cengage Learning. 


All rights reserved 
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Precipitation of bismuth sulfide. 


This treatment ignores ion pairs 
between the BiS* and S?- ions. 


A more detailed analysis of this situa- 
tion would include ion pairs such as 
[CulOg]*, but this is beyond the level of 
this text. 








Therefore ke | Brel [seal: 
Since no Bi3*+ or S2~ ions are present in solution before the BizS3 dissolves, 
[Bias = (s* lo= 9 


Thus the equilibrium concentrations of these ions will be determined by the 
amount of salt that dissolves to reach equilibrium, which in this case is 
1.0 X 10-15 mol/L. Since each Bi,S3 unit contains 2Bi?* and 3S*~ ions, 


1.0 X 107} mol/L Bi,S3(s) 
——» 2(1.0 x 10715 mol/L) Bi3*+ (aq) + 3(1.0 X 10°-% mol/L) S*- (aq) 


The equilibrium concentrations are 
[Bi3*] = [Bi?*]o + change = 0 + 2.0 X 107% mol/L 
[S?-] = [S*-]p. + change = 0 + 3.0 X 10" mol/L 
Then 


K,, = [Bi2*}2[S2-]2 = (2.0 x 10-15)2(3.0 x 10-15)3 = 1.1 x 10-73 


sp 


In Example 8.11 we used the solubility of an ionic solid to calculate its K,, 
value. The reverse is also possible: The solubility of an ionic solid can be calcu- 
lated if its K,, value is known. 


OWL INTERACTIVE EXAMPLE 8.12 


The K,, value for copper(II) iodate [Cu(IO3),] is 1.4 * 1077 at 25°C. Calculate 
its solubility at 25°C. 


Solution The system initially contains HO and solid Cu(IO3),. The solid dis- 
solves according to the following equilibrium: 





Cu(IO3)2(s) === Cu?*(aq) + 2103" (aq) 
Therefore Ks, = [Cu?*][1O37}* 


To find the solubility of Cu(IO3)2, we must find the equilibrium concentra- 
tions of the Cu** and IO3” ions. We do this in the usual way by specifying 
the initial concentrations (before any solid has dissolved) and then defining the 
change required to reach equilibrium. Since in this case we do not know the 
solubility, we will assume that x mol/L of the solid dissolves to reach equilib- 
rium. The 1:2 stoichiometry of the salt means that 


x mol/L Cu(IO3)2(s) ——> x mol/L Cu?*(aq) + 2x mol/L 103-(aq) 


The concentrations are as follows: 











Initial 
Concentration (mol/L) Equilibrium 
[before any Cu(IO3), dissolves] Concentration (mol/L) 
ce toes ee 
[1037 ]o = 0 FM es [1037] = 2x 


to reach 
equilibrium 


Substituting the equilibrium concentrations into the expression for Ie, 
gives 
1.4 X 1077 = Key = [Cu?*][103-P = (x)(2x)? = 43 
Then x = 17315 610 S813 40 ols 


Thus the solubility of solid Cu(IO3), is 3.3 * 1073 mol/L. 


Table 8.6 


Calculated Solubilities for CuS, Ag2S, 
and Bi2S3 at 25°C 





Salt 


CuS 
Ag>S 
BiS3 





Calculated 

Solubility 

Ke (mol/L) 
S53 103 92510 
i:oe< 107? @ 3.4 10747 
Lisi) = 0 105" 
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Relative Solubilities 


A salt’s K,, value provides information about its solubility. However, we must 
be careful in using K,, values to predict the relative solubilities of a group of 
salts. There are two possible situations. 


1. The salts being compared produce the same number of ions. For example, 
consider 


Agl(s) Kp = 1.5 X 10716 
Cul(s) Ke = ot 02 


CaSO,(s) Ke = 6G 10> 


Each of these solids dissolves to produce two ions: 





Salt === Cation + anion 
K,, = [cation][anion] 
If x is the solubility in mol/L, then at equilibrium 
[Cation] = x 
[Anion] = x 


K,, = [cation][anion] = x? 


x = K,, ="solubility 


Thus in this case we can compare the solubilities of these solids by compar- 
ing their K,, values: 
CaSO,4(s) > Cul(s) > Agl(s) 


Most soluble; Least soluble; 
largest Ky, smallest K,, 


2. The salts being compared produce different numbers of ions. For example, 
consider 


CuS(s) K= 8.5 x10 * 
AgS(s) Ky = 1.6 x 10~ 
BiyS3(s) Ky = 1.1 X 10773 


Since these salts produce different numbers of ions when they dissolve, the 
K,, values cannot be compared directly to determine the relative solubili- 
ties. In fact, if we calculate the solubilities (using the procedure in Example 
8.12), we obtain the results summarized in Table 8.6. The order of solu- 
bilities is 

Bi.S3(s) > Ag>S(s) = Cusi(s) 


Most soluble Least soluble 


which is opposite to the order of the K,, values. 


Remember that relative solubilities can be predicted by comparing K,, val- 
ues only for salts that produce the same total number of ions. 


Common lon Effect 


So far we have considered ionic solids dissolved in pure water. We will now see 
what happens when the water contains an ion in common with the dissolving 
salt. For example, consider the solubility of solid silver chromate (Ag,CrOg, 
K, = 9.0 X 10~"*) ina 0.100 M solution of AgNO3. Before any Ag)CrO, dis- 
solves, the solution contains the major species Ag’, NO; , and H,O. Since 


Ken O'Donoghue/Photograph © Cengage Learning. 
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A potassium chromate solution being 
added to aqueous silver nitrate, 
forming silver chromate. 


NO;> is not found in AgyCrOx, we can ignore it. The relevant initial concen- 
trations (before any Ag»CrOy, dissolves) are 


[Agt]o = 0.100 M (from the dissolved AgNO3) 
[CrO4?~]o = 0 


The system comes to equilibrium as Ag»CrO, dissolves according to the 
reaction 


Ag,CrO,(s) == 2Agt (aq) + CrO,* (aq) 
for which 
K,, = [Ag*?[CrO,2-] = 9.0 x 107” 


We assume that x mol/L of Ag»CrO, dissolves to reach equilibrium, which 
means that 


x mol/L AgyCrO4(s) ——> 2x mol/L Ag*(aq) + x mol/L CrO,? (aq) 
Now we can specify the equilibrium concentrations in terms of «x: 
[Agt] = [Ag*]o + change = 0.100 + 2x 
[CrO-] = [CrO,*“]o + change = 0 +x =x 
Substituting these concentrations into the expression for K,,, gives 
010m = [AckPiCrO;~ | — (0.1004 2x7 (x) 


The mathematics required here appears to be complicated, since the right- 
hand side of the equation produces an expression that contains an x* term. 
However, as is usually the case, we can make simplifying assumptions. Since 
the K,, value for AgsCrO, is small (the position of the equilibrium lies far to 
the left), x is expected to be small compared with 0.100 M. Therefore, 
0.100 + 2x ~ 0.100, which allows simplification of the expression: 


9.0 X 10712 = (0.100 + 2x)2(x) ~ (0.100)?(x) 
Sore 


Th ~ 
es ~ 40.100) 
Since x is much less than 0.100 M, the approximation is valid. Thus 


Solubility of Ag>CrO, in 0.100 M AgNO; = x = 9.0 X 107!° mol/L 


= 94 10 molt 


and the equilibrium concentrations are 
[Ag*] = 0.100 + 2x = 0.100 + 2(9.0 x 107!) = 0.100 M 
[CrO.2"] = x = 9.0 x 107-19 M 


Now we compare the solubilities of Ag>CrO, in pure water and in 0.100 M 
AgNO;: 


Solubility of Ag>CrO, in pure water = 1.3 X 10-4 mol/L 
Solubility of AgyCrO, in 0.100 M AgNO; = 9.0 X 10-!° mol/L 


Note that the solubility of Ag»CrO, is much less in the presence of the Ag* 
ions from AgNO. This is another example of the common ion effect. The 
solubility of a solid is lowered if the solution already contains ions common 
to the solid. 


Complications Inherent in Solubility Calculations 


So far in this section we have assumed a direct relationship between the ob- 
served solubility of a salt and the concentrations of the component ions in the 
solution. However, this procedure is fraught with difficulties. For example, 
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when we calculated the K,, for Bi.S3 earlier, no allowance was made for the 
fact that S*~ is an excellent base, causing a significant amount of the reaction 


S2-(aq) + H,O(I) HS~(aq) + OH~(aq) 








to occur in aqueous solution. Thus, although we assumed in the earlier calcula- 
tion that all of the sulfide from dissolving BiyS; exists as S2~ in solution, this is 
clearly not the case. The solubility of a salt containing a basic anion can be 
calculated accurately by simultaneously considering the K,, and Kj, equilibria. 
However, we will not show that calculation here. 

Another complication that clouds the relationship between the measured 
solubility of a salt and its K,, value is ion pairing. For example, when CaSO, 
dissolves in water, the solution contains 


Gaer(s). SO," (aq), and CaSO,4(aq) 


the last representing an ion pair surrounded by water molecules: 





Therefore, from a measured solubility of CaSO4 of ~ 10-3 M, we cannot safely 
assume that 


[Ca2*] = [SO.2-] = 10-3 M 


since significant numbers of Ca?* and SO,?~ might be present as ion pairs. In 
very accurate solubility calculations, the activities of the ions are used instead 
of the stoichiometric concentrations that we have used in this chapter. In ob- 
taining the ion activities, corrections are made for effects such as ion pairing. 
However, these calculations are beyond the scope of our treatment of 
solubility. 

Yet another complication in K,, calculations involves the formation of 
complex ions. For example, when AgCl is dissolved in water, some of the ions 
combine to form AgCl,~, a complex ion. Thus a saturated solution of AgCl 
will contain at least the ions Ag*, Cl, and AgCl,~. In addition, other complex 
ions such as AgCl;”~ may exist as well as AgCl ion pairs. Again, the assump- 
tion that the concentrations of Ag* and Cl ions can be obtained directly from 
the measured solubility of AgCl is suspect. These effects can be corrected for 
by treating the solubility and complex ion equilibria simultaneously. 

The point is this: The assumption that the ion concentrations for a particu- 
lar solid can be obtained directly from its observed solubility causes our results 
to be, at best, approximations. We will not deal here with the procedures for 
correcting solubility calculations for these various effects.* 


pH and Solubility 


The pH of a solution can affect a salt’s solubility quite significantly. For ex- 
ample, magnesium hydroxide dissolves according to the equilibrium 


Mg(OH)2(s) == Mg?" (aq) + 20H (aq) 





*For additional information, see J. M. Bonicamp, et al., J. Chem. Ed. 75 (1998): 1182. 
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Addition of OH™ ions (an increase in pH) will, by the common ion effect, force 
the equilibrium to the left, decreasing the solubility of Mg(OH)2. On the other 
hand, an addition of H* ions (a decrease in pH) increases the solubility because 
OH- ions are removed from solution by reacting with the added H” ions. In 
response to the lower concentration of OH, the equilibrium position moves 
to the right. This explains how a suspension of solid Mg(OH)2, known as milk 
of magnesia, dissolves in the stomach to combat excess acidity. 

This concept also applies to salts with other types of anions. For example, 
the solubility of silver phosphate (Ag3PO,) is greater in acid than in pure water 
because the PO,3~ ion is a strong base that reacts with H* to form the HPO? 
ion. The reaction 


H* + PO,3- — > HPO,?- 


occurs in acidic solution, thus lowering the concentration of PO4>~ and shift- 
ing the solubility equilibrium 


Ag3PO,(s) == 3Agt(aq) + PO, (aq) 


to the right. This in turn increases the solubility of silver phosphate. 

Silver chloride (AgCl), however, has the same solubility in acid as in pure 
water. Why? Since the Cl~ ion is a very weak base, the addition of H* to a 
solution containing Cl~ does not affect [Cl~] and thus has no effect on the solu- 
bility of a chloride salt. 

The general rule is that if the anion X~ is an effective base—that is, if HX 
is a weak acid—the salt MX will show increased solubility in an acidic solu- 
tion. Examples of common anions that are effective bases are OH, S*-, CO37", 
C,0,*-, and CrO,*~. Salts involving these anions are much more soluble in an 
acidic solution than in pure water. 

As mentioned at the beginning of this chapter, one practical result of the 
increased solubility of carbonates in acid is the formation of huge limestone 
caves such as Mammoth Cave in Kentucky and Carlsbad Caverns in New 
Mexico. Carbon dioxide dissolved in groundwater makes it acidic, increasing 
the solubility of calcium carbonate and eventually producing huge caverns. As 
the carbon dioxide escapes to the air, the pH of the dripping water goes up 
and the calcium carbonate precipitates, forming stalactites and stalagmites. 





Precipitation and Qualitative Analysis 


So far we have considered solids dissolving in aqueous solutions. Now we will 
consider the reverse process—the formation of precipitates. When solutions 
are mixed, various reactions can occur. We have already considered acid—base 
reactions in some detail. In this section we show how to predict whether a 
precipitate will form when two solutions are mixed. We will use the ion prod- 
uct, which is defined just like the K,, expression for a given solid except that 
initial concentrations are used instead of equilibrium concentrations. For solid 
CaF), the expression for the ion product QO is written 


Q = [Ca**]o[F-]o? 


If we add a solution containing Ca** ions to a solution containing F~ ions, a 
precipitate may or may not form, depending on the concentrations of these 
ions in the mixed solution. To predict whether precipitation will occur, we 
consider the relationship between O and K,: 


If O is greater than K,,, precipitation occurs and will continue until the concen- 
trations of ions remaining in solution satisfy K,,. 
If O is less than Kp, no precipitation occurs. 


The equilibrium constant for formation 
of solid Pbls is 1/Ks,, or 7 X 107, so 
this equilibrium lies far to the right 
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Sometimes we will want to do more than simply predict whether precipita- 
tion occurs; we will want to calculate the equilibrium concentrations in the 
solution after precipitation is complete. For example, we will next calculate the 
equilibrium concentrations of Pb?* and I” ions in a solution formed by mixing 
100.0 mL of 0.0500 M Pb(NO3)2 and 200.0 mL of 0.100 M Nal. First, we 
must determine whether solid Pbl, (K,, = 1.4 X 10~*) forms when the solu- 
tions are mixed. To do so, we first calculate [Pb?*]) and [I~ ]o before any reac- 
tion occurs: 


mmol of Pb?* — (100.0 mL)(0.0500 mmol/mL) 











Pb?* |= = =9(.67 X10 -M 
h mL of solution 300.0 mL ? 
Z mmol of I~ (200.0 mL) (0.100 mmol/mL) 7 
Pie = = 6.67 <107- M 
Uo mL of solution 300.0 mL 


The ion product for PbI, is 
Q = [Pb2+]o[I-]o2 = (1.67 X 1072)(6.67 X 1072)2 = 7.43 x 107 


Since QO is greater than K,,, a precipitate of PbI, will form. 

Note that since the K,, for Pbl, is quite small (1.4 x 1078), only very small 
quantities of Pb** and I” can coexist in aqueous solution. In other words, 
when Pb** and I- are mixed, most of these ions will precipitate out as Pbl. 
That is, the reaction 


Pb2+(aq) + 21-(aq) —> Pbl(s) 


which is the reverse of the dissolution reaction, goes essentially to completion. 

If, when two solutions are mixed, a reaction that goes virtually to com- 
pletion occurs, it is essential to do the stoichiometric calculations before con- 
sidering the equilibrium calculations. In this case we let the system go com- 
pletely in the direction toward which it tends. Then we let it adjust back to 
equilibrium. If we let Pb?* and I” react to completion, we have the following 
calculations: 


Phe =F DI > Pb, 
Before 
reaction: (100.0 mL)(0.0500 M) (200.0 mL)(0.100 M) The amount 
= 5.00 mmol = 20.0 mmol of Pbl, 
formed 
After does not 
reaction: 0 mmol DOO 2 (5200) influence the 
= 10.0 mmol equilibrium 


Next we must allow the system to reach equilibrium. At equilibrium 
[Pb**] is not zero, because the reaction really does not quite go to completion. 
The best way to think about this is that once the Pbl, is formed, a very small 
amount redissolves to reach equilibrium. Since I~ is in excess, this PbI, is dis- 
solving into a solution that contains 10.0 mmol of I” per 300.0 mL of solu- 
Hon, ot4133) <l0naM. Is. 

We can state the resulting problem as follows: What is the solubility of 
solid Pbl, in a 3.33 X 10-7 M Nal solution? The lead iodide dissolves accord- 
ing to the equation 


Pb (s) (== Pb? (ag) + 21 (aq) 
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The concentrations are as follows: 





Initial Equilibrium 
Concentration (mol/L) Concentration (mol/L) 
[Pb* los 0 x mol/L [Poe ya 
[I-]o = 3.33 X 1072 Pbl; (s) (I-] = 3.33 x 1072 + 2x 

——- 
dissolves 


Substituting into the expression for K,, gives 
Ky = 1.4 X 10-8 = [Pb?*][I-}? = (x)(3.33 x 107? + 2x)? 
(MS, 350 We) 
Then (Pe = a0 
[I-] = 3.33 X 10°? M 


Note that 3.33 X 10-2 > 2x, so the approximation is valid. These Pb?* and 
I- concentrations thus represent the equilibrium concentrations in the solu- 
tion formed by mixing 100.0 mL of 0.0500 M Pb(NO3). and 200.0 mL of 
0.100 M Nal. 


Selective Precipitation 


Mixtures of metal ions in aqueous solution are often separated by selective 
precipitation — that is, by using a reagent whose anion forms a precipitate 
with only one of the metal ions in the mixture. For example, suppose we have 
a solution containing both Ba?* and Ag* ions. If NaCl is added to the solution, 
AgCl precipitates as a white solid, but since BaCl, is soluble, the Ba*~ ions re- 
main in solution. 





EXAMPLE 8.13 


A solution contains 1.0 X 107-4 M Cu* and 2.0 X 107-3 M Pb?*. If a source 
of I is added to this solution gradually, will PbI, (K,, = 1.4 X 1078) or Cul 
(Ky) = 5.3 X 107!*) precipitate first? Specify the concentration of I~ neces- 
sary to begin precipitation of each salt. 


Solution For Pbl, the K,, expression is 
1.4 x 10-* = K,, = [Pb**][I-? 


Since [Pb**] in this solution is known to be 2.0 X 1073 M, the greatest concen- 
tration of I” that can be present without causing precipitation of PbI, can be 
calculated from the K,, expression: 


1.4 X 1078 = [Pb?+][I-}2 = (2.0 x 10-3)fI-? 
[I-] = 2.6 x 10-3. M 


Any I in excess of this concentration will cause solid PbI, to form. 
Similarly, for Cul the K,, expression is 


5.3 X09? = Ke =a(Ca' |=) (hor 04) 
and [I-] = 5.3 x 10-8 M 


A concentration of I” in excess of 5.3 X 10-8 M will cause formation of 
solid Cul. 
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Add HS 
(acidic, pH ~ 2) 







Solution of 
Mn?*, Ni2* 


Add OH to 
bring pH to 8 


Precipitate of 





MnS, NiS 
Figure 8.12 
When K\(aq) is added to a solution The separation of Cu2* and Hg?* from Ni?* and Mn?* using H2S. At a low pH, [S2°] is rela- 
containing 1.0 x 10-4 M Cu* and tively low and only the very insoluble HgS and CuS precipitate. When OH" is added to lower 
2.0 X 10°$ M Pb?*, white Cul(s) pre- [H*], the value of [S*"] increases, and MnS and NiS precipitate. 


cipitates first. 


As I is added to the mixed solution, Cul will precipitate first, since the 
[I~] required is less. Therefore, Cu* can be separated from Pb** by using this 
reagent. 

Since metal sulfide salts differ dramatically in their solubilities, the sul- 
fide ion is often used to separate metal ions by selective precipitation. For 
example, consider a solution containing a mixture of 10°* M Fe?* and 
1073 M Mn’*. Since FeS (K,, = 3.7 X 107!) is much less soluble than Mn$ 
(K,, = 2.3 X 10713), careful addition of S*~ to the mixture will precipitate 
Fe?* as FeS, leaving Mn?* in solution. 

One real advantage of using the sulfide ion as a precipitating reagent is 
that because it is basic, its concentration can be controlled by regulating the 
pH of the solution. H2S is a diprotic acid that dissociates in two steps, as 
shown in the following reactions: 


Yellow Pbl.(s) precipitates next. HS (4g) (ag) er 1S = (aq) jy ae WE 10m? 
EIS Sage (4g) oes aad) Keele 





Photographs © Cengage Learning. All rights reserved 








Note from the small K,, value that the S*~ ion has a high affinity for protons. 
In an acidic solution (large [H*]), [S*~] will be relatively small, since under 
these conditions the dissociation equilibria will lie far to the left. On the other 
hand, in a basic solution, [S?~] will be relatively large, since the very small 
value of [H*] will pull both equilibria to the right, producing relatively large 
amounts of S?~. 

Thus the most insoluble sulfide salts, such as CuS (K,, = 8.5 X 10~*) 
and HgS (K,, = 1.6 X 107°), can be precipitated from an acidic solution, 


Ne can directly compare K., values to 

ee ie a le because FeS leaving the more soluble ones, such as MnS (K,, = 2.3 X 107'8) and NiS 

and MnS produce the same number of (K,, = 3 X 10~*'), still dissolved. The more soluble sulfides can then be pre- 

ions in solution cipitated by making the solution slightly basic. This procedure is diagramed 
in Fig. 8.12. 


Qualitative Analysis 


The classic scheme for qualitative analysis of a mixture containing all the com- 
mon cations (listed in Fig. 8.13) involves first separating the cations into five 
major groups based on solubilities. (These groups are not directly related to the 
groups of the periodic table.) Each group is then treated further to separate and 
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Yi Lu Researches the Role of Metals 
in Biological Systems 





Professor Lu is a chemistry professor at University 
of Illinois, Urbana-Champaign. He obtained his 
B.S. from Beijing University, People’s Republic of 
China, and his Ph.D. from the University of Cali- 
fornia at Los Angeles, studying the roles that 
metals play in assisting biological reactions. His 
main goal is to understand how metals containing 
catalysts work. This knowledge could lead to the 
design of more efficient catalysts for processes 
involved in renewable energy, destroying environ- 
mental pollutants, fighting diseases such as AIDS, 
among others. 

Based on their knowledge of metal ion chemis- 
try, Professor Lu and his coworkers have designed 
a quick and accurate method to test for lead in 
paint and water. Detection of lead is important 
because lead is very toxic, especially to children. 
Studies have shown that children exposed to lead 
can suffer behavioral problems, learning disabili- 
ties, and, in severe cases, even death. Lead expo- 
sure is a particular problem in old houses where 





lead-based paint was 
used. 

Professor Lu and his 
colleagues have found 
new ways to test for lead 
and other toxic metals 
using single-strand DNA 
molecules that change 
color when they interact 
with metals such as lead. 
The colorimetric test for 
lead involves dipping a treated “indicator” paper 
into the water to be tested and requires only about 
2 minutes to show the result. The test for paint 
requires extraction of lead from the paint; the 
whole process takes about 20 minutes. Professor 
Lu has founded a company (DzymeTech), which is 
planning to develop a low-cost, easy-to-use kit that 
can be used to test for possible lead contamination. 
This should significantly lower the incidence of 
lead poisoning. 


Yi Lu 





Courtesy, Yi Lu/University of Illinois at Urbana 





A schematic diagram of the classic 
method for separating the common 
cations by selective precipitation. 






Precipitate of CoS, ZnS, MnS, NiS, 
FeS, Cr(OH)3, Al(OH); (Group III) 


| Add H,S(aq) 


Precipitate of CaCO3, BaCO;, 
MgCO; (Group IV) 





Add HCl(aq) 





7 


Solution of 
4 Groups III-V 


| Add NaOH(aq) 


Solution of 
Groups IV, V 


| Add Na,CO;(aq) 


Solution of 
Group V 


Inc. #SB5057 


Andrew Lambert Photography/Photo Researchers, 
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(top) Flame test for potassium. 
(bottom) Flame test for sodium. 
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identify the individual ions. We will be concerned here only with separation of 
the major groups. 


= Group I—insoluble chlorides. 


When dilute aqueous HCl is added to a solution containing a mixture of the 
common cations, only Ag*, Pb**, and Hg,** will precipitate as insoluble 
chlorides. All other chlorides are soluble and remain in solution. The Group 
I precipitate is removed, leaving the other ions in solution for treatment with 
sulfide ion. 

= Group II—sulfides insoluble in acid solution. 


After the insoluble chlorides are removed, the solution is still acidic, since 
HCl was added. If H2S is added to this solution, only the most insoluble sul- 
fides (those of Hg?*, Cd?*, Bi>*, Cu**, and Sn‘*) will precipitate, since [S*7] 
is relatively low because of the high concentration of H*. The more soluble 
sulfides will remain dissolved under these conditions. The precipitate of the 
insoluble salts is removed. 


a Group II—sulfides insoluble in basic solution. 


The solution is made basic at this stage and more H)S is added. As we saw 
earlier, a basic solution produces a higher [S*~], which leads to precipitation 
of the more soluble sulfides. The cations precipitated as sulfides at this stage 
are Co?*, Zn?*, Mn*+, Ni?*, and Fe?*. If any Cr?* and Al*+ ions are present, 
they will also precipitate, but as insoluble hydroxides (remember that the 
solution is now basic). The precipitate is separated from the solution contain- 
ing the rest of the ions. 


a Group [V—insoluble carbonates. 


At this point all the cations have been precipitated except those from Groups 
1A and 2A of the periodic table. The Group 2A cations form insoluble carbon- 
ates and can be precipitated by the addition of CO;*~. For example, Ba**, Ca?*, 
and Mg?* form solid carbonates and can be removed from the solution. 


s Group V—alkali metal and ammonium ions. 


The only ions remaining in solution at this point are the Group 1A cations 
and the NH,* ion, all of which form soluble salts with the common anions. 


EES TOES ESET Oe Pte CP Ne ER EAD 4 








From left to right, cadmium sulfide, chromiumi(|I!) hydroxide, aluminum hydroxide, and 
nickel(|I) hydroxide. 
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The Group 1A cations are usually identified by the characteristic colors they 
produce when heated in a flame. These colors are caused by the emission 
spectra of these ions. 


The qualitative analysis scheme for cations based on the selective precipi- 
tation procedure described above is summarized in Fig. 8.13. 





8.10 | 


Complex Ion Equilibria 


A complex ion is a charged species consisting of a metal ion surrounded by 
ligands. A ligand is a molecule or an ion having a lone pair of electrons that 
can be donated to the metal ion to form a covalent bond. Some common li- 
gands are H,O, NH3, Cl", and CN~. The number of ligands attached to a 
metal ion is called the coordination number. The most common coordination 
numbers are 6, for example, in Co(H,O),2* and Ni(NH3),?*; 4, for example, 
in CoCl,2~ and Cu(NH3)42*; and 2, for example, in Ag(NH3).~*; but others are 
known. 

The properties of complex ions will be discussed in more detail in Chapter 
19. For now we will just look at the equilibria involving these species. Metal 
ions add ligands one at a time in steps characterized by equilibrium constants 
called formation constants, or stability constants. For example, when solutions 
containing Ag* ions and NH; molecules are mixed, the following reactions 
take place: 


Ag*(aq) + NH3(aq) == Ag(NH3)*(aq) Kr = 2.1 
Ag(NH3)*(aq) + NH3(aq) ——= Ag(NH3)2* (aq) Ko. — $250 10 





where K, and K; are the formation constants for the two steps. In a solution 
containing Ag* and NH, all the species—NH3, Ag*, Ag(NH;3)*, and 
Ag(NH3)2*—exist at equilibrium. Calculating the concentrations of all these 
components can be complicated. However, usually the total concentration of 
the ligand is much larger than the total concentration of the metal ion, and ap- 
proximations can greatly simplify the problems. 

For example, consider a solution prepared by mixing 100.0 mL of 2.0 M 
NH; with 100.0 mL of 1.0 X 107? M AgNO. Before any reaction occurs, the 
mixed solution contains the major species Ag*, NO3~, NH3, and H,O. What 
reaction or reactions will occur in this solution? From our discussions of 
acid-base chemistry, we know that one reaction is 


NEG (¢q)- EGO) === NH (ag OHatag) 


However, we are interested in the reaction between NH; and Ag* to form 
complex ions, and since the position of the preceding equilibrium lies far to the 
left (K, for NH; is 1.8 X 10~%), we can neglect the amount of NH; consumed 
in the reaction with water. Thus, before any complex ion formation occurs, the 
concentrations in the mixed solution are 


(100.0 mL)(1.0 x 10-3 M) 








A + = = —4 
[Ag* ]o NAL S0e 10 Ad 
\ Total volume 
100.0 mL)(2.0 M 
(NH;} = ( me ONG 5 ae 


200.0 mL 


As mentioned already, the Ag* ion reacts with NH; in a stepwise manner to 
form AgNH;* and then Ag(NH3),*: 


Ag* (aq) + NH3(aq) == Ag(NHs)*(aq) K; =a 0: 
AgNH3*(aq) + NH3(aq) —= Ag(NH3)*(aq) Ky = 8.2 X 103 


Essentially all the Ag* ions originally 
present end up in Ag(NHs)2* at 
equilibrium. 
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Since both K, and K; are large, and because there is a large excess of NH3, both 
reactions can be assumed to go essentially to completion. This is equivalent to 
writing the net reaction in the solution as follows: 


Ag* ae 2NH; ———— Ag(NH3)2* 


The stoichiometric calculations are summarized below. 


Ag* 1 2NH; — Ag(NH3)2* 
Before 
reaction: 5.0 X 10°*M 1.0 M 0 
After 
reaction: 0 1:0 = 2(5.0 x 10-*) = 1.0 M 5.0 X 10-4 M 
fi 


Twice as much NH; as Ag* is required 


Note that in this case we have used molarities when performing the calcu- 
lations and we have assumed this reaction to be complete, using all the original 
Ag* to form Ag(NHs3).*. In reality, a very small amount of the Ag(NH3).* 
formed will dissociate to produce small amounts of Ag(NH3)* and Ag*. How- 
ever, since the amount of Ag(NH3).* dissociating will be so small, we can 
safely assume that [Ag(NH3).*] is 5.0 X 1074 M at equilibrium. Also, we know 
that since so little NH3 has been consumed, [NH3] is essentially 1.0 M at equi- 
librium. We can use these concentrations to calculate [Ag*] and [Ag(NH3)*] 
using the K, and K> expressions. 

To calculate the equilibrium concentration of Ag(NH3)*, we use 


[Ag(NH3)2"] 7 
[Ag(NH;)* ][NHs] 





ONS aN P= 


since [Ag(NH3).*] and [NH;] are known. Rearranging and solving for 
[Ag(NH3)*] gives 


Bie +] 5.0 x 1074 


25 =6.1x10°°M 
K[NH;] (8.2 x 10~°)(1.0) 


[Ag(NH3)*] = 





Now the equilibrium concentration of Ag* can be calculated by using Kk: 
[Ag(NH3)*] _ 6.1 x 1078 

[Ag*]INH;]  [Ag*](1.0) 

G10"? 


esc man we Oe vM 


Real S10 tes 








So far we have assumed that Ag(NH;),* is the dominant silver-containing 
species in solution. Is this a valid assumption? The calculated concentrations 
are 

[Ag(NH3).*] = 5.0 X 10°* M 
[AgNH;*] = 6.1 x 10-8 M 
[Ag*] =2.9 x 10°74 M 
These values clearly support the conclusion that 
[Ag(NH3)2*] > [AgNH3"*] > [Ag*] 


Thus the assumption that [Ag(NH3).*] is dominant is valid, and the calculated 
concentrations are correct. 

This analysis shows that although complex ion equilibria have many spe- 
cies present and look complicated, the calculations are actually quite straight- 
forward, especially if the ligand is present in large excess. 


344 Chapter 8 Applications of Aqueous Equilibria 





Calculate the concentrations of Ag*, Ag(S.03)~, and Ag($2O3)2°~ in a solution 


prepared by mixing 150.0 mL of 1.00 x 10-3 M AgNO; with 200.0 mL of 
5.00 M Na2S,03. The stepwise formation equilibria are 


Rotteqy £ S30) lady ee Ag(S,05) (aq) — Keene 
Ag(S.03)~ (aq) + $2037" (aq) == Ag(S2.03)2° (aq) K, = 3.9 X 104 


Solution The concentrations of the ligand and metal ion in the mixed solution 
before any reaction occurs are 


(150.0 mL)(1.00 x 10°* M) 
150.0mi 2 0020 aL, 


[5,0;2-} = (200.0 mL)(5.00 M) 
3-8 150.0 mL + 200.0 mL 
Since [S:O327]o > [Ag*]o, and because K; and K, are large, both formation 


reactions can be assumed to go to completion. The net reaction in the solution 
is as follows: 


='4,29 % 10M 








[Ag |= 


= 2.86 M 





Agt Sif 25,07> av a2 Ag(S.O3)2>— 
Before 
reaction: 4.29 x 10-*M 2.86 M 0 
After 
reaction: = 2.86 — 2(4.29 x 1074) 4.29 xX 10-*M 
= 2.86 M 


Note that Ag* is limiting and that the amount of $,03*~ consumed is negligi- 
ble. Also note that since all these species are in the same solution, the molarities 
can be used to do the stoichiometry problem. 

Of course, the concentrations calculated earlier do not represent the equi- 
librium concentrations. For example, the concentration of Ag~ is not zero at 
equilibrium, and there is some Ag(SO3)~ in the solution. To calculate the equi- 
librium concentrations of these species, we must use the K; and K> expressions. 
We can calculate the concentration of Ag(S,03)~ from K): 

[Ag(S,03).°7 ] 4129301105 


3.9 x 10* = K, = [Ag(S,03) ][S,0;2-]  [Ag(S,O3)-](2.86) 


[Ag(S.O3)"] = 3.8 X 10°? M 
We can calculate [Ag*] from K;: 


(AGS. Os)al as GS ocd Or? 
7TAX10e=K,= = = 
' [Ag*][S,0;2-]  [Ag*](2.86) 
[Ag*] = 1.8 x 10-18 M 
These results show that 
[Ag(S203)2°] > [Ag(S.O3)7] > [Ag*] 


Thus the assumption that essentially all the original Ag* is converted to 
Ag(S203)2°~ at equilibrium is valid. 











Complex lons and Solubility 


Often ionic solids that are only slightly soluble in water must be dissolved in 
aqueous solutions. For example, when the various qualitative analysis groups 
are precipitated, the precipitates must be redissolved to separate the ions within 
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(top) Aqueous ammonia is added to 
silver chloride (white). (bottom) The 
silver chloride, insoluble in water, dis- 
solves to form Ag(NHs3)2*(aq) and 

Cl (aq). 


When reactions are added, the equillo 


rium constant for the o 
the product of the constants for the 


individual reactions 
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each group. Consider a solution of cations that contains Ag*, Pb?*, and Hg,?*, 
among others. When dilute aqueous HCl is added to this solution, the Group I 
ions will form the insoluble chlorides AgCl, PbCl,, and Hg,Cl:. Once this 
mixed precipitate is separated from the solution, it must be redissolved to iden- 
tify the cations individually. How can this be done? We know that some solids 
are more soluble in acidic than in neutral solutions. What about chloride salts? 
For example, can AgCl be dissolved by using a strong acid? The answer is no, 
because Cl” ions have virtually no affinity for H* ions in aqueous solution. 
The position of the dissolution equilibrium 


AgCl(s) == Ag*(aq) + Cl (aq) 


is not affected by the presence of H*. 

How can we pull the dissolution equilibrium to the right, even though Cl~ 
is an extremely weak base? The key is to lower the concentration of Ag* in 
solution by forming complex ions. For example, Ag* reacts with excess NH; 
to form the stable complex ion Ag(NH3),*. As a result, AgCl is quite soluble in 
concentrated ammonia solutions. The relevant reactions are 


Ag@l(s) =—="Ap" (aq) + ClaggiiKi=1:6.x 10° 
Ag*t(aq) + NH3(aqg) — = Ag(NH3)*(aq) Kee 10° 
Ag(NH3)*(aq) + NH3(aq) —— Ag(NH3))*(aq) «Ky = 8.2 X 10 





The Ag* ion produced by dissolving solid AgCl combines with NH; to form 
Ag(NH3)2*. This causes more AgCl to dissolve until the point at which 


[Ag*]|Cl-t = "Kev—1.6.x 10°” 


Here [Ag*] refers only to the Ag* ion that is present as a separate species in 
solution. It does not represent the total silver content of the solution, which is 


[Ag] oral dissolved — [Ag*] as [AgNH3*] te [Ag(NH3)2*] 


As we saw in the preceding section, virtually all the Ag* from the dissolved 
AgCl ends up in the complex ion Ag(NH3)2*, so we can represent the dissolv- 
ing of solid AgCl in excess NH; by the equation 


AgCl(s) + 2NH3(aq) == Ag(NHs3)2*(aq) + Cl7(aq) 


Since this equation is the sum of the three stepwise reactions given above, the 
equilibrium constant for this reaction is the product of the constants for 
the three reactions. (Demonstrate this result to yourself by multiplying the 
three expressions for K,,, K;, and K>.) The equilibrium expression is 


[Ag(NH3),* ][Cl] 
[NH;} 


Ss KEES 
= (16% 10 S951 x 10°)(8.2"< 107) 
Se rl (ne 





Using this expression, we will now calculate the solubility of solid AgCl in 
a 10.0 M NH; solution. If we let x be the solubility (in mol/L) of AgCl in this 
solution, we can then write the following expressions for the equilibrium con- 
centrations of the pertinent species: 


[Cl-] =x « 











—— = 
Mes mol/L of AgCl dissolves to produce | 
[Ag(NH3)2*] =r |x mol/L of Cl” and x mol/L of Ag(NH3)> 
| Formation of x mol/L of Ag(NH;) 
[NH3] = 10.0 — 2x « | requires 2x mol/L of NH, since each 


| complex ion contains two NH; ligands 
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Substituting these concentrations into the equilibrium expression gives 


[Ag(NH3),~ ][Cl"] (a) = = te 
[NH;?? ~ (10.0 — 2x)? (10.0 = 2x)? 








R= O84 r= 


No approximations are necessary here. Taking the square root of both sides of 
the equation gives 


1/1 oat = 


) 10jgr es. 
x = 0.48 mol/L = solubility of AgCl(s) in 10.0 M NH; 


Thus the solubility of AgCl in 10.0 M NH; is much greater than in pure water, 
which is 


VK,, = 1.3 X 1075 mol/L 


In this chapter we have considered two strategies for dissolving a water- 
insoluble ionic solid. If the anion of the solid is a good base, the solubility is 
greatly increased by acidifying the solution. In cases where the anion is not suf- 
ficiently basic, the ionic solid can often be dissolved in a solution containing a 
ligand that forms stable complex ions with its cation. 

Sometimes solids are so insoluble that combinations of reactions are 
needed to dissolve them. For example, to dissolve the extremely insoluble HgS 
(K,) = 1.6 X 10754), we must use a mixture of concentrated HCl and concen- 
trated HNO, called aqua regia. The H* ions in the aqua regia react with the 
S?~ ions to form HS, and Cl- reacts with Hg?* to form various complex ions 
such as HgCl,*~. In addition, NO3;~ oxidizes S*~ to elemental sulfur. These 
processes lower the concentrations of Hg’* and S*~ and thus promote the solu- 
bility of HgS. 

Since the solubility of many salts increases with temperature, simple 
heating is sometimes enough to make a salt sufficiently soluble. For exam- 
ple, earlier in this section we considered the mixed chloride precipitates of 
the Group I ions—PbCl,, AgCl, and Hg,Cl). The effect of temperature on 
the solubility of PbCl, is such that we can precipitate PbCl, with cold aque- 
ous HCI and then redissolve it by heating the solution to near boiling. In this 
way, PbCl, can be separated from the silver and mercury(I) chlorides, since 
they are not significantly soluble in hot water. Subsequently, solid AgCl can 
be dissolved and separated from Hg)Cl, by using aqueous ammonia. The 


solid Hg,Cl, reacts with NH; to form a mixture of elemental mercury and 
HgNH,Cl: 


Hg2Cl,(s) + 2NH3(aq) —~> HgNH>Cl(s) + Hg(/) + NH4*(aq) + Cl-(aq) 
White Black 


The mixed precipitate appears gray. This is an oxidation-reduction reaction in 
which one mercury(I) ion in Hg)Cl is oxidized to Hg** in HgNH>Cl and the 
other mercury(I) ion is reduced to Hg, or elemental mercury. 

The treatment of the Group I ions is summarized in Fig. 8.14. Note that 
the presence of Pb** is confirmed by adding CrO,?~, which forms bright yel- 
low lead(II) chromate (PbCrO,). Also note that H* added to a solution con- 
taining Ag(NH3).* and Cl- reacts with the NH; to form NH", thus destroy- 
ing the Ag(NH3)2.* complex. Silver chloride then re-forms: 


2H*(aq) + Ag(NH3)2*(aq) + Cl-(aq) —>» 2NH,*(aq) + AgCl(s) 


Note that the qualitative analysis of cations by selective precipitation involves 
all the types of reactions we have discussed and represents an excellent applica- 
tion of the principles of chemical equilibrium. 


Figure 8.14 
The separation of the Group | ions in the 
Classic scheme of qualitative analysis. 





For Review 
Add cold HCl(aq) 
Heat 
pase Sener, 
= Solution of > F° Precipitate of 
NZ c\pey et ard AgCl(s), Hg,CL(s) 
Add CrO,7- Add NH; (aq) 
Pe ea eo + he ia 
Precipitate of +H Solu ae , ‘ pera er 
PbCrO,(s) (yellow) & See er, - Begs a 
pee ee: 4s HgNH,Cl(s) (white) 
eee oe SE ae : 
| Add H* 


Precipitate of 
AgCl(s) (white) 
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Key Terms For Review 
Section 8.1 OWL ana (SO HEU 


common ion 
common ion effect 


Section 8.2 
buffered solution 
Henderson-Hasselbalch equation 


Section 8.4 
buffer capacity 


Section 8.5 

pH curve (titration curve) 

millimole (mmol) 

equivalence point (stoichiometric 
point) 

Section 8.6 

acid-base indicator 

phenolphthalein 


Section 8.8 
solubility product constant 
(solubility product) 


Section 8.9 

ion product 

selective precipitation 
qualitative analysis 


Section 8.10 
complex ion 
“formation (stability) constant 





Sign in at www.cengage.com/ow! to: 


e View tutorials and simulations, develop problem-solving skills, and complete online homework 


assigned by your professor. 


¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 


(or purchase them at www.cengagebrain.com) 


Buffered solutions 


= Contains a weak acid (HA) and its salt (NaA) or a weak base (B) and 


its salt (BHCl) 
w Resists a change in its pH when H* or OH™ is added 
s For a buffered solution containing HA and A~ 
a The Henderson—Hasselbalch equation is useful: 
4) 
pH = pK, loe( 


ws The capacity of the buffered solution depends on the amounts of HA 


and A~ present 


A 
a The most efficient buffering occurs when the ia ratio is close to 1 


= Buffering works because the amounts of HA (which reacts with added 
OH) and A™ (which reacts with added H*) are large enough that the 


[A] 


———~ ratio does not change significantly when strong acids or bases are 


[HA] 
added 
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= The general equation for buffered solutions that includes contributions 
from water is 
= Stade <9 x) 
He ( Ke) a 
bee | = Le 
[H*] 





a K,= 
[HA ]p — 


Acid-base titrations 
= The progress of a titration is represented by plotting the pH of the solu- 
tion versus the volume of added titrant; the resulting graph is called a 
pH curve or titration curve 
= Strong acid-strong base titrations show a sharp change in pH near the 
equivalence point 
a The shape of the pH curve for a strong base-strong acid titration be- 
fore the equivalence point is quite different from the shape of the pH 
curve for a strong base—weak acid titration 
m The strong base—weak acid pH curve shows the effects of buffering 
before the equivalence point 
= For a strong base—weak acid titration, the pH is greater than 7 at the 
equivalence point because of the basic properties of A7 
= Indicators are sometimes used to mark the equivalence point of an 
acid-base titration 
a The end point is where the indicator changes color 
a The goal is to have the end point and the equivalence point be as 
close as possible 


Solids dissolving in water 
a For a slightly soluble salt, an equilibrium is set up between the excess 
solid (MX) and the ions in solution: 


MX(s) == M*(aq) + X (aq) 
a The corresponding constant is called K,,: 
Ky == [M*][X"] 


a The solubility of MX(s) is decreased by the presence of another 
source of either M* or X~; this is called the common ion effect 
m Predicting whether precipitation will occur when two solutions are 
mixed involves calculating Q for the initial concentrations 
a If Q> K,,, precipitation occurs 
a If Q=K,,, no precipitation occurs 





Qualitative analysis 
a A mixture of ions can be separated by selective precipitation 
= The ions are first separated into groups by adding HCl(aq), then 
H,S(aq), then NaOH (aq), and finally NayCO3(aq) 
a The ions in the groups are separated and identified by further selec- 
tive dissolution and precipitation 


Complex ions 

= Complex ions consist of a metal ion surrounded by attached ligands 
a A ligand is a Lewis base 
a The number of ligands is called the coordination number, which is 

commonly 2, 4, or 6 

= Complex ion equilibria in solution are described by formation (stabil- 
ity) constants 

a The formation of complex ions can be used to selectively dissolve sol- 
ids in the qualitative analysis scheme 
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These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


i 


n 


What are the major species in solution after NaHSO, is dis- 
solved in water? What happens to the pH of the solution as 
more NaHSO, is added? Why? Would the results vary if 
baking soda (NaHCO; ) were used instead? Explain. 


. A friend asks the following: “Consider a buffered solution 


made up of the weak acid HA and its salt NaA. If a strong 
base such as NaOH is added, the HA reacts with the OH~ 
to make A~. Thus the amount of acid (HA) is decreased, 
and the amount of base (A°) is increased. Analogously, 
adding HCl to the buffered solution forms more of the 
acid (HA) by reacting with the base (A~). Thus how can 
we claim that a buffered solution resists changes in the pH 
of the solution?” How would you explain buffering to 
your friend? 


. Mixing together solutions of acetic acid and sodium hy- 


droxide can make a buffered solution. Explain. How does 
the amount of each solution added change the effective- 
ness of the buffer? Would a buffered solution made by 
mixing HCl and NaOH be effective? Explain. 


. Sketch two pH curves, one for the titration of a weak acid 


with a strong base, and one for the titration of a strong acid 
with a strong base. How are they similar? How are they 
different? Account for the similarities and the differences. 


. Sketch a pH curve for the titration of a weak acid (HA) 


with a strong base (NaOH). List the major species, and 
explain how you would calculate the pH of the solution at 
various points, including the halfway point and the equiv- 
alence point. 


. You have a solution of the weak acid HA and add some 


HCI to it. What are the major species in the solution? 
What do you need to know to calculate the pH of the so- 


Exercises 


10. 


(Mike 


WE 


We 


14. 


lution, and how would you use this information? How 
does the pH of the solution of just the HA compare with 
that of the final mixture? Explain. 


You have a solution of the weak acid HA and add some of 
the salt NaA to it. What are the major species in the solu- 
tion? What do you need to know to calculate the pH of 
the solution, and how would you use this information? 
How does the pH of the solution of just the HA compare 
with that of the final mixture? Explain. 


Devise as many ways as you can to experimentally deter- 
mine the K,, value of a solid. Explain why each of these 
would work. 


. You are browsing through the Handbook of Hypothetical 


Chemistry when you come across a solid that is reported 
to have a K,, value of zero in water at 25°C. What does 
this mean? 


A friend tells you: “The constant K,, of a salt is called the 
solubility product constant and is calculated from the con- 
centrations of ions in the solution. Thus, if salt A dissolves 
to a greater extent than salt B, salt A must have a higher 
K,, than salt B.” Do you agree with your friend? Explain. 


What happens to the K,, value of a solid as the tempera- 
ture of the solution changes? Consider both increasing 
and decreasing temperatures, and explain your answer. 


Which is more likely to dissolve in an acidic solution, sil- 
ver sulfide or silver chloride? Why? 


You have two salts AgX and AgY with very similar K,, 
values. You know that the K, value for HX is much 
greater than the K, value for HY. Which salt is more sol- 
uble in an acidic solution? Explain. 


Under what circumstances can the relative solubilities 
of two salts be compared by directly comparing values of 
their solubility products? 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Buffers 


LS. 


16. 


Define a buffered solution. What makes up a buffered so- 
lution? Explain how buffers absorb added H* or OH™ 
with little pH change. A certain buffer is made by dissolv- 
ing NaHCO; and Na2CO; in some water. Write equations 
to show how this buffer neutralizes added H* and OH. 


A good buffer generally contains relatively equal concen- 
trations of a weak acid and its conjugate base. If you 
wanted to buffer a solution at pH = 4.00 or pH = 10.00, 
how would you decide which weak acid-conjugate base 
or weak base-conjugate acid pair to use? The second 


_ characteristic of a good buffer is good buffering capacity. 





What is the capacity of a buffer? How do the following 
buffers differ in capacity? How do they differ in pH? 


0.01 M acetic acid/0.01 M sodium acetate 
0.1 M acetic acid/0.1 M sodium acetate 
1.0 M acetic acid/1.0 M sodium acetate 


. How many of the following are buffered solutions? Ex- 


plain your answer. Note: Counter-ions and water mole- 
cules have been omitted from the illustrations for clarity. 
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Which of the following can be classified as buffer 
solutions? 

0.25 M HBr + 0.25 M HOBr 

0.15 M HClO, + 0.20 M RbOH 

0.50 M HOC! + 0.35 M KOC] 

. 0.70 M KOH + 0.70 M HONH, 

. 0.85 M H,NNH, + 0.60 M H,NNH;NO; 


eo fo op 


. Consider a buffered solution where [weak acid] > [conju- 


gate base]. How is the pH of the solution related to the 
pK, value of the weak acid? If [conjugate base] > [weak 
acid], how is pH related to pK,? 


Derive an equation analogous to the Henderson- 
Hasselbalch equation that relates pOH and pK, of a 
buffered solution composed of a weak base and its con- 
jugate acid, such as NH; and NH,’. 


Calculate the pH of each of the following solutions. 

a. 0.100 M propanoic acid (HC3H;Q2, K, = 1.3 X 107°) 
b. 0.100 M sodium propanoate (NaC3H;O;) 

c. pure H,O 

d. 0.100 M HC3H;O0, and 0.100 M NaC3H;O; 


Calculate the pH after 0.020 mole of HCl is added to 
1.00 L of each of the four solutions in Exercise 21. 


Calculate the pH after 0.020 mole of NaOH is added to 
1.00 L of each of the four solutions in Exercise 21. 


The results of Exercises 21-23 illustrate an important 
property of buffered solutions. Which solution in Exercise 
21 is the buffered solution and what important property is 
illustrated by the results? 


Calculate the pH of a solution that is 0.60 M HF and 
1.00 M KF. 


Calculate the pH of a solution that is 0.100 M HONH; 
and 0.100 M HONH;CI. 


Calculate the pH after 0.10 mole of NaOH is added to 
1.00 L of the solution in Exercise 25, and calculate the pH 
after 0.20 mole of HCl is added to 1.00 L of the solution 
in Exercise 25. 


Calculate the pH after 0.020 mole of NaOH is added to 
1.00 L of the solution in Exercise 26, and calculate the pH 
after 0.020 mole of HCl is added to 1.00 L of the solution 
in Exercise 26. 


Calculate the pH of a solution that is 0.40 M H,NNH;> 
and 0.80 M H,NNH3NO;. In order for this buffer to 
have pH = pK,, would you add HCl or NaOH? What 
quantity (moles) of which reageant would you add to 
1.0 L of the original buffer so that the resulting solution 
has pH = pK,? 

Calculate the pH of a solution that is 0.20 M HOCI and 
0.90 M KOCL. In order for this buffer to have pH = pK,, 
would you add HCl or NaOH? What quantity (moles) of 
which reagent would you add to 1.0 L of the original buf- 
fer so that the resulting solution has pH = pK,? 

Calculate the pH of a buffered solution prepared by dis- 
solving 21.5 g of benzoic acid (HC7H;O2) and 37.7 g of 
sodium benzoate in 200.0 mL of solution. 

A buffered solution is made by adding 50.0 g NH,Cl to 
1.00 L of a 0.75 M solution of NH3. Calculate the pH of 
the final solution. (Assume no volume change.) 


33: 


34. 


3) De 
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38. 


40. 


41. 


42. 


43. 


Consider a solution that contains both CsHsN and 
Cs;H;NHNO3. Calculate the ratio [CsHsN]/[CsHsNH"] if 
the solution has the following pH values. 

a. pH = 4.50 € pHa 5.2) 

b. pH = 5.00 d. pH = 5.50 

How many moles of NaOH must be added to 1.0 L of 2.0 
M HC)H;0; to produce a solution buffered at each pH? 
a. pH = pK, b. pH = 4.00 c. pH = 5.00 
Calculate the number of moles of HCI(g) that must be 
added to 1.0 L of 1.0 M NaC3H;30; to produce a solution 
buffered at each pH. 

a. pH = pK, b. pH = 4.20 c. pH = 5.00 
You make 1.00 L of a buffered solution (pH = 4.00) by 
mixing acetic acid and sodium acetate. You have 1.00 M 
solutions of each component of the buffered solution. 
What volume of each solution do you mix to make such a 
buffered solution? 


. Calculate the mass of sodium acetate that must be added 


to 500.0 mL of 0.200 M acetic acid to form a pH = 5.00 
buffered solution. 


Calculate the pH after 0.010 mole of gaseous HCl is added 
to 250.0 mL of each of the following buffered solutions. 

a. 0.050 M NH; and 0.15 M NH;Cl 

b. 0.50 M NH; and 1.50 M NH,Cl 


39. An aqueous solution contains dissolved CsH;NH3Cl and 


CsH;NH>. The concentration of CsH;NH; is 0.50 M and 

PH is 4.20. 

a. Calculate the concentration of C;H;NH;° in this 
buffered solution. 

b. Calculate the pH after 4.0 g of NaOQH(s) is added to 
1.0 L of this solution. (Neglect any volume change.) 


What volumes of 0.50 M HNO, and 0.50 M NaNO; 
must be mixed to prepare 1.00 L of a solution buffered at 
pH = 3.55? 

Phosphate buffers are important in regulating the pH of 
intracellular fluids at pH values generally between 7.1 and 
Hodes 

a. What is the concentration ratio of H,PO,4~ to HPO.27 

in intracellular fluid at pH = 7.15? 


HPO,-(aq) == HPO,2-(aq) + H*(aq) Ky = 6.2 X 1078 


b. Why is a buffer composed of H;3PO4 and H)PO,47 
ineffective in buffering the pH of intracellular fluid? 


HPOg@q) == FRPOe (ag) PH (ag)y ke = 7 eee 
Carbonate buffers are important in regulating the pH of 
blood at 7.40. If the carbonic acid concentration in a 
sample of blood is 0.0012 M, determine the bicarbonate 
ion concentration required to buffer the pH of blood at 
pH = 7.40. 


H,CO3(aq) == HCO;"(aq) + H*(aq) Ky = 4.3 X 1077 


When a person exercises, muscle contractions produce 
lactic acid. Moderate increases in lactic acid can be han- 
dled by the blood buffers without decreasing the pH of 
blood. However, excessive amounts of lactic acid can 
overload the blood buffer system, resulting in a lowering 
of the blood pH. A condition called acidosis is diagnosed 
if the blood pH falls to 7.35 or lower. Assume the primary 
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blood buffer system is the carbonate buffer system de- 
scribed in Exercise 42. Calculate what happens to the 
[H»CO3]/[HCO; | ratio in blood when the pH decreases 
from 7.40 to 7.35. 


Which of the following mixtures would result in a buffered 
solution when 1.0 L of each of the two solutions are mixed? 
a. 0.1 M KOH and 0.1 M CH3NH;Cl 

b. 0.1 M KOH and 0.2 M CH;NH) 

c. 0.2 M KOH and 0.1 M CH;NH;Cl 

d. 0.1 M KOH and 0.2 M CH3NH;Cl 


. Which of the following mixtures would result in a buff- 


ered solution when 1.0 L of each of the two solutions are 
mixed? 

a. 0.2 M HNO; and 0.4 M NaNO; 

b. 0.2 M HNO; and 0.4 M HF 

c. 0.2 M HNO; and 0.4 M NaF 

d. 0.2 M HNO; and 0.4 M NaOH 


Calculate the pH of a solution formed by mixing 100.0 mL 
of 0.100 M NaF and 100.0 mL of 0.025 M HCl. 


. Consider the acids in Table 7.2. Which acid would be the 


best choice for preparing a pH = 7.00 buffer? Explain 
how to make 1.0 L of this buffer. 


Consider the bases in Table 7.3. Which base would be the 
best choice for preparing a pH = 5.00 buffer? Explain 
how to make 1.0 L of this buffer. 


A solution contains 1.0 X 10~° M HOCl and an unknown 
concentration of KOCI. If the pH of the solution is 7.20, 
calculate the KOCI concentration. (Hint: The contribu- 
tion of water to the [H*] cannot be ignored.) 


In Section 8.3 an equation was derived for the exact treat- 
ment of HA/NaA-type buffers. What would be the expres- 
sion for B/BHCl-type buffers stated in terms of K,, [OH], 
[B], and [BH~]? Would it be necessary to use this exact 
expression to solve for the pH of a solution containing 
1.0 x 10-* MHONH); and 1.0 X 10°° M HONH;CI? 
Explain. 


. Consider a weak acid HA with a K, value of 1.6 X 107’. 


Calculate the pH of a solution that is 5.0 x 10°’ M HA 
and 5.0 X 10-7 M NaA. 


Acid-Base Titrations 


52. 


Consider the following pH curves for 100.0 mL of two 
different acids with the same intital concentration each 
titrated by 0.10 M NaOH: 





Vol NaOH 


a. Which plot represents a pH curve of a weak acid, and 
which plot is for a strong acid? How can you tell? Cite 
three differences between the plots that help you decide. 
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b. In both cases the pH is relatively constant before the 
pH changes greatly. Does this mean that at some point 
in each titration each solution was a buffered solution? 

c. True or false? The equivalence point volume for each 
titration is the same. Explain your answer. 

d. True or false? The pH at the equivalence point for 
each titration is the same. Explain your answer. 


3. An acid is titrated with NaOH. The following beakers are 


illustrations of the contents of the beaker at various times 
during the titration. These are presented out of order. 
Note: Counter-ions and water molecules have been omit- 
ted from the illustrations for clarity. 























a. Is the acid a weak or strong acid? How can you tell? 

b. Arrange the beakers in order of what the contents 
would look like as the titration progresses. 

c. For which beaker would pH = pK,? Explain your 
answer. 

d. Which beaker represents the equivalence point of the 
titration? Explain your answer. 

e. For which beaker would the K, value for the acid not be 
necessary to determine the pH? Explain your answer. 


Consider the titration of a generic weak acid HA with a 
strong base that gives the following titration curve: 
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On the curve indicate the points that correspond to the 
following. 

the equivalence point 

the maximum buffering region 

pH = pK, 

. pH depends only on [HA] 

. pH depends only on [A”] 

. pH depends only on the amount of excess strong base 


added 


moaoge 


. Sketch the titration curve for the titration of a generic 


weak base B with a strong acid. The titration reaction is 
Bee Die 


On the curve indicate the points that correspond to the 
following. 

the stoichiometric (equivalence) point 

. the region with maximum buffering 

pH = pk, 

. pH depends only on [B] 

. pH depends only on [BH*] 

. pH depends only on the amount of excess strong acid 


added 


Draw the general titration curve for a strong acid titrated 
with a strong base. At the various points in the titration, 
list the major species present before any reaction takes 
place and the major species present after any reaction 
takes place. What reaction takes place in a strong acid— 
strong base titration? How do you calculate the pH at the 
various points along the curve? What is the pH at the 
equivalence point for a strong acid-strong base titration? 
Why? Answer the same questions for a strong base-strong 
acid titration. Compare and contrast a strong acid—strong 
base titration with a strong base-strong acid titration. 


. Consider the following four titrations: 


i. 100.0 mL of 0.10 M HCI titrated with 0.10 M NaOH 
ii. 100.0 mL of 0.10 M NaOH titrated with 0.10 M HCl 
iii. 100.0 mL of 0.10 M CH3NH,)j titrated with 0.10 M 
HCl 
iv. 100.0 mL of 0.10 M HF titrated with 0.10 M NaOH 


Rank the titrations in order of 

a. increasing volume of titrant added to reach the equiv- 
alence point. 

b. increasing pH initially before any titrant has been 
added. 

c. increasing pH at the halfway point in equivalence. 

d. increasing pH at the equivalence point. 


How would the rankings change if C;sHsN replaced 
CH3NH); and if HOC;H;s replaced HF? 


A student titrates an unknown weak acid HA to a pale- 
pink phenolphthalein endpoint with 25.0 mL of 0.100 M 
NaOH. The student then adds 13.0 mL of 0.100 M HCl. 
The pH of the resulting solution is 4.7. How is the value 
of pK, for the unknown acid related to 4.7? 


The following plot shows the pH curves for the titrations 
of various acids with 0.10 M NaOH (all of the acids were 
50.0-mL samples of 0.10 M concentration). 
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Which pH curve corresponds to the weakest acid? 

b. Which pH curve corresponds to the strongest acid? 
Which point on the pH curve would you examine to 
see if this acid is a strong acid or a weak acid (assum- 
ing you did not know the initial concentration of the 
acid)? 

c. Which pH curve corresponds to an acid with K, ~ 
ee tO? 

The figure in the preceding exercise shows the pH curves 

for the titrations of six different acids with NaOH. Make 

a similar plot for the titration of three different bases with 

0.10 M HCl. Assume 50.0 mL of 0.20 M of the bases, and 

assume the three bases are a strong base (KOH), a weak 

base with K, = 1 X 10~°, and another weak base with 

K, = 1X fo 

Consider the titration of 40.0 mL of 0.200 M HCI1O, with 

0.100 M KOH. Calculate the pH of the resulting solution 

after the following volumes of KOH have been added. 


is) 


a. 0.0 mL d. 80.0 mL 
b. 10.0 mL e. 100.0 mL 
c. 40.0 mL 


Consider the titration of 80.0 mL of 0.100 M Ba(OH), 
with 0.400 M HCl. Calculate the pH of the resulting solu- 
tion after the following volumes of HCl have been added. 


a. 0.0 mL d. 40.0 mL 
b= 200mm: e. 80.0 mL 
Ca OLO mms 


Consider the titration of 100.0 mL of 0.200 M acetic acid 
(K, = 1.8 X 10°) with 0.100 M KOH. Calculate the pH 
of the resulting solution after each of the following vol- 
umes of KOH has been added. 


a. 0.0 mL d. 150.0 mL 
b. 50.0 mL e. 200.0 mL 
c. 100.0 mL f. 250.0 mL 


Consider the titration of 100.0 mL of 0.100 M H,NNH, 
(Ky, = 3.0 X 10°°) with 0.200 M HNO. Calculate the pH 
of the resulting solution after each of the following vol- 
umes of HNO; has been added. 


ae On Obama d. 40.0 mL 
b. 20.0 mL e. 50.0 mL 
cas. Oimle f. 100.0 mL 


. Lactic acid is a common by-product of cellular respiration 


and is often said to cause the “burn” associated with 
strenuous activity. A 25.0-mL sample of 0.100 M lactic 
acid (HC;H;03, pK, = 3.86) is titrated with 0.100 M 
NaOH solution. Calculate the pH after the addition of 
0.0° mL, °4.0°mL, 8:0 mL 12.5 mL, 20:0 m1224.0 mie 
24,5 mL; 24.9 mL, 25.0mE, 25-1 mi, 26.0 ml, 28.0 ale 
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and 30.0 mL of the NaOH. Plot the results of your calcu- 
lations as pH versus milliliters of NaOH added. 


Repeat the procedure in Exercise 65 for the titration of 
25.0 mL of 0.100 M propanoic acid (HC3H;O), 
K, = 1.3 X 107°) with 0.100 M KOH. 


Repeat the procedure in Exercise 65 for the titration of 
25.0 mL of 0.100 M NH; (K, = 1.8 X 1075) with 0.100 
M HCl. 


Repeat the procedure in Exercise 65 for the titration of 
25.0 mL of 0.100 M pyridine (K, = 1.7 X 107%) with 
0.100 M hydrochloric acid. Do not do the points at 
24.9 mL and 25.1 mL. 


Calculate the pH at the halfway point and at the equiva- 

lence point for each of the following titrations. 

a. 100.0 mL of 0.10 M HC;H;Q) (K, = 6.4 X 107°) 
titrated with 0.10 M NaOH 

b. 100.0 mL of 0.10 M C;H;NH)> (Ky = 5.6 X 1074) 
titrated with 0.20 M HNO, 

c. 100.0 mL of 0.50 M HCl titrated with 0.25 M NaOH 


You have 75.0 mL of 0.10 M HA. After adding 30.0 mL 
of 0.10 M NaOH, the pH is 5.50. What is the K, value 
of HA? 


A student dissolves 0.0100 mole of an unknown weak 
base in 100.0 mL water and titrates the solution with 
0.100 M HNO. After 40.0 mL of 0.100 M HNO; was 
added, the pH of the resulting solution was 8.00. Calcu- 
late the Kj, value for the weak base. 


Indicators 


Tipe 
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What is an acid-base indicator? Define the equivalence 
(stoichiometric) point and the endpoint of a titration. 
Why should you choose an indicator so that the two 
points coincide? Do the pH values of the two points have 
to be within 0.01 pH unit of each other? Explain. Why 
does an indicator change from its acid color to its base 
color over a range of pH values? In general, when do 
color changes start to occur for indicators? Can the indi- 
cator thymol blue contain only a single —CO,2H group 
and no other acidic or basic functional group? Explain. 


Two drops of indicator HIn (K, = 1.0 X 10~’), where 
HIn is yellow and In~ is blue, are placed in 100.0 mL of 
0.10 M HCl. 

a. What color is the solution initially? 

b. The solution is titrated with 0.10 M NaOH. At what 
pH will the color change (yellow to greenish yellow) 
occur? 

c. What color will the solution be after 200.0 mL of 
NaOH has been added? 

A certain indicator HIn has a pK, of 3.00 and a color 

change becomes visible when 7.00% of the indicator has 

been converted to In~. At what pH is this color change 
visible? 

Estimate the pH of a solution in which bromcresol green 

is blue and thymol blue is yellow (see Fig. 8.8). 

A solution has a pH of 7.0. What would be the color of 

the solution if each of the following indicators were 

added? (See Fig. 8.8.) 

a. thymol blue 

b. bromthymol blue 


c. methyl red 
d. crystal violet 
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. Which of the indicators in Fig. 8.8 could be used for doing 


the titrations in Exercises 61 and 63? 


. Which of the indicators in Fig. 8.8 could be used for doing 


the titrations in Exercises 62 and 64? 


. Which of the indicators in Fig. 8.8 could be used for doing 


the titrations in Exercises 65 and 67? 


. Which of the indicators in Fig. 8.8 could be used for doing 


the titrations in Exercises 66 and 68? 


. Methyl red (K, = 5.0 X 107°) undergoes a color change 


from red to yellow as the solution gets more basic. Calcu- 
late an approximate pH range for which methyl red is 
useful. What color change occurs and what is the pH at 
the color change when a weak acid is titrated with a 
strong base using methyl red as an indicator? What color 
change occurs and what is the pH at the color change 
when a weak base is titrated with a strong acid using 
methyl red as an indicator? For which of these two types 
of titrations is methyl red a possible indicator? 


Indicators can be used to estimate the pH values of solu- 
tions. To determine the pH of a 0.01 M weak acid (HX) 
solution, a few drops of three different indicators are 
added to separate portions of 0.01 M HX. The resulting 
colors of the HX solution are summarized in the last col- 
umn of the accompanying table. What is the approximate 
pH of the 0.01 M HX solution? What is the approximate 
K, value for HX? 


Color of 
0.01 MHX 


Blue 


Color 
of In~ 


Blue 


Color 
of HIn 


Yellow 


pk, 
of HIn 


4.0 


Indicator 
(HIn) 


blue 
Bromcresol 
purple 
Bromcresol 
green 


Yellow Purple 6.0 Yellow 


Yellow Blue 4.8 Green 


Polyprotic Acid Titrations 


SS: 


When a diprotic acid, HA, is titrated with NaOH, the 
protons on the diprotic acid are generally removed one at 
a time, resulting in a pH curve that has the following ge- 
neric shape: 





Vol NaOH added 


a. Notice that the plot has essentially two titration 
curves. If the first equivalence point occurs at 
100.0 mL NaOH added, what volume of NaOH 
added corresponds to the second equivalence point? 
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A 


diprotic acid H)A and asked to determine the K,, and K,, 
values for the diprotic acid. The student titrated 50.0 mL 
of the 0.10 M H)A with 0.10 M NaOH. After 25.0 mL of 


. If the pH at 50.0 mL NaOH added is 4.0 and the pH 
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For the following volumes of NaOH added, list the b. What total volume of 0.0500 M NaOH is required to 
major species present after the OH™ reacts completely. reach a pH of 8.67? 

i. 0 mL NaOH added 89. The titration of NayCO; with HCl has the following qual- 
ii. beween 0 and 100.0 mL NaOH added itative profile: 


ii. 100.0 mL NaOH added 

iv. between 100.0 and 200.0 mL NaOH added 
y. 200.0 mL NaOH added 

vi. after 200.0 mL NaOH added 


_ 


at 150.0 mL NaOH added is 8.0, determine the 
values K,, and K,, for the diprotic acid. 





student was given a 0.10 M solution of an unknown 


mL HCl 


a. Identify the major species in solution as points A-F. 


NaOH was added, the pH of the resulting solution was b. ‘Bor the diradon ok i500 aulnatd) 400 Abas 


6 


Cc 


of the hypothetical weak acid H3X (K,, = 1.0 x 10°%, 


K 


ing conditions. 


.70. After 50.0 mL of NaOH was added, the pH of the 
resulting solution was 8.00. What are the values of K,, 
and K,, for the diprotic acid? 


with 0.100 M HCl, calculate the pH at points A-E. 
(B and D are halfway points to equivalence.) 


90. Consider 100.0 mL of a solution of 0.200 M NazA, where 
A2~ is a base with corresponding acids HA (K, = 1.0 x 
1073) and HAWK, = 1.0 *.107%). 

a. What volume of 1.00 M HCI must be added to this 
solution to reach pH = 8.00? 
b. Calculate the pH at the second stoichiometric point of 


onsider the titration of 100.0 mL of a 0.0500 M solution 


a LO Kae CO e107 with OL 00 | iM 
OH. Calculate the lel of the solution under the follow- 





a. before any KOH has been added ee j 
b. after 10.0 wil of 0.100 M KOH has been added ae AN eee 2 gt 
c. after 25.0 mL of 0.100 M KOH has been added Solubility Equilibria 
d. after 50.0 mL of 0.100 M KOH has been added Oi. Harahich oF BS DP 
eae rononnt ROLE tect cd . For which of the following is the K,, value of the ionic com- 
Pers (tee O LOOT RO Gc been adden pound the largest? The smallest? Explain your answer. 
g. after 100.0 mL of 0.100 M KOH has been added 
h. after 125.0 mL of 0.100 M KOH has been added 
i. after 150.0 mL of 0.100 M KOH has been added 
j. after 200.0 mL of 0.100 M KOH has been added 
Consider 100.0 mL of a 0.100 M solution of H;A 
(K,, = 1.5 x 10-4, K,, = 3.0 x 10-8, K,, = 5.0 x 10-¥). 
a; “Colealate the PE of this solution. 
b. Calculate the pH of the solution after 10.0 mL of 
1.00 M NaOH has been added to the original 92. Ag»S(s) has a larger molar solubility than CuS even 
solution. though Ag>S has the smaller K,, value. Explain how this 
c. Calculate the pH of the solution after 25.0 mL of is possible. 
get a has been added to the original 93. Calculate the solubility of each of the following com- 
Ay AS pounds in moles per liter and grams per liter. (Ignore any 
A 0.200-g sample of a triprotic acid (molar mass = 165.0 acid-base properties.) ¥ : 
g/mol) is dissolved in a 50.00-mL aqueous solution and a. Ag3PO,, Ky = 1.8 X 10718 
titrated with 0.0500 M NaOH. After 10.50 mL of the brGacor ins = 8.7 x 10-2 
base was added, the pH was observed to be 3.73. The pH c. HesCh, Re = 1.1 x 10-18 
at the first stoichiometric point was 5.19 and at the sec- (Hg.2+ is ue cation in solution.) 


ond stoichiometric point was 8.00. 


94. Calculate the solubility of each of the following com- 


a. Calculate the three K, values for the acid. ee , : 
b. Make a reasonable estimate of the pH after 59.0 mL FS yess | oe oe ets Tenorenianynacid bac. 
of 0.0500 M NaOH has been added. Explain your eee sab Seto? 
answer. : ee RS ae 
c. Calculate the pH after 59.0 mL of 0.0500 M NaOH Be eee ae i 
has been added. Sips EOal Keil sd Dit 
Gonder melatradcnter 100, 0unit on OT00EM ELA 95; Use the following data to calculate the K,, value for each 
(kK. = 510 x10-%, K, = 100 x 10-8, K, = 10 « 10-11) Sole: ) 
with 0.0500 M NaOH. 3 a. The solubility of CaC,O, is 6.1 X 1073 g/L. 


a. 


Calculate the pH after 100.0 mL of 0.0500 M NaOH b. The solubility of Bil; is 1.32 x 107° mol/L. 
has been added. 96. The concentration of Pb2* in a solution saturated with 
PbBr>(s) is 2.14 X 10-2 M. Calculate K,, for PbBro. 
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The concentration of Ag* in a solution saturated with 
AgoC,O,4(s) is 2.2 <x 1074+ M. Calculate K,, for AgoC,O4. 


The solubility of the ionic compound M>X3, having a 
molar mass of 288 g/mol, is 3.60 X 10~7 g/L. Calculate 
the K,, of the compound. 


For each of the following pairs of solids, determine 
which solid has the smallest molar solubility. 
a. CaF)(s), K,, = 4.0 X 107" or 

BaF,(s), Kyp = 2.4 X 10-3 
b. Ca3(PO4)>(s), Ke = 1s lO” or 

FePO,(s), Ky» = 1.0 X 10-2 
The K,, for silver sulfate (AgsSO4) is 1.2 X 107%. Calcu- 
late the solubility of silver sulfate in each of the 
following. 
a. water 


b. 0.10 M AgNO, c. 0.20 M K,SO, 
Calculate the solubility (in mol/L) of Fe(OH), (Ky = 
4 X 10738) in each of the following. 

a. water (assume pH is 7.0 and constant) 

b. a solution buffered at pH = 5.0 

c. a solution buffered at pH = 11.0 


. The solubility of Ce(IO3)3; in a 0.20 M KIO; solution is 


4.4 X 1078 mol/L. Calculate K,, for Ce(IOs);. 


. What mass of ZnS (K,, = 2.5 X 10727) will dissolve in 


300.0 mL of 0.050 M Zn(NO3)>? Ignore the basic prop- 
erties of S?-. 


The concentration of Mg** in seawater is 0.052 M. At 
what pH will 99% of the Mg** be precipitated as the 
hydroxide salt? [K,, for Mg(OH)) = 8.9 x 107".] 

For the substances in Exercises 93 and 94, which will 
show increased solubility as the pH of the solution be- 
comes more acidic? Write equations for the reactions 
that occur to increase the solubility. 


Explain the following phenomenon: You have a test tube 
with an aqueous solution of silver nitrate as shown in test 
tube 1 below. A few drops of aqueous sodium chromate 
solution was added with the end result shown in test tube 
2. A few drops of aqueous sodium chloride solution was 
then added with the end result shown in test tube 3. 




















= = <2 
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| 
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Use the K,, values in the book to support your explana- 
tion, and include the balanced equations. Also, list the 
ions that are present in solution in each test tube. 


For which salt in each of the following groups will the 
solubility depend on pH? 

a. AgF, AgCl, AgBr c. Sr(NO3)2, Sr(NOz)2 

b. Pb(OH)2, PbCl, d. Ni(NO3)2, Ni(CN)2 

A solution is prepared by mixing 75.0 mL of 0.020 M 
BaCl, and 125 mL of 0.040 M K,SO4. What are the con- 
centrations of barium and sulfate ions in this solution? 
Assume only $O,?~ ions (no HSO,~) are present. 
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Calculate the final concentrations of K* (aq), CyO4? (aq), 
Ba**(aq), and Br (aq) in a solution prepared by adding 
0.100 L of 6.0 X 10-4 M K,C,O, to 0.150 L of 1.0 x 
1077 .M BaBro. (For BaGj Ou KN = 2:36 105%.) 

A solution is prepared by mixing 50.0 mL of 0.10 M 
Pb(NO3). with 50.0 mL of 1.0 M KCl. Calculate the 


concentrations of Pb** and Cl~ at equilibrium. [K,, for 
PbCl(s) = 1.6 X 1075] 


sp 


. The K,, of Al(OH); is 2 X 10-7. At what pH will a 0.2 M 


A}* solution begin to show precipitation of Al(OH);? 


. A solution is 1 X 107-4 M in NaF, NaS, and Na3POq,. 


What would be the order of precipitation as a source of 
Pb** is added gradually to the solution? The relevant K,, 
values are K,,(PbF2) = 4 X 1078, K,,(PbS) = 7 x 107”, 
and K,,[Pb3(PO4)2| = ih << 10° 


. A solution contains 1.0 X 107-*> M Na3PO,4. What is the 


minimum concentration of AgNO; that would cause 
precipitation of solid Ag3PO4 (K,, = 1.8 x 10718)? 

A solution contains 0.25 M Ni(NO3), and 0.25 M 
Cu(NO3)3. Can the metal ions be separated by slowly 
adding NazCO;? Assume that for successful separation, 
99% of the metal ion must be precipitated before the 
other metal ion begins to precipitate, and assume that no 
volume change occurs on addition of Na,CO3. 


5. Describe how you could separate the ions in each of the 


following groups by selective precipitation. 

aur Nours Niger eu 6 OF Ir 

bs Pb", Catiebe*s de Pbal bie 

If a solution contains either Pb**(aq) or Ag*(aq), how 
can temperature be manipulated to help identify the ion 
in solution? 


’. Sulfide precipitates are generally grouped as sulfides in- 


soluble in acidic solution and sulfides insoluble in basic 
solution. Explain why there is a difference between the 
two groups of sulfide precipitates. 


Complex lon Equilibria 


ilies. 


[Labi 


Nanotechnology has become an important field, with 
applications ranging from high-density data storage to 
the design of “nano machines.” One common building 
block of nanostructured architectures is manganese ox- 
ide nanoparticles. The particles can be formed from 
manganese oxalate nanorods, the formation of which 
can be described as follows: 


Mn?*(aq) + C,04?- (aq) === MnC,04(aq) 

IK == FD SAO? 
MnC)O,4(aq) + C,042-(aq) === Mn(C,04)2?" (aq) 

[Ky = 1D <1: 


Calculate the value for the overall formation constant 
for Mn(C,04)277: 

[Mn(C,0,),”_ | 

[Mn**][C,0,7- 


———s 





When aqueous KI is added gradually to mercury(II) ni- 
trate, an orange precipitate forms. Continued addition 
of KI causes the precipitate to dissolve. Write balanced 
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equations to explain these observations. (Hint: Hg** re- 
acts with I~ to form Hgl,?~.) 


As a sodium chloride solution is added to a solution of 
silver nitrate, a white precipitate forms. Ammonia is 
added to the mixture and the precipitate dissolves. When 
potassium bromide solution is then added, a pale yellow 
precipitate appears. When a solution of sodium thiosul- 
fate is added, the yellow precipitate dissolves. Finally, 
potassium iodide is added to the solution and a yellow 
precipitate forms. Write reactions for all the changes 
mentioned above. What conclusions can you draw con- 
cerning the sizes of the K,, values for AgCl, AgBr, and 
AglI? What can you say about the relative values of the 
formation constants of Ag(NH3)2* and Ag(S:O3)2°"? 


The overall formation constant for HgI4*~ is 1.0 X 10°. 


That is, 

[Hgl,7"] 
1.0 x 10°? = —-=—_ 
[Hg?* [I }? 


What is the concentration of Hg?* in 500.0 mL of a solu- 
tion that was originally 0.010 M Hg?* and had 65 g of KI 
added to it? The reaction is 


Hg?*(aq) + 41 (aq) == Hel.’ (aq) 


. A solution is prepared by adding 0.090 mole of 


K3[Fe(CN)¢] to 0.60 L of 2.0 M NaCN. Assuming no 
volume change, calculate the concentrations of 
Fe(CN),?~ and Fe?* in this solution. The K (overall) for 
the formation of Fe(CN),3~ is 1 X 10”. 


A solution is prepared by mixing 100.0 mL of 1.0 x 
10-* M Be(NO3), and 100.0 mL of 8.0 M NaF. 
Be?* (aq) + F- (aq) == BeFt(aq) Ky; ='7.9 x 10* 
BeF*t (aq) + F-(aq) == BeF,(aq) Kose al 02 
BeF,(aq) + F-(aq) == BeF;3 (aq) K3.= 6:1 & 102 
BeF3 (aq) + F (aq) = BeF?-(aq)  K,= 2.7 < 10! 


Calculate the equilibrum concentrations of F~, Be?*, 

BeF*, BeF,, BeF3~, and BeF42~ in this solution. 

K; for the complex ion Ag(NH3)2* is 1.7 X 107. K,, for 

AgCl is 1.6 X 107!°. Calculate the molar solubility of 

AgCl in 1.0 M NH. 

a. Using the K,, for Cu(OH), (1.6 X 1071’) and the 
overall formation constant for Cu(NH3;)42* 
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(1.0 < 10'3), calculate a value for the equilibrium 
constant for the reaction 


Cu(OH),(s) + 4NH3(aq) ——= Cu(NHs3)4’* (aq) + 20H (aq) 


b. Use the value of the equilibrium constant you calcu- 
lated in part a to calculate the solubility (in mol/L) 
of Cu(OH), in 5.0 M NH. In 5.0 M NH3, the con- 
centration of OH” is 0.0095 M. 


The copper(I) ion forms a chloride salt that has 
K,, = 1.2 x 10~*. Copper(I) also forms a complex ion 
with Cl-: 


Cut(aq) + 2Cl-(aq) == CuCl, (aq) Ke Seal OF 


a. Calculate the solubility of copper(I) chloride in pure 
water. (Ignore CuCl, formation for part a.) 

b. Calculate the solubility of copper(I) chloride in 
0.10 M NaCl. 


7, Solutions of sodium thiosulfate are used to dissolve un- 


exposed AgBr in the developing process for black-and- 
white film. What mass of AgBr can dissolve in 1.00 L of 
0.500 M Na»S,03? Assume the overall formation con- 
stant for Ag(S,O3)2*~ is 2.9 X 10% and K,, for AgBr is 
5.0 26t0aen 


a. Calculate the molar solubility of AgI in pure water. 
K,, for Agl is 1.5 X 1071. 

b. Calculate the molar solubility of AgI in 3.0 M NH3. 
The overall formation constant for Ag(NH3).~ is 
Ian 

c. Compare the calculated solubilities from parts a and 
b. Explain any differences. 


A series of chemicals was added to some AgNO3(aq). 
NaCl(aq) was added first to the silver nitrate solution, 
with the end result shown below in test tube 1; NH3(aq) 
was then added, with the end result shown in test tube 2; 
and HNO3(aq) was added last, with the end result shown 
in test tube 3. 














=» => = 
Zs / 
1 2 3 


Explain the results shown in each test tube. Include a bal- 
anced equation for the reaction(s) taking place. 
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Will a precipitate of Cd(OH), form if 1.0 mL of 1.0 M 
Cd(NO3), is added to 1.0 L of 5.0 M NH? 


Cd**(aq) + 4NH3(aq) Cd(NH3)4** (aq) 
K = 1.0 X 107 


Cd?* (aq) + 20H (aq) 
Ky = 5.9 X 10-45 


—— 
— 


a 


Cd(OH))(s) 


Sis 


Tris(hydroxymethyl)aminomethane, commonly called 
TRIS or Trizma, is often used as a buffer in biochemical 
studies. Its buffering range is from pH 7 to 9, and K;, is 
1.19 X 10~° for the reaction 


(HOCH) ))3;CNH)(aq) + H,O(I) 
TRIS 


== (HOCH;);CNH;*(aq) + OH™(aq) 
TRISH* 
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a. What is the optimum pH for TRIS buffers? 

b. Calculate the ratio [TRIS]/[TRISH*] at pH = 7.00 
and at pH = 9.00. 

c. A buffer is prepared by diluting 50.0 g of TRIS base 
and 65.0 g of TRIS hydrochloride (written as 
TRISHC)) to a total volume of 2.0 L. What is the pH 
of this buffer? What is the pH after 0.50 mL of 12 M 
HCl is added to a 200.0-mL portion of the buffer? 


The salts in Table 8.5, with the possible exception of the 
hydroxide salts, have one of the following mathematical 
relationships between the K,, value and the molar solu- 
bility s. 

i. Kp = 8? —itti, Ky = 2754 

ii. Kp =4s3 iv. Ky, = 10855 

For each mathematical relationship, give an example of 
a salt in Table 8.5 that exhibits that relationship. 


You have the following reagents on hand: 


Solids (pK, of Acid 


Form Is Given) Solutions 

Benzoic acid (4.19) 5.0 M HCl 

Sodium acetate (4.74) 1.0 M acetic acid (4.74) 
Potassium fluoride (3.14) 2.6 M NaOH 


Ammonium chloride (9.26) 1.0 M HOCI (7.46) 


What combinations of reagents would you use to pre- 

pare buffers at the following pH values? 

a, 3.0) —_b.-4:0 eo. dagt 0) €. 9.0 

a. Calculate the pH of a buffered solution that is 
0.100 M in CsH;CO2H (benzoic acid, K, = 6.4 X 
1075) and 0.100 M in CgHs;CO2Na. 

b. Calculate the pH after 20.0% (by moles) of the 
benzoic acid is converted to benzoate anion by addi- 
tion of base. Use the dissociation equilibrium: 


CsHsCO,H(aq) == CeHsCO (aq) + H* (aq) 


c. Do the same calculation as in part b, but use the fol- 
lowing equilibrium to calculate the pH: 


CgHsCO, (aq) + H,O(/) == CsHsCO,H(aq) + OH (aq) 


d. Do your answers in parts b and c agree? Why or 
why not? 


. One method for determining the purity of aspirin (em- 


pirical formula CyHgOx) is to hydrolyze it with NaOH 
solution and then to titrate the remaining NaOH. The 
reaction of aspirin with NaOH is as follows: 


CyHgO,(s) AF 20H (aq) 
Aspirin 
Boil 


10 min 


C>Hs03" (aq) + CxH302-(aq) + H20(/) 


Salicylate ion Acetate ion 


A sample of aspirin with a mass of 1.427 g was boiled in 
50.00 mL of 0.5060 M NaOH. After the solution was 
cooled, it took 31.92 mL of 0.289 M HCI to titrate the 
excess NaOH. Calculate the purity of the aspirin. What 
indicator should be used for this titration? Why? 


Another way to treat data from a pH titration is to graph 
the absolute value of the change in pH per change in mil- 
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liliters added versus milliliters added (ApH/AmL versus 
mL added). Make this graph using your results from Ex- 
ercise 65. What advantage might this method have over 
the traditional method for treating titration data? 


Potassium hydrogen phthalate, known as KHP (molar 
mass = 204.22 g/mol), can be obtained in high purity 
and is used to determine the concentration of solutions 
of strong bases by the reaction 


HP~(aq) + OH~(aq) —> H,O(I) + P2-(aq) 


If a typical titration experiment begins with approxi- 
mately 0.5 g of KHP and has a final volume of about 
100 mL, what is an appropriate indicator to use? The 
DKef0r HIPs is 5.51. 


A 10.00-g sample of the ionic compound NaA, where A~ 
is the anion of a weak acid, was dissolved in enough 
water to make 100.0 mL of solution and was then ti- 
trated with 0.100 M HCl. After 500.0 mL HCl was 
added, the pH was 5.00. The experimenter found that 
1.00 L of 0.100 M HCI was required to reach the stoi- 
chiometric point of the titration. 
a. What is the molar mass of NaA? 
b. Calculate the pH of the solution at the stoichiomet- 
ric point of the titration. 
What mass of Ca(NO3). must be added to 1.0 L of a 
1.0 M HF solution to begin precipitation of CaF3(s)? For 
CaF), Ky) = 4.0 X 107!!! and K, for HF = 7.2 X 107%. 
Assume no volume change on addition of Ca(NO3)(s). 


The equilibrium constant for the following reaction is 
1, 0PG102- 


Cr>*(aq) + H,EDTA* (aq) == CrEDTA (aq) + 2H* (aq) 


EDTA‘ = 
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Ethylenediaminetetraacetate 


EDTA is used as a complexing agent in chemical analy- 
sis. Solutions of EDTA, usually containing the disodium 
salt Na,H,EDTA, are used to treat heavy metal poison- 
ing. Calculate [Cr°*] at equilibrium in a solution origi- 
nally 0.0010 M in Cr3* and 0.050 M in H,)EDTA?~ and 
buffered at pH = 6.00. 


Calculate the concentration of Pb** in each of the 

following. 

a. a saturated solution of Pb(OH)2; K,, = 1.2 X 107} 

b. a saturated solution of Pb(OH), buffered at 
pH = 13.00 

c. 0.010 mole of Pb(NO3)2 added to 1.0 L of aqueous 
solution, buffered at pH = 13.00 and containing 
0.050 M NasEDTA. Does Pb(OH), precipitate from 
this solution? For the reaction, 


Pht (aq) EDI A’ (aq) —= PhED TA (aq) 
Kail 0 
The solubility rules outlined in Chapter 4 say that 
Ba(OH),, Sr(OH)2, and Ca(OH), are marginally soluble 


hydroxides. Calculate the pH of a saturated solution of 
each of these marginally soluble hydroxides. 
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A certain acetic acid solution has pH = 2.68. Calculate 
the volume of 0.0975 M KOH required to “neutralize” 
25.0 mL of this solution. 


Calculate the volume of 1.50 X 10°? M NaOH that 
must be added to 500.0 mL of 0.200 M HCI to give a 
solution that has pH = 2.15. 


A 0.400 M solution of ammonia was titrated with hy- 
drochloric acid to the equivalence point, where the total 
volume was 1.50 times the original volume. At what pH 
does the equivalence point occur? 


A student intends to titrate a solution of a weak mono- 
protic acid with a sodium hydroxide solution but reverses 
the two solutions and places the weak acid solution in the 
buret. After 23.75 mL of the weak acid solution has been 
added to 50.0 mL of the 0.100 M NaOH solution, the 
pH of the resulting solution is 10.50. Calculate the origi- 
nal concentration of the solution of weak acid. 


The active ingredient in aspirin is acetylsalicylic acid. A 
2.51-g sample of acetylsalicylic acid required 27.36 mL 
of 0.5106 M NaOH for complete reaction. Addition of 
15.44 mL of 0.4524 M HCI to the flask containing the 
aspirin and the sodium hydroxide produced a mixture 
with pH = 3.48. Find the molar mass of acetylsalicylic 
acid and its Ka value. Acetylsalicylic acid is a monopro- 
tic acid. 


A solution is formed by mixing 50.0 mL of 10.0 M NaX 


with 50.0 mL of 2.0 x 10°? M CuNO3. Assume that 
Cu(I) forms complex ions with X~ as follows: 
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Cut (ag) XxX" (ag) == Gux(ag) Ki 100% 10? 
CuX(aq) + X= (aq) === CuX, (4g) ke = 0 106 
CuX)~(aq) + X7(aq) == CuX;?-(aq) KK; = 1.0 x 10? 


Calculate the following concentrations at equilibrium. 
a. Cuxks** baCuxor cuGur 


When phosphoric acid is titrated with a NaOH solution, 
only two stoichiometric points are seen. Why? 


Consider the following two acids: 


OH pK,, = 2.98; pK,, = 13.40 


co,H 


Salicylic acid 


HO,CCH,CH,CH,CH,CO,H 

Adipic acid ph — 44 ok 5.28 
In two separate experiments, the pH was measured dur- 
ing the titration of 5.00 mmol of each acid with 0.200 M 
NaOH. Each experiment showed only one stoichiomet- 
ric point when the data were plotted. In one experiment 
the stoichiometric point was at 25.00 mL added NaOH, 
and in the other experiment the stoichiometric point 
was at 50.00 mL NaOH. Explain these results. (See Ex- 
ercise 83.) 
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A buffer is made using 45.0 mL of 0.750 M HC3HsO, 
(K, = 1.3 X 107°) and 55.0 mL of 0.700 M NaC3H;Q. 
What volume of 0.10 M NaOH must be added to change 
the pH of the original buffer solution by 2.5%? 


Consider a solution prepared by mixing the following: 
50.0 mL of 0.100 M Na3PO,4 
100.0 mL of 0.0500 M KOH 
200.0 mL of 0.0750 M HCI 
50.0 mL of 0.150 M NaCN 
Determine the volume of 0.100 M HNO, that must be 
added to this mixture to achieve a final pH value of 7.21. 
For solutions containing salts of the form NH4X, the pH 
is determined by using the equation 


pK,(NH,") + pK,(HX) 
M 





pH 


a. Derive this equation. (Hint: Review Section 8.7 on 
the pH of solutions containing amphoteric species.) 

b. Use this equation to calculate the pH of the following 
solutions: ammonium formate, ammonium acetate, 
and ammonium bicarbonate. See Appendix 5 for K, 
values. 

c. Solutions of ammonium acetate are commonly used 
as pH = 7.0 buffers. Write equations to show how 
an ammonium acetate solution neutralizes added Ht 


and OF. 
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Consider the titration of 100.0 mL of a solution that 

contains a mixture of 0.050 M H,SO, and 0.20 M 

H,CeH6O¢. Calculate the pH 

a. before any 0.10 M NaOH has been added. 

b. after a total of 100.0 mL of 0.10 M NaOH has been 
added. 

c. after a total of 300.0 mL of 0.10 M NaOH has been 
added. 

d. after a total of 500.0 mL of 0.10 M NaOH has been 
added. 


. The copper(I) ion forms a complex ion with CN~ ac- 


cording to the following equation: 


Cu*(aq) + 3CN(aq)> = Cu(CN)3?~ (aq) 
Ke= 0x 104 


a. Calculate the solubility of CuBr(s) (K,, = 1.0 Xx 
10-°) in 1.0 L of 1.0 M NaCN. 

b. Calculate the concentration of Br~ at equilibrium. 

c. Calculate the concentration of CN~ at equilibrium. 


Aluminum ions react with the hydroxide ion to form the 

precipitate Al(OH)3(s), but can also react to form the 

soluble complex ion Al(OH),~. In terms of solubility, 

Al(OH)3(s) will be more soluble in very acidic solutions 

as well as more soluble in very basic solutions. 

a. Write equations for the reactions that occur to 
increase the solubility of Al(OH)3(s) in very acidic 
solutions and in very basic solutions. 
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b. Show that the solubility of Al(OH);, as a function of 
[H*], obeys the equation 


S = [H'PK,/K,°? + KK,/[H*] 


where S = solubility = [Ab*] + [Al(OH),4~] and K is 
the equilibrium constant for 


Al(OH)3(s) + OH~(aq) = Al(OH),4> (aq) 


c. The value of K is 40.0, and K,, for Al(OH); is 
2 X 10~*. Plot the solubility of Al(OH); in the pH 
range 4-12. 


a. Calculate the molar solubility of SrF, in water, ignor- 
ing the basic properties of F~. (For SrF), K,, = 7.9 X 
1) 

b. Would the measured molar solubility of SrF, be 
greater than or less than the value calculated in part 
a? Explain. 

. Calculate the molar solubility of SrF, in a solution 
buffered at pH = 2.00. (K, for HF is 7.2 X 107+.) 

What is the maximum possible concentration of Ni** 

ion in water at 25°C that is saturated with 0.10 M H,S 

and maintained at pH 3.0 with HCl? 


(@) 


59. A mixture contains 1.0 X 10-3 M Cu?2t and 1.0 x 
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10-3 M Mn?* and is saturated with 0.10 M HS. Deter- 
mine a pH where CuS precipitates but MnS does not 
precipitate. K,, for CuS=8.5 xX 10°* and K,, for 
Mans ="2.3 % 10-®. 

Consider 1.0 L of an aqueous solution that contains 
0.10 M sulfuric acid to which 0.30 moie barium nitrate 
is added. Assuming no change in volume of the solution, 
determine the pH, the concentration of barium ions in 
the final solution, and the mass of solid formed. 
Caiculate the solubility of AgCN(s) (K,, = 2.2 < 107") 
in a solution containing 1.0 M H~. (K, for HCN is 6.2 X 
10-2.) 


Calcium oxalate (CaC,O,) is relatively insoluble in wa- 
ter (K,, = 2 X 107’). However, calcium oxalate is more 
soluble in acidic solution. How much more soluble is 
calcium oxalate in 0.10 M H* than in pure water? In 
pure water, ignore the basic properties of C,O4?~. 
What volume of 0.0100 M NaOH must be added to 
1.00 L of 0.0500 M HOCI to achieve a pH of 8.00? 


Consider the titration of 100.0 mL of a 1.00 x 10-4 M 
solution of an acid HA (K, = 5.0 X 107!°) with 1.00 x 
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10°? M NaOH. Calculate the pH for the following 
conditions. 

a. before any NaOH has been added 

b. after 5.00 mL of NaOH has been added 

c. at the stoichiometric point 


Consider a solution formed by mixing 200.0 mL of 
0.250 M Na3PO,4, 135.0 mL of 1.000 M HCl, and 
100.0 mL of 0.100 M NaCN. 

a. Calculate the pH of this solution. 

b. Calculate the concentration of HCN in this solution. 


Consider a solution formed by mixing 50.0 mL of 
0.100 M H)SO,, 30.0 mL of 0.100 M HOCI, 25.0 mL of 
0.200 M NaOH, 25.0 mL of 0.100 M Ba(OH),, and 
10.0 mL of 0.150 M KOH. Calculate the pH of this 


solution. 


Calculate the pH of a solution prepared by mixing 
500.0 mL of 0.50 M Na3PO, and 500.0 mL of 0.10 M 
H)SO4. 


Consider the titration of 100.0 mL of 0.10 M phosphoric 

acid with 0.10 M NaOH. 

a. Determine the pH at the third half-equivalence point 
by assuming it is a “special point” (see Fig. 8.11). 

b. Calculate the pH at the third equivalence point. 

c. Why must the answer to part a be incorrect? Why 
can’t we use the “special point” on the graph? 
(Explain the assumption made in using the special 
point and why it is not valid in this case.) 

d. Calculate the pH at the third half-equivalence point. 


In the titration of 100.0 mL of a 0.0500 M solution of 
acid H3A (K,, = 1.0 X 10-3, K,, = 5.0 X 10-8, K,, = 
2.0 X 10712), calculate the volume of 1.00 M NaOH re- 
quired to reach pH values of 9.50 and 4.00. 


Consider the titration curve in Exercise 89 for the titra- 

tion of Na»CO; with HCl. 

a. If a mixture of NaHCO; and Na»CO; was titrated, 
what would be the relative sizes of V; and V3? 

b. If a mixture of NaOH and Na»CO; was titrated, 
what would be the relative sizes of V; and V>? 

c. A sample contains a mixture of NaHCO; and 
Na2CO3. When this sample was titrated with 
0.100 M HCl, it took 18.9 mL to reach the first stoi- 
chiometric point and an additional 36.7 mL to reach 
the second stoichiometric point. What is the compo- 
sition in mass percent of the sample? 





ale 


*A 225-mg sample of a diprotic acid is dissolved in 


enough water to make 250. mL of solution. The pH of 
this solution is 2.06. A saturated solution of calcium hy- 
droxide (K,, = 1.3 X 107°) is prepared by adding excess 
calcium hydroxide to pure water and then removing the 





*From James H. Burness, “The Use of “Marathon” Problems as Effective Ve- 
hicles for the Presentation of General Chemistry Lectures,” Journal of Chemical 
Education, 68(11). Copyright © 1991 American Chemical Society. Reprinted by 


permission. 


undissolved solid by filtration. Enough of the calcium 
hydroxide solution is added to the solution of the acid to 
reach the second equivalence point. The pH at the sec- 
ond equivalence point (as determined by a pH meter) is 
7.96. The first dissociation constant for the acid (K,,) is 
5.90 X 10~-*. Assume that the volumes of the solutions 
are additive, that all solutions are at 25°C, and that K,, 
is at least 1000 times greater than K,,. 
a. Calculate the molar mass of the acid. 
b. Calculate the second dissociation constant for the 
acid (K,,). 
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nergy is the essence of our very existence as individuals and as a soci- 
ety. The food that we eat furnishes the energy to live, work, and play, 
just as the coal and oil consumed by manufacturing and transporta- 
tion systems power our modern, industrialized civilization. 

Huge quantities of carbon-based fossil fuels have been available for the 
taking. This abundance of fuels has led to a world society with a voracious ap- 
petite for energy, consuming millions of barrels of petroleum every day. We are 
now dangerously dependent on the dwindling supplies of oil, and this depen- 
dence is an important source of tension among nations in today’s world. In an 
incredibly short time, we have moved from a period of ample and cheap sup- 
plies of petroleum to one of high prices and uncertain supplies. If our present 
standard of living is to be maintained, we must find alternatives to petroleum. 
To do so, we need to know the relationship between chemistry and energy, 
which we explore in this chapter. 

There are additional problems with fossil fuels. The waste products from 
burning fossil fuels significantly affect our environment. For example, when a 
carbon-based fuel is burned, the carbon reacts with oxygen to form carbon diox- 
ide, which is released into the atmosphere. Although much of this carbon dioxide 
is consumed in various natural processes such as photosynthesis and the forma- 
tion of carbonate minerals, the amount of carbon dioxide in the atmosphere is 
steadily increasing. This increase is significant because atmospheric carbon diox- 
ide absorbs heat radiated from the earth’s surface and radiates some of it back 
toward the earth. Since this is an important mechanism for controlling the earth’s 
temperature, many scientists fear that an increase in the concentration of carbon 
dioxide will warm the earth, causing significant changes in climate. In addition, 
impurities in the fuels react with components of air to produce air pollution. 

In this chapter we will cover the fundamental concepts of energy and take 
a brief look at the practical aspects of the energy supply and pollution. Addi- 
tional theoretical aspects of energy will be presented in Chapter 10. 





9.1 | The Nature of Energy 


The total energy content of the 
universe is constant. 


Held in place 


(a) Initial 


(b) Final 


Figure 9.1 

(a) In the initial positions, ball A has a 
higher potential energy than ball B. 

(b) After A has rolled down tne hill, the 
potential energy lost by A has been 
converted to random motions of the 
components of the hill (frictional 
heating) and to the increase in the 
potential energy of B. 


Although the concept of energy is quite familiar, energy is rather difficult to 
define precisely. We will define energy as the capacity to do work or to pro- 
duce heat. In this chapter we will concentrate on the transfer of energy via heat 
flow that accompanies chemical processes. 

One of the most important characteristics of energy is that it is conserved. 
The law of conservation of energy states that energy can be converted from one 
form to another but can be neither created nor destroyed. That is, the energy 
of the universe is constant. Energy can be classified as either potential energy 
or kinetic energy. Potential energy is energy due to position or composition. 
For example, water behind a dam has potential energy that can be converted 
to work when the water flows down through turbines, thereby creating elec- 
tricity. Attractive and repulsive forces also lead to potential energy. The energy 
released when gasoline is burned results from differences in the attractive 
forces between nuclei and electrons in the reactants and products. The kinetic 
energy of an object is due to the motion of the object and depends on the mass 
of the object (7) and its velocity (v): KE = imu. 

Energy can be converted from one form to another easily. For example, 
consider the two balls in Fig. 9.1(a). Ball A, because of its higher position, ini- 
tially has more potential energy than ball B. When A is released, it moves down 
the hill and strikes B. Eventually the arrangement shown in Fig. 9.1(b) is 
achieved. What has happened in going from the initial to the final arrangement? 
The potential energy of A has decreased, but since energy is conserved, all the 
energy lost by A must be accounted for. How is this energy distributed? 
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Heat involves a transfer of energy. 


Energy is a state function; work and 
heat are not. 


Initially, the potential energy of A is changed to kinetic energy as the ball 
rolls down the hill. Part of this kinetic energy has been transferred to B, causing 
it to be raised to a higher final position. Thus the potential energy of B has 
increased. However, since the final position of B is lower than the original 
position of A, some of the energy is still unaccounted for. Both balls are at rest 
in their final positions, so the missing energy cannot be due to their motions. 
What has happened to the remaining energy? 

The answer lies in the interaction between the hill’s surface and the ball. 
As A rolls down the hill, some of its kinetic energy is transferred to the surface 
of the hill as heat. This transfer of energy is called frictional heating. The tem- 
perature of the hill increases very slightly as the ball rolls down. 

At this point it is important to recognize that heat and temperature are 
decidedly different. Recall that temperature is a property that reflects the ran- 
dom motions of the particles in a particular substance. Heat, on the other 
hand, involves the transfer of energy between two objects due to a temperature 
difference. Heat is not a substance contained in an object, although we often 
talk of heat as if this were true. 

Note that in going from the initial to the final arrangements in Fig. 9.1, 
ball B gains potential energy because ball A has done work on B. Work is de- 
fined as a force acting over a distance. Work is required to raise B from its 
original position to a higher one. Part of the original energy stored as potential 
energy in A has been transferred through work to B, thereby increasing B’s 
potential energy. Thus there are two ways to transfer energy: through work 
and through heat. 

In rolling to the bottom of the hill as shown in Fig. 9.1, ball A always loses 
the same amount of potential energy. However, the way that this energy trans- 
fer is divided between work and heat depends on the specific conditions—the 
pathway. For example, the surface of the hill might be so rough that the energy 
of A is expended completely through frictional heating; A is moving so slowly 
when it hits B that it cannot move B to the next level. In this case no work is 
done. Regardless of the condition of the hill’s surface, the total energy trans- 
ferred will be constant. However, the amounts of heat and work will differ. 
Energy change is independent of the pathway; however, work and heat are 
both dependent on the pathway. 

This brings us to a very important concept: the state function or state 
property. A state function refers to a property of the system that depends only 
On its present state. A state function (property) does not depend in any way on 
the system’s past (or future). In other words, the value of a state function does 
not depend on how the system arrived at the present state; it depends only on 
the characteristics of the present state. 

Stated more precisely, one very important characteristic of a state function 
is that a change in this function (property) in going from one state to another 
state is independent of the particular pathway taken between the two states. 

Of the functions considered in our present example, energy is a state func- 
tion, but work and heat are not state functions. 


Chemical Energy 


The ideas we have just illustrated using mechanical examples also apply to 
chemical systems. The combustion of methane, for example, 


CH4(g) + 202(g) —> COz(g) + 2H,O(g) + energy (heat) 


is used to heat many homes in the United States. To discuss this reaction, we 
divide the universe into two parts: the system and the surroundings. The sys- 
tem is the part of the universe on which we wish to focus attention; the sur- 
roundings include everything else in the universe. In this case we define the 


Figure 9.2 

The combustion of methane releases 
the quantity of energy A(PE) to the sur- 
roundings via heat flow. This is an exo- 
thermic process. 
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system as the reactants and products of the reaction. The surroundings consist 
of the reaction container, the room, and everything else other than the reac- 
tants and products. 

When a reaction results in the evolution of heat, it is said to be exothermic 
(exo- is a prefix meaning “out of”); that is, energy flows out of the system. For 
example, in the combustion of methane, energy flows out of the system as heat. 
Reactions that absorb energy from the surroundings are said to be endother- 
mic. That is, when the heat flow is into a system, the process is endothermic. 
For example, the formation of nitric oxide from nitrogen and oxygen is 
endothermic: 


N2(g) + O2(g) + energy (heat) —~ 2NO(g) 
A familiar endothermic physical process is the vaporization of water: 
H,O(/) + energy —~> H)O(g) 


Where does the energy, released as heat, come from in an exothermic reac- 
tion? The answer lies in the difference in potential energy between the products 
and the reactants. In an exothermic reaction, which has lower potential energy, 
the reactants or the products? We know that total energy is conserved and that 
energy flows from the system into the surroundings in an exothermic reaction. 
This means that the energy gained by the surroundings must be equal to the 
energy lost by the system. For methane combustion, the energy content of the 
system decreases, which means that 1 mole of CO, and 2 moles of H,O mol- 
ecules (the products) possess less potential energy than do 1 mole of CH, and 
2 moles of O» molecules (the reactants). The heat flow into the surroundings 
results from a lowering of the potential energy of the reaction system. This al- 
ways holds true. Im any exothermic reaction, the potential energy stored in the 
chemical bonds is being converted to thermal energy (random kinetic energy) 
via heat. 

The energy diagram for the combustion of methane is shown in Fig. 9.2, 
where A(PE) represents the change in potential energy stored in the bonds of 
the products as compared with the bonds of the reactants. In other words, this 
quantity represents the difference between the energy required to break the 
bonds in the reactants and the energy released when the bonds in the products 
are formed. In an exothermic process, the bonds in the products are stronger 
(on average) than those of the reactants. That is, more energy is released in 
forming the new bonds in the products than is consumed in breaking the bonds 
in the reactants. The net result is that the quantity of energy A(PE) is trans- 
ferred to the surroundings through heat. 
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Chemical Insights 


Bees Are Hot 








A recent study at Yunnan Agricultural University larvae. However, Asian honeybees (Aspis carama) 
in China has shown how certain species of Asian have developed a special defense against invading 
honeybees protect their colonies. Large wasps wasps. They engulf the wasp in a living ball of 
(Vespa velutina) with wingspans as large as 5 cm defenders and cook the predator to death. Studies 
specialize in attacking social-insect nests, and they show that within about 5 minutes the center of 
carry off the larvae as food for young wasps back the ball of defenders reaches a temperature of 

at their home colony. The wasps can defeat about 45°C. Separate studies of the temperature 
colonies of honeybees with thousands of residents. tolerances of the bees showed that the wasps die 
The invader wasp sits at the entrance to the colony at 45.7°C, but the Asian honeybees can survive 
and kills the guard honeybees as they emerge to to 50.7°C. Thus the defenders come within about 
defend their nest. When the guard bees are all 5°C of a temperature that would be fatal to all of 
dead, the wasp then mines the honeybee nest for them. 








Figure 9.3 
The energy diagram for the reaction of 
nitrogen and oxygen to form nitric 


oxide. This is an endothermic process. 


For an endothermic reaction, the situation is reversed, as shown in Fig. 
9.3. Energy that flows into the system as heat is used to increase the potential 
energy of the system. In this case the products have higher potential energy 
(weaker bonds on average) than the reactants. 

The study of energy and its interconversions is called thermodynamics. 
The law of conservation of energy is often called the first law of thermodynam- 
ics and is stated as follows: The energy of the universe is constant. 

The internal energy (E) of a system can be defined most precisely as the 
sum of the kinetic and potential energies of all of the “particles” in the system. 
The internal energy of a system can be changed by a flow of work, heat, or 
both. That is, 


AE=qt+w 


where AE represents the change in the system’s internal energy, g represents 
heat, and w represents work. 

Thermodynamic quantities always consist of two parts: a number, giving 
the magnitude of the change; and a sign, indicating the direction of the flow. 
The sign reflects the system’s point of view. For example, if a quantity of en- 
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The convention in this text is to take 

the system's point of view: g = —x 

denotes an exothermic process, and 
= +x denotes an endothermic one. 














(a) Initial (b) Final 

state State 
Figure 9.4 
(a) The piston, moving a distance Ah 
against a pressure P, does work on the 
surroundings. (lb) Since the volume of a 
cylinder is the area of the base times its 
height, the change in volume of the gas 
is given by Ah x A = AV. 
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ergy flows into the system via heat (an endothermic process), g is equal to +x, 
where the positive sign indicates that the system’s energy is increasing. On the 
other hand, when energy flows out of the system via heat (an exothermic pro- 
cess), q is equal to —x, where the negative sign indicates that the system’s en- 
ergy is decreasing. 





Surroundings 





AE <0 
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Endothermic 


Exothermic 


In this text the same conventions also apply to the flow of work. If the 
system does work on the surroundings (energy flows out of the system), w is 
negative. If the surroundings do work on the system (energy flows into the sys- 
tem), w is positive. We define work from the system’s point of view to be con- 
sistent for all thermodynamic quantities. That is, in this convention the signs of 
both g and w reflect what happens to the system; thus we use AE = g + w. 

In this text we always take the system’s point of view. This convention is 
not followed in every area of science. For example, engineers are in the busi- 
ness of designing machines to do work—that is, to make the system (the ma- 
chine) transfer energy to its surroundings through work. Consequently, engi- 
neers define work from the surroundings’ point of view. In their convention, 
work that flows out of the system is treated as positive because the energy of 
the surroundings has increased. The first law of thermodynamics is then writ- 
ten AE = q — w’, where w’ signifies work from the surroundings’ point of 
view. 

A common type of work associated with chemical processes is work done 
by a gas (through expansion) or work done to a gas (through compression). 
For example, in an automobile engine, the heat from the combustion of the 
gasoline expands the gases in the cylinder, pushing back the piston. This mo- 
tion is then translated into the motion of the car. 

Suppose we have a gas confined to a cylindrical container with a movable 
piston, as shown in Fig. 9.4, where F is the force acting on a piston of area A. 
Since pressure is defined as force per unit area, the pressure of the gas is 


Work is defined as a force applied over a given distance, so if the piston 
moves a distance Ah, as shown in Fig. 9.4, then the magnitude of the work is 


| Work| = |force X distance| =|F X Ah| 
Since P = F/A, or F = P X A, then 
[Work |=|F x Ab|=|Px< A x Ab 


Since the volume of the cylinder equals the area of the piston times the height 
of the cylinder (Fig. 9.4), the change in volume AV resulting from the piston 
moving a distance Ah is 


AV = final volume — initial volume = A X Ah 
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w and PAV have opposite signs since 


when the gas expands (AV is positive), 


work flows into the surroundings (w is 
negative). 


The work accompanying a change in 
volume of a gas is often called “PV 
work.” 


The joule (J) is the fundamental SI unit 
for energy: 


The conversion factor between L atm 
and J can be obtained from the 
values of R: 

L atm 


0.08206 — 
K mol 


J 
and is) ils) 
K mol 





Substituting AV = A X Ah into the expression for the magnitude of the work 
gives 


[Work | =P x AX Ab =) PAV | 


Note that this expression gives the magnitude (size) of the work required to 
expand a gas by AV against a pressure P. 

What about the sign of the work? The gas (the system) is expanding, mov- 
ing the piston against the pressure. Thus the system is doing work on the sur- 
roundings, so from the system’s point of view, the sign of the work should be 


negative. 
For an expanding gas AV is a positive quantity because the volume is in- 
creasing. Thus AV and w must have opposite signs, which leads to the equation 


(= =P NV 


Note that for a gas expanding against an external pressure P, w is a negative 
quantity as required, since work flows out of the system. When a gas is com- 
pressed, AV is a negative quantity (the volume decreases), which makes w a 
positive quantity (work flows into the system). 

In dealing with “PV work,” keep in mind that the P in PAV always refers 
to the external pressure—the pressure that causes a compression or that resists 
an expansion. 


OWL INTERACTIVE EXAMPLE 9.1 


A balloon is inflated to its full extent by heating the air inside it. In the final 
stages of this process, the volume of the balloon changes from 4.00 x 10° L 
to 4.50 x 10° L by addition of 1.3 X 108 J of energy as heat. Assuming the 
balloon expands against a constant pressure of 1.0 atm, calculate AE for the 
process. 


Solution To calculate AE we use the equation 
AE=qt+w 
Since the problem states that 1.3 X 10° J of energy is added as heat, 
G= +1.3 x 10° J 
The work done can be calculated from the expression 
w = —PAV 
In this case P = 1.0 atm (the external pressure) and 
BV Vea Vine 
= 4.50 X 10°L = 4.00 x 10° L= 0.50 10-8 
= 5.0% 10> L 
Thus 
w==1.0 atm x 5.0 10° L ==5.0 x 10° Latm 


Note that the negative sign for w makes sense, since the gas is expanding and 
thus doing work on the surroundings. 

To calculate AE, we must add q and w. However, since q is given in units 
of J and w is given in units of L atm, we must change the work to units of 
joules: 

107339 


w = —5.0 X 10° Latm X Sethe 04 
Lara 
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Then 
AE = q + w = (+1.3 X 108 J) + (—5.1 X 107 J) = 8 X 107J 


Since more energy is added through heating than the gas expends doing work, 
there is a net increase in the energy of the gas in the balloon. Hence AE is 
positive. 





9.2 | Enthalpy 


Enthalpy is a state function. A change 
in enthalpy does not depend on the 
pathway between two states. 


AH = q at constant pressure, where 
only “PV work” is allowed. 


The change in enthalpy of a system 
has no easily interpreted meaning 
except at constant pressure, where 
AH = heat. 


So far we have discussed the internal energy of a system. A less familiar prop- 
erty of a system is its enthalpy (H), which is defined as 


He E+ PV 


where E is the internal energy of the system, P is the pressure of the system, and 
V is the volume of the system. 

Since internal energy, pressure, and volume are all state functions, en- 
thalpy is also a state function. But what exactly is enthalpy? To help answer 
this question, consider a process carried out at constant pressure, where the 
only work allowed is pressure-volume work (w = —PAV). Under these condi- 
tions the expression 


AE ayer 
becomes AE = q, — PAV 
or daa AE + PAV 


where qd, is the heat at constant pressure. 
We will now relate g, to the change in enthalpy. The definition of enthalpy 
is H = E + PV. Therefore, 


(Change in H) = (change in E) + (change in PV) 
or AH =VAE- A(PYV) 


Since P is constant, the change in PV is caused only by a change in volume. 


Thus 
A(PV) = PAV 
and AH = AE + PAV 
This expression is identical to the one we obtained for q,: 
dp = AE + PAV 


Thus, for a process carried out at constant pressure, where the only work 
allowed is that from a volume change, 


AH = dp 


At constant pressure (where only PV work is allowed), the change in enthalpy 
(AH) of the system is equal to the energy flow as heat. This means that for a 
reaction studied at constant pressure, the flow of heat is a measure of the 
change in enthalpy for the system. For this reason, the terms heat of reaction 
and change in enthalpy are used interchangeably for reactions studied at con- 
stant pressure. 

For a chemical reaction the enthalpy change is given by the equation 


Mel A sconces = foeen tents 
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At constant pressure exothermic 
means AH is negative; endothermic 
means AH is positive. 


In a case in which the products of a reaction have greater enthalpy than the re- 
actants, AH will be positive. Thus heat is absorbed by the system, and the reac- 
tion is endothermic. On the other hand, if the enthalpy of the products is less 
than that of the reactants, AH is negative. In this case the overall decrease in 
enthalpy is achieved by the generation of heat, and the reaction is exothermic. 





9.3. 


To this point, we have assumed that 
the ideal gas particles have no internal 
structure—they are monatomic. 


For an ideal gas, work occurs only 
when its volume changes. Thus, if a 
gas is heated at constant volume, 
the pressure increases but no work 
occurs. 


Thermodynamics of Ideal Gases 


In developing the concepts of thermodynamics, we often find it useful to refer 
to the properties of matter in the simplest possible context. For this reason we 
often start with the thermodynamic characteristics of the ideal gas—the hypo- 
thetical condition approached by real gases at high temperatures and low pres- 
sures such that they obey the relationship PV = nRT. 

Recall from Chapter 5 that for an ideal gas 


(KE) aye = 3RT 


where (KE)ayg represents the average, random, translational energy for 1 mole 
of gas at a given temperature T (in kelvins). The only way to change the kinetic 
energy of an ideal gas is to change its temperature. The energy (“heat”) re- 
quired to change the energy of 1 mole of an ideal gas by AT is 


Energy (“heat”) required = }RAT 


Note that for a temperature change of 1 K (AT = 1), the energy required is 3R. 

The molar heat capacity of a substance is defined as the energy required 
to raise the temperature of 1 mole of that substance by 1 K. Thus we might 
conclude that the molar heat capacity of an ideal gas is 3R. However, we will 
have to qualify this conclusion when we consider the implications of the PV 
work that can occur when a gas is heated. 


Heating an Ideal Gas at Constant Volume 


When an ideal gas is heated in a rigid container in which no change in volume 
occurs, there can be no PV work (AV = 0). Under these conditions all the en- 
ergy that flows into the gas is used to increase the translational energies of the 
gas molecules. Thus C,, the molar heat capacity of an ideal gas at constant 
volume, is R, the result anticipated in the preceding discussion: 


pape Pe “heat” required to change the temperature 
ie of 1 mol of gas by 1 K at constant volume 


Heating an Ideal Gas at Constant Pressure 


When an ideal gas is heated at constant pressure, its volume increases and PV 
work occurs. Thus, when a gas is heated at constant pressure, energy must be 
supplied both to change the translational energy of the gas and to provide the 
work the gas does as it expands: 


energy needed 
Energy required = “heat” = _— tochangethe + 
translational energy 


energy needed to 
do the PV work 


The heat needed to increase the translational energy is 3R, as we concluded 
above. 


The quantity of work done as the gas expands by AV is PAV. Using the 
ideal gas law, we see that 


PAV = nRAT = RAT (per mole) 


=—Rh=C, +R 


C, is greater than $R for a gas in which 
the individual particles are molecules 
because some of the energy added via 
heat flow is “stored” in motions that do 
not directly raise the temperature of the 
gas. This effect is not related to 
whether or not the gas is behaving 
ideally. 
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Thus for a 1 K change in temperature (AT = 1 K) the work is R, so 


Heat required to increase the temperature _ EUS ace 
of 1 mol of gas by 1K (constant P) = we 


CRG, 


Therefore, we have shown that Cp, the molar heat capacity of an ideal gas at 
constant pressure, is 5R OLGea Rk, 


Heating a Polyatomic Gas 


We have established that for an ideal gas the molar heat capacity at constant 
volume is $R. This value of C, assumes that an ideal gas consists of “particles” 
that have no structure. That is, we assume that the particles are monatomic 
(consisting of a single atom). Monatomic real gases, such as helium, have mea- 
sured values of C, very close to 3R. However, gases such as SO) and CHCl; 
that contain polyatomic molecules have observed values for C, that are signifi- 
cantly greater than }R. For example, the value of C, for SO) is almost 4R at 
25°C. This larger value for C, results because polyatomic molecules absorb 
energy to excite rotational and vibrational motions in addition to translational 
motions. That is, at 25°C the molecules in such a gas are rotating, and the at- 
oms in the molecule are vibrating, as if the bonds were springs. 

As a polyatomic gas is heated, the gas molecules absorb energy to increase 
their rotational and vibrational motions as well as to move through space 
(translate) at higher speeds. Recall from our previous discussions that the tem- 
perature of a monatomic ideal gas is an index of the average random transla- 
tional energy of the gas. Thus, when a gas is heated, the temperature only in- 
creases to the extent that the translational energies of the molecules increase. 
Any energy that is absorbed to increase the vibrational and rotational energies 
does not contribute directly to the translational kinetic energy; so, for a gas that 
consists of diatomic or polyatomic molecules, much of the heat absorbed is used 
in processes that do not directly increase the temperature. Thus its heat capacity 
(the energy required to change its temperature by 1 K) is greater than 3R. 

Note that the elevated value of C, for a gas whose particles are molecules 
is not caused by nonideal behavior. That is, it does not depend on whether the 
gas obeys the ideal gas law. Rather, it is simply that the internal structure of the 
molecules enables them to absorb energy for processes other than translational 
motions. 

Recall that C, is greater than C, because of the work done by the heated 
gas as it expands at constant pressure. Thus, if we assume that a given poly- 
atomic gas obeys the ideal gas law, the expression 


Corie +R 


can be used to calculate C, if the value of C, for the gas is known. 

The observed heat capacities of several gases are shown in Table 9.1. No- 
tice that the monatomic gases have values of C, equal to }R (12.47 J K~! 
mol!). Note also that as the molecules become more complex (more atoms), 
C, increases. This result is expected because the presence of more atoms means 
that more nontranslational motions are available to absorb energy. Finally, 
notice that in all cases C, — C, = R, as expected for gases that closely obey the 
ideal gas law. 


Heating a Gas: Energy and Enthalpy 


Recall that the average translational energy of an ideal gas E is given by the 
expression 


E =3RT (per mole) 
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Table 9.1 


Molar Heat Capacities of Various Gases at 298 K 














i) J 
oa cle mol AG mol ea 
He, Ne; Ar 12.47 20.80 8.33 
H, 20.54 28.86 ay 
N> MQ STA 29.03 Save 
N,O 30.38 38.70 8.32 
CO, MSDS) Sa Se 
C,H¢ 44.60 52792 8.32 





for a monatomic ideal gas. The energy of an ideal gas can be changed only by 
changing the temperature: 


AE =3RAT (per mole) 
Note that this expression corresponds to 

AE. = GAT (per mole) 
or AE = nC, AT (n moles) 


The constant-volume heat capacity appears in this expression because when a 
gas is heated at constant volume, all the input energy (heat) goes toward in- 
creasing E (no heat is needed to do work). 

On the other hand, when a gas is heated at constant pressure, the volume 
changes and work occurs. In this case (for 7 moles of gas), 


“Heat” required = gq, = nC,AT 
= n(C, + R)AT 


= nC, AT + nRAT 


7 t 
AE PAV = work required 


Notice that although this process is carried out at constant pressure, AE is 
still given by wC,AT. This result seems contradictory at first glance, but actually 
it makes good sense. Because E for an ideal gas depends only on T (it does not 
depend on pressure or volume, for example), AE = 1C,AT when an ideal gas is 
heated whether the process occurs at constant volume or constant pressure. 

Next, consider the change in enthalpy when a gas is heated. Recall that by 
definition 


HS es PY 
Thus, in general, a change in enthalpy is given by the expression 
AH = AE + A(PV) 
which (using the ideal gas law) becomes 
AH = AE + A(nRT) = AE + nRAT 
for a sample of ideal gas containing m moles. Substituting AE = nC, AT, we have 
AH nC AT ARAL 
= n(C, + R)AT = nC,AT 
Note that we have shown that 


AH = nC,AT 


The only way to change H and E for an 
ideal gas is to change the temperature 
of the gas. Thus, for any process 
involving an ideal gas at constant tem- 
perature, AH = 0 and AE = 0. 
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Table 9.2 


Thermodynamic Properties of an Ideal Gas 


Expression Application 

C, = 3R Monatomic ideal gas 

C, >3R Polyatomic ideal gas (value must be measured 
experimentally) 

C,=C,+R All ideal gases 

C,=3R=3R+R Monatomic ideal gas 

Cee 3R Polyatomic ideal gas (specific value depends on the value 
ones) 

AE = nC AT All ideal gases 

AH = nC, AT All ideal gases 


even though we have not assumed constant pressure (or volume). Thus we 
have shown that for an ideal gas we can always use the expression 2C,AT to 
calculate the change in enthalpy when 7 moles of an ideal gas are heated, re- 
gardless of any conditions on pressure or volume. 

Again, it may seem contradictory that C, appears in this expression for AH 
even though the pressure may or may not be constant in the process. However, 
note that the enthalpy (H = E + PV) of an ideal gas depends on E and the 
product PV. We have seen that E depends directly on T, and from the ideal gas 
law we can easily show that PV depends directly on T (PV = RT) for a given 
sample of ideal gas (containing 7 moles). Thus both the energy E and the en- 
thalpy H of an ideal gas depend only on T, not on P or V (individually): 


joes ap and Hick) 


For energy (E), the proportionality constant is C, (per mole), and for enthalpy 
(H), the proportionality constant is C, (per mole). 

In considering these ideas, we must distinguish among q, AH, and AE. In 
the calculation of the heat flow for an ideal gas, the equation 


q = nCAT 


applies, where C, or C, is used depending on the conditions. In contrast, 

AH = nC,AT and AE = nC,AT for a temperature change of an ideal gas re- 

gardless of whether pressure or volume (or neither) is constant. Also, note that 

the heat flow equals AE at constant volume (AE = q,) but the heat flow equals 

AH at constant pressure (AH = q,). These results are summarized in Table 9.2. 
We will illustrate these concepts in Example 9.2. 


EXAMPLE 9.2 


Consider 2.00 moles of a monatomic ideal gas that is taken from state A 
(Px, = 2.00 atm, Va = 10.0 L) to state B (Pg = 1.00 atm, Vz = 30.0 L) by two 
different pathways: 


Ve = 30.0 L 
' Pc = 2.00 atm 5 
State A State B 
Va = 10,0 L “| Ve=30;011 
P, = 2.00 atm 4 Pz = 1.00 atm 


oy 
Vp = 10.0 L 
Pp = 1.00 atm 


Calculate g, w, AE, and AH for both pathways. 
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P (atm) 


V(L) 


Figure 9.5 
Summary of the two pathways dis- 
cussed in Example 9.2. 








Solution Before we do any calculations, it is useful to summarize the processes 
described above by using the “PV diagram” shown in Fig. 9.5. 


Step 1 

Notice from Fig. 9.5 that this step corresponds to an expansion from 10.0 to 
30.0 L at a constant pressure of 2.00 atm. This process must occur by heating 
the gas to produce some temperature change AT (not specified in the given 
data). From the ideal gas law we know that 


PAV = nRAT 
In this case AV = 30.0 L — 10.0 L, so 
PAV = (2.00 atm)(20.0 L) = 4.00 x 10! L atm 
or if we convert to joules, 


10st 
L atm 





PAV = 4.00 x 10'Latm xX = ADE OCAO | 


It follows that 


PAV, 4.05 %107J 


= nR nR 





We know that w = —PAV, and because in this case the gas expands against 
a constant external pressure of 2.00 atm, we have 


w, = —(2.00 atm)(30.0 L — 10.0 L) = —4.00 x 10! L atm 
= =—4.05 x 10°] 
Also, in this case (constant P) 


qi = q, = nC, AT 
AS <a 0- 
— n(SR)(" feral a = C01 iG 





2 nR 


(Note that the signs of w and q are as expected: The gas expands, so work 
flows out of the system; the gas is heated, so heat flows into the system.) 
We can calculate AE; and AH; as follows: 








Sey) 40S! 10° | : 
NE GN R = 6.08 x 103 
n= Ge nl; )( an ) 6.08 xX 10° J 
5 \ E405. < 10% 5 
KAP fC Ap R =O Ey Wee Fp 
i — AC, n(3 )( WR ) TOT ol | 


Note that in this case qi(qp) equals AH;, as expected, because this process is 
carried out at constant pressure. 


Step 2 


In this step the gas pressure decreases from 2.00 atm to 1.00 atm at constant 
volume. This step must correspond to the cooling of the gas by a quantity AT, 
which we can find from the ideal gas law: 








NP VE RUN 
AT = APV i (1.00 atm — 2.00 atm) (30.0 L) 
nR nR 
_ =300 Mam 3 04 ato | 
nR % nR 


Note that AT is negative, as expected for a cooling process. 
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Because in this step AV = 0, thus w» = 0. In this case 


ae 3 
erie (3x) 3.04 X 10 1) 











a= 2, nR 
= —4,56 xX 10°J 
=3 04x 110° 
Also, AE, = nC AT = (SR) ( hE i) 
“ yy nR 
a4 S60" | =, 
5 =3,04 x 10° J 
d AH, = T= R 
an 2 = nC, A nf )( aR ) 


—7.60 X 10° J 


Notice that in this case q. = gy = AE, as expected for a constant-volume 
process. 

Using similar reasoning, we can compute the required quantities for steps 
3 and 4. 


























Step 3 
ne AP Vi, *(sh.00'atm) (10.0,L) = LOOs atm 
~ o”R nR nR 
«= OlEX 107 1 
nk 
w; = 0 (AVe—0) 
3 —1.01 x es) 
—o! — e—— R 
43 = qy = nC,AT nfs ( OR 
= = 1.52) x10.) 
AE go= 1522107) 
5 —1.01 x 10°J 
An, = 710 AT = (SR)( OR ) =a SOs 
Step 4 
Ave PAV — (1.00 atm)(20.0L) _ 20.0 Latm 
~ nR nR nR 
2 U3 105) 
nR 
w, = —PAV = —(1.00 atm)(20.0 L) = —20.0 L atm 
= 2,3 107 f 
5 25032% 102 J 
Gai Oe, =a (SR)( aR ) 
15.08 X10") 
3 203710] 
AE, = nC,T = (5R)( OR ) 
OS 104) 
AH, = nC.AT Sp 203% ot) 
eee ND nR 


5.08 x 10°J =q, 
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P (atm) 





P (atm) 





(b) 


Figure 9.6 

The magnitude of the work for pathway 
one (a) and pathway two (b) is shown 
by the colored areas: |w| = |PAV|. 


Summary 
a Pathway one (steps 1 and 2): 


Gone = Gt 1 47 — 1-0 L 0) Ge 10-3) 
= 515 0107] 
ie ye = 4S 10 | 
Gone + Wore = VS O10? f= Akon 
AHone = AH, + AH, 
= 1,01 K404Ji— 7,60 X 10°] 
= 95 K 103) 


a Pathway two (steps 3 and 4): 

devo = 43 + G4 = —1.52 X 10° J + 5.08 X 10° J 
= 3706 <s10".) 

Wan 0s + Wa ae.03 < 107) 

det UH 510 3 1 
= 1.52 X 103 J = AEwo 
Nabe AH A, 

= —2,53 X 10? J+ 5.08 k 102] 
= 2555 ~ 1077) 


Notice from the results of Example 9.2 that the work and heat are differ- 
ent for the two pathways between states A and B. For example, in pathway one 
the expansion (by 20.0 L) is carried out at a pressure of 2.00 atm, and in path- 
way two the expansion (by 20.0 L) is carried out at 1.00 atm. Thus, since 
|w| =| PAVI, twice as much work is obtained by way of pathway one as via 
pathway two. This result is shown graphically in Fig. 9.6, where the darker 
areas represent | PAV]. These results again emphasize that heat and work are 
both pathway-dependent. On the other hand, note that the sum of g and w is 
the same for both pathways (within round-off differences). This is expected. 
Recall that 


AE=qt+w 


and that E is a state function. Note also that the overall AH value for pathway 
one equals that for pathway two (within rounding errors), as expected, be- 
cause enthalpy is a state function as well. 





9.4 





Calorimetry 


We can determine the heat associated with a chemical reaction experimentally 
by using a device called a calorimeter. Calorimetry, the science of measuring 
heat, is based on observing the temperature change when a body absorbs or 
discharges energy as heat. Substances respond differently to being heated. We 
have already discussed the response of ideal gases to heating. Now we expand 
that discussion to include other substances. In general terms, the heat capacity 
(C) of a substance is defined as 


heat absorbed 


increase in temperature 





Specific heat capacity: The energy 
required to raise the temperature of 1 g 
of a substance by 1°C. 


Molar heat capacity: The energy 
required to raise the temperature of 
1 mole of a substance by 1°C. 


Q 
| t+—— Thermometer 





Styrofoam 
cover 


Styrofoam 
cups 





Stirrer 





Figure 9.7 
A coffee cup calorimeter made of two 
Styrofoam cups. 


If two reactants at the same tempera- 
ture are mixed and the resulting solu- 
tion gets warmer, it means the reaction 
taking place is exothermic. An endo- 
thermic reaction cools the solution. 
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Table 9.3 


The Specific Heat Capacities of Some Common Substances 











Substance Specific Heat Capacity (J °C~! g~!) 
H,0(/) 4.18 
H,0(s) 2.03 
Al(s) 0.89 
Fe(s) 0.45 
He(/) 0.14 
C(s) (graphite) 0.71 


When an element or a compound is heated, the energy required to reach a 
certain temperature will depend on the amount of the substance present (for 
example, it takes twice as much energy to raise the temperature of 2 g of water 
by 1°C as it takes to raise the temperature of 1 g of water by 1°C). Thus, in 
defining the heat capacity of a substance, the amount of substance must be 
specified. If the heat capacity is given per gram of substance, it is called the 
specific heat capacity with units of JK~! g~! or J°C~! g“!. If the heat capacity 
is given per mole of the substance, it is called the molar heat capacity, which 
has the units J K~! mol“! or J °C7! mol ~!. The specific heat capacities of some 
common substances are given in Table 9.3. 

Although the calorimeters used for highly accurate work are precision in- 
struments, a very simple calorimeter can be used to examine the fundamentals 
of calorimetry. All we need are two nested Styrofoam cups with a Styrofoam 
cover through which a stirrer and thermometer can be inserted, as shown in 
Fig. 9.7. This device is called a coffee cup calorimeter. The outer cup is used to 
provide extra insulation. The inner cup holds the solution in which the reac- 
tion occurs. 

The measurement of heat using a simple calorimeter such as that shown 
in Fig. 9.7 is an example of constant-pressure calorimetry, since the pressure 
(atmospheric pressure) remains constant during the process. Constant- 
pressure calorimetry is used in determining the changes in enthalpy occurring 
in solution. Recall that under these conditions the change in enthalpy equals 
the heat. 

For example, suppose we mix 50.0 mL of 1.0 M HCl at 25.0°C with 
50.0 mL of 1.0 M NaOH also at 25°C in a calorimeter. After the reactants are 
mixed, the temperature is observed to increase to 31.9°C. As we saw in Chap- 
ter 4, the net ionic equation for this reaction is 


H*(aq) + OH (aq) —> H)O(!) 


When these reactants (both originally at the same temperature) are mixed, 
the temperature of the mixed solution is observed to increase. Thus the chemi- 
cal reaction must be releasing energy as heat. This increases the random mo- 
tions of the solution components, which in turn increases the temperature. The 
quantity of energy released can be determined from the temperature increase, 
the mass of the solution, and the specific heat capacity of the solution. For an 
approximate result, we will assume that the calorimeter does not absorb or 
leak any heat and that the solution can be treated as if it were pure water with 
a density of 1.0 g/mL. 

We also need to know the heat required to raise the temperature of a given 
amount of water by 1°C. Table 9.3 lists the specific heat capacity of water as 
4.18 J°C-! g"!. This means that 4.18 J of energy is required to raise the tem- 
perature of 1 g of water by 1°C. 
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Note that the typical units for molar 
heat capacity (AE/AT per mole) are 


we 
K mol 

Because 1 K equals 1°C, the units 
°C mol 


are used as well. 


Notice that in this example we mentally 
keep track of the direction of the 
energy flow and assign the correct 
sign at the end of the calculation. 





From these assumptions and definitions, we can calculate the heat (change 
in enthalpy) for the neutralization reaction: 


Energy released by the reaction = energy absorbed by the solution 


= specific heat capacity mass of solution 
X increase in temperature 


where the increase in temperature = 31.9°C — 25.0°C = 6.9°C, and where 
Mass of solution = 100.0 mL X 1.0 g/mL = 1.0 x 10° g 
Thus 





fe} 


Energy released = (4.18 d)aa.0 x 107 8)\(6.9°C) = 29°10] 


Enthalpies of reaction are often expressed in terms of moles of reacting 
substances. The number of moles of H* ions consumed in the preceding experi- 
ment is 

ot 6 1.0 mol 
1000 mL 16, 


Thus 2.9 x 10° J of heat was released when 5.0 X 10~? moles of H* ions re- 
acted. Thus 


50.0 mL X H* = 5.0 xX 10°* mol H* 





2.9 x 103] 
5.0 X 10°* mol H* 





= 5.8 x 10*J 


is the heat released per 1.0 mole of H* ions neutralized. The magnitude of the 
enthalpy of reaction per mole for 
H* (aq) + OH=(aq) ——> H,0() 


at constant pressure is 58 kJ/mol. Since heat is evolved, AH = —58 kJ/mol. 


UWL INTERACTIVE EXAMPLE 9.3 


When 1.00 L of 1.00 M Ba(NO3), at 25.0°C is mixed with 1.00 L of 1.00 M 
Na SO, at 25°C in a calorimeter, the white solid BaSO, forms, and the tem- 
perature of the mixture increases to 28.1°C. Assuming that the calorimeter 
absorbs only a negligible quantity of heat, that the specific heat capacity of 
the solution is 4.18 J °C~' g~', and that the density of the final solution is 
1.0 g/mL, calculate the enthalpy change per mole of BaSO, formed. 


Solution 


a What are we trying to solve? 


In this problem we are asked to solve for the enthalpy change per mole of 
BaSO, formed. To solve this, we need to first determine the balanced equation 
for the reaction that occurs. 

The ions present before any reaction occurs are Ba*+, NO3~, Na*, and 
SO,’-. The Na* and NO;° ions are spectator ions, since NaNO; is very solu- 
ble in water and will not precipitate under these conditions. The net ionic 
equation of the reaction is therefore 


Ba?*(aq) + SO,?- (aq) ——> BaSO,(s) 


From the balanced chemical equation, we can see there is a 1:1:1 mole ratio for 
Ba**, SO4?~, and BaSOx,. Since 1.00 L of 1.00 M Ba(NO3), contains 1.00 mole 
of Ba** ions, and 1.00 L of 1.00 M NajSO, contains 1.00 mole of $O,2- ions, 
1.00 mole of solid BaSO, is formed in this experiment. Thus the enthalpy of 
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Solutions of Ba(NOs)> and NasSO, both initially at 25.0°C. When barium nitrate and sodium sulfate are mixed in an insulated 


container, they form a white solid BaSO, (barium sulfate), and the 
temperature rises to 28.1°C. 


this reaction is the enthalpy per mole of BaSO, formed. This leads to the next 
question: 


= How do we determine the enthalpy for the reaction? 


Since the temperature increases, the formation of solid BaSO,4 must be exother- 
mic; AH will be negative. 


Heat evolved by reaction = heat absorbed by solution 
= specific heat capacity X mass of solution 
X increase in temperature 


Since 1.00 L of each solution is used, the total solution volume is 2.00 L, and 


1000 mL S 1.0¢ 
NEG mL 


Mass of solution = 2.00 L X 





=e) Orcoll ve 





| Temperature increase 26-1 Ce 125.0 Cg © 

| Heat evolved = (4.18 J °C-! g~)(2.0 x 103 g)(3.1°C) 
= 26 10a) 

Thus qd = 4, = AH = —2.6 X 10*J 





Thus the enthalpy change per mole of BaSO, formed is 


AH = —2.6 X 10* J/mol = —26 kJ/mol 





Calculation of AH and AE for Cases in Which PV Work Occurs 


In the examples of constant-pressure calorimetry we have considered so far, 
the reactions have occurred in solution, where no appreciable volume changes 
occur (that is, the total volume of the reactant solution is the sum of the vol- 
umes of the solutions that are mixed and remains constant as the reaction 
proceeds). Under these conditions no work occurs (since AV = 0, PAV = 0, 
and w = 0). Thus, since AH = q, (constant pressure) and w = 0, 


Ai iGn tA 


At constant pressure, where AV = 0, no work is done and AE = AH = q,. 
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Figure 9.8 
A schematic to show the change in 
volume for the reaction 


2S02(9) + O2(g) —> 2S03(9) 





and Thermochemistry 


However, when a reaction involving gases is studied at constant pressure, 
AE may not equal AH. The reaction 


2SO2(g) + O2(g) — > 2S03(g) 


provides an example of this case. Picture this reaction being carried out at con- 
stant temperature and pressure, as shown in Fig. 9.8. 

In going from reactants to products, the volume of the system decreases 
because the number of moles of gas decreases. Since AV (= Véinai — Vinitial) 18 
negative, w is positive: 


w= —PAV 


eee 
Negative ? this case 
Thus work flows into the system. In addition, because 
AE=qt+w 
and at constant pressure 
AH = 4. 
then 
AE = dat = AH + Ww 


In this case w # 0, so AE and AH are different. This case is illustrated in 
Example 9.4. 


WWL INTERACTIVE EXAMPLE 9.4 


When 2.00 moles of SO2(g) reacts completely with 1.00 mole of O2(g) to form 
2.00 moles of SO3(g) at 25°C and a constant pressure of 1.00 atm, 198 kJ of 
energy is released as heat. Calculate AH and AE for this process. 


Solution Because the pressure is constant for this process, AH = q,. The 
description of the experiment states that 198 kJ of heat is released. Thus 
AH = qp = —198 kJ, where the negative sign indicates that energy flows out of 
the system. 


The value of AE can be calculated from the relationship 
AE = q+ w 
Since q is known (—198 kJ), we need only the value for w. We know that 
w= —PAV 
Solving the ideal gas law for AV gives 


WV an( 5] 
P 


where only 7 changes (T and P are constant) as the reaction occurs. 
In this case LR Shneaal 
Nfinal = 2 mol 

Moles of SO; 


Ninitial = 2 mol Sik mol 


t t 
Moles Moles 
of SO, of O; 


So An = 2 mol — 3 mol = —1 mol 


Charles D. Winters/Photo Researchers, Inc. #2Z9929 
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Now we can calculate w: 


NV (an x *) NG RL 
Ses aad 
AV 
where An = —1 mol 
R = 8.3145 J K7! mol"! 
TSS 622.731 29 S.K 
Thus w= —(-1 mod (8.3145 Cag} O98 K) = 2.48 kJ 
K mol 


Using the values of g and w, we can calculate AE: 
AE=q+w=AH+w=—198kJ + 2.48 kJ = -196 kJ 


Note that AE and AH are different for this case because the volume changes 
(and therefore work occurs). 


Calorimetry experiments can also be performed at constant volume. For 
example, when a photographic flashbulb flashes, the bulb becomes very hot, 
since the reaction of the zirconium or magnesium wire with the oxygen inside 
the bulb is exothermic. The reaction occurs inside the flashbulb, which is rigid 
(does not change volume). Under these conditions no work is done, since the 
volume must change for pressure-volume work to be performed. To study the 
energy changes in reactions under conditions of constant volume, a bomb calo- 
rimeter (Fig. 9.9) is often used. Weighed reactants are placed inside a rigid steel 
container (the “bomb”) and ignited. The energy change is determined by mea- 
suring the increase in the temperature of the water and other calorimeter parts. 
For a constant-volume process, the change in volume (AV) is equal to zero, so 
the work is also equal to zero. Therefore, 


AE=qt+w=q=% (constant volume) 


Suppose we wish to measure the energy of combustion of octane (CgHjs), 
a component of gasoline. A 0.5269-g sample of octane is placed in a bomb 





Ignition 
wires 






Insulating 
containel 


Steel 
bomb 


Water Reactants 


in sample 


| 4 4 ‘bigs 
& 8 , 
a 








Figure 9.9 

(left) A commercial “bomb.” (right) Schematic of a bomb calorimeter. The reaction is carried 
out inside a rigid steel “bomb,” and the heat evolved is absorbed by the surrounding water 
and the other calorimeter parts. The quantity of energy produced by the reaction can be 
calculated from the temperature increase. 
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Hydrogen’s potential as a fuel is dis- 
cussed in Section 9.8. 


The direction of the energy flow is indi- 


cated by words in this example. Using 
signs, we have 


AE combustion = —55 kd/g 
for methane and 

AE ripen = — 140 Keig 
for hydrogen. 





calorimeter known to have a heat capacity of 11.3 kJ/°C. This means that 
11.3 kJ of energy is required to raise the temperature of the water and other 
parts of the calorimeter by 1°C. The octane is ignited in the presence of excess 
oxygen, causing the temperature of the calorimeter to increase by 2.25°C. The 
amount of energy released by the reaction is calculated as follows: 


Energy released _ temperature increase X energy required to change 
by the reaction the temperature by 1°C 


= AT X heat capacity of calorimeter 
= 7.25 Coetl os ke = 25-4 «) 


This means that 25.4 kJ of energy was released by the combustion of 0.5269 g 
of octane. The number of moles of octane is 


1 mol octane = 4614 < 10° mol octane 





x 
0.5207 g octane X75 g octane 


Since 25.4 kJ of energy was released for 4.614 X 10~* mole of octane, the en- 
ergy released per mole is 
25.4 kJ 
4.614 x 10 * mol 





= 5.50 X 10° kJ/mol 


Since the reaction is exothermic, AE is negative: 
AP edo a0 10k mol 
Note that since no work is done in this case, AE is equal to the heat: 
AE=qt+w=q 
= —5.50 X 10? kJ/mol 


OWL INTERACTIVE EXAMPLE 9.5 


It has been suggested that hydrogen gas obtained from the decomposition of 
water might be a substitute for natural gas (principally methane). To compare 
the energies of combustion of these fuels, the following experiment was carried 
out using a bomb calorimeter with a heat capacity of 11.3 kJ/°C. When a 1.50-g 
sample of methane gas was burned with excess oxygen in the calorimeter, the 
temperature increased by 7.3°C. When a 1.15-g sample of hydrogen gas was 
burned with excess oxygen, the temperature increase was 14.3°C. Calculate the 
energy of combustion (per gram) for hydrogen and methane. 


Solution We calculate the energy of combustion for methane using the heat 
capacity of the calorimeter (11.3 kJ/°C) and the observed temperature increase 
Gi TEC 


Energy released in the 


combustion of 1.50 g of CHy (11.3 kJ/PC)(7.3°C) = 83 kJ 


Energy released in the 83 kJ 
combustion of 1 g of CHy = 


| 
— 
n 
S&S 


Similarly, for hydrogen, 


Energy released in the 
combustion of 1.15 g of Hy = (11.3 kJ/°C)(14.3°C) 


= 162 kJ 


Energy released in the lez ky] 
combustion of lgofH, —- 1.15 ¢ 





= 141 kJ/g 


9.5 Hess's Law 381 


The energy released by the combustion of 1 g of hydrogen is approximately 
2.5 times that for 1 g of methane, indicating that hydrogen gas is a potentially 
useful fuel. 





9.5 | 


AH is not dependent on the reaction 
pathway. 


Reversing a reaction changes the 
sign of AH 


Figure 9.10 

The principle of Hess’s law. The same 
change in enthalpy occurs when nitro- 
gen and oxygen react to form nitrogen 
dioxide, regardless of whether the 
reaction occurs in one (red) or two 
(blue) steps. 


Hess’s Law 


Since enthalpy is a state function, the change in enthalpy in going from some 
initial state to some final state is independent of the pathway. This means that 
in going from a particular set of reactants to a particular set of products, the 
change in enthalpy is the same whether the reaction takes place in one step or 
in a series of steps. This principle is known as Hess’s law and can be illustrated 
by examining the oxidation of nitrogen to produce nitrogen dioxide. The over- 
all reaction can be written in one step, where the enthalpy change is repre- 


sented by AH: 
N3(g) + 202(g) —> 2NO,(g) AH; = 68 kJ 


This reaction can also be carried out in two distinct steps, with enthalpy 
changes designated by AH) and AH;;: 





Na(g) + O2(g) —> 2NO(g) ATS = 180k] 
2NO(g) + O,(g) —> 2NO,(g) AH; = -112 kJ 
Net reaction: N2(g) + 202(g) —~ 2NO2(g) AH, + AH; = 68 kJ 


Note that the sum of these two steps gives the net, or overall, reaction and that 
AH, = AH, ar AH; = 68 kJ 


The principle of Hess’s law is shown schematically in Fig. 9.10. 


Characteristics of Enthalpy Changes 

To use Hess’s law to compute enthalpy changes for reactions, we must under- 
stand two characteristics of AH for a reaction: 

1. Ifa reaction is reversed, the sign of AH is also reversed. 


2. The magnitude of AH is directly proportional to the quantities of reactants 
and products in a reaction. If the coefficients in a balanced reaction are 
multiplied by an integer, the value of AH is multiplied by the same integer. 


Both of these rules follow in a straightforward way from the properties of 
enthalpy changes. The first rule can be explained by recalling that the sign of 


Two-step reaction 
eae ee —————SS 
O,(g), 2NO(g) 







H (kJ) 


AH, = 180 kJ 


AH, = 68 kJ 
= AH, + AH; = 180 kJ - 112 kJ 


N,(g), 202(g) 
SE es Se a ee ee ak a eer 


One-step reaction 


N,(g), 20(g) 





Argonne National Laboratory 
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Crystals of xenon tetrafluoride, the first 
reported binary compound containing 
a noble gas element. 





AH indicates the direction of the heat flow at constant pressure. If the direction 
of the reaction is reversed, the direction of the heat flow is also reversed. To see 
this, consider the preparation of xenon tetrafluoride, which was the first re- 
ported binary compound made from a noble gas: 


Xe(g) + 2F)(g) —> XeF,(s) AH = —251kJ 


This reaction is exothermic, and 251 kJ of energy flows into the surroundings 
as heat. On the other hand, if the colorless XeF, crystals are decomposed into 
the elements according to the equation 


XeF,(s) ——~ Xe(g) + 2F,(g) 


the opposite energy flow occurs because 251 kJ of energy has to be added to 
the system in this case. Thus, for this reaction, AH = +251 kJ. 

The second rule comes from the fact that AH is an extensive property de- 
pending on the amount of substances reacting. For example, 251 kJ of energy 
is evolved for the reaction 


Rete) ZF (e)—<_ > Kelis) 
Thus, for a preparation involving twice the quantities of reactants and products, 
2Xe(g) + 4Fs(g) —> 2XeF,(s) 
twice as much heat would be evolved: 


AH = 2(-—251 kJ) = —502 kJ 


Hints for Using Hess’s Law 


Calculations involving Hess’s law typically require that several reactions be 
manipulated and combined to finally give the reaction of interest. In doing this 
procedure, you should work backward from the required reaction, using the 
reactants and products to decide how to manipulate the other reactions at your 
disposal. Reverse any reactions as needed to give the required reactants and 
products, and then multiply the reactions to give the correct numbers of reac- 
tants and products. This process involves some trial and error but can be very 
systematic if you always allow the final reaction to guide you. 


UWL INTERACTIVE EXAMPLE 9.6 


Diborane (B,H,) is a highly reactive boron hydride that was once considered as 
a possible rocket fuel for the U.S. space program. Calculate AH for the synthe- 
sis of diborane from its elements, according to the equation 


2B(s) + 3H2(g) — > BoH¢(g) 


using the following data: 


Reaction AH 
(a) 2B(s) + O2(g) > B»O3(s) —1273 kJ 
(b) BuH¢(g) + 302(g) — B:O3(s) + 3H2O(g) 72035, kJ 
(c) Hx(g) + 5O2(g) > HsO(/) ~286 kJ 
(d) H,O(/) > H,0(g) 44 kJ 


Solution To obtain AH for the required reaction, we must somehow combine 
equations (a), (b), (c), and (d) to produce that reaction and add the correspond- 
ing AH values. This procedure can best be done by focusing on the reactants 
and products of the required reaction. The reactants are B(s) and H2(g), and 
the product is ByH¢(g). How can we obtain the correct equation? Reaction (a) 
has B(s) as a reactant, as needed in the required equation. Thus reaction (a) will 
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Firewalking: Magic or Science? 


Chemical Insights 





For millennia people have been amazed at the 
ability of Eastern mystics to walk across beds of 
glowing coals without any apparent discomfort. 
Even in the United States thousands of people have 
performed feats of firewalking as part of motiva- 
tional seminars. How is this feat possible? Do fire- 
walkers have supernatural powers? 

Actually, there are sound scientific explana- 
tions of why firewalking is possible. The first 
important factor concerns the heat capacity of feet. 
Because human tissue is mainly composed of 
water, it has a relatively large specific heat capac- 
ity. This means that a large amount of energy must 
be transferred from the coals to significantly 
change the temperature of the feet. During the 
brief contact between feet and coals, there is rela- 
tively little time for energy flow, so the feet do not 
reach a high enough temperature to cause damage. 

Second, although the surface of the coals has a 
very high temperature, the red-hot layer is very 
thin. Therefore, the quantity of energy available 
to heat the feet is smaller than might be expected. 
This factor points out the difference between tem- 
perature and heat. Temperature reflects the inten- 
sity of the random kinetic energy in a given sample 
of matter. The amount of energy available for heat 
flow, on the other hand, depends on the quantity 
of matter at a given temperature—10 g of matter 
at a given temperature contains ten times as much 
thermal energy as 1 g of the same matter. For 
example, the tiny spark from a sparkler does not 
hurt when it hits your hand. The spark has a very 
high temperature but has so little mass that no sig- 
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A group of firewalkers in Japan. 


nificant energy transfer occurs to your hand. This 
same argument applies to the very thin hot layer 
on the coals. 

A third factor that aids firewalkers is the pres- 
ence of moisture from the perspiration on the feet 
of the presumably tense firewalker. In addition, 
because firewalking is often done at night, with 
moist grass surrounding the bed of coals, the fire- 
walker’s feet are probably damp before the walk. 
Vaporization of this moisture consumes some of 
the energy from the hot coals. 

Thus, although firewalking is an impressive 
feat, there are several sound scientific reasons why 
anyone should be able to do it with the proper 
training and a properly prepared bed of coals. 





be used as it is. Reaction (b) has ByH,(g) as a reactant, but this substance is 
needed as a product. Thus reaction (b) must be reversed, and the sign of AH 
changed accordingly. Up to this point we have 





(a) 2B(s) + 302(g) —> B,O3(s) AH = —1273 kJ 
—~(b)  ByO3(s) + 3H,O(g) —> B H,(g) + 302(g) AH = —(—2035 kJ) 
Sum: —_ B,O3(s) + 2B(s) + 202g) + 3H2O(g) —> B.O3(s) + BoHe(g) + 302(g) AH = 762 kJ 
Deleting the species that occur on both sides gives 
2B(s) + 3H,O(g) —> BoHg(g) + #O2(g) AH = 762 kJ 


We are closer to the required reaction, but we still need to remove H,O(g) 
and O,(g) and introduce H2(g) as a reactant. We can do so by using reactions 
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3x (c) 


(c) and (d). If we multiply reaction (c) and its AH value by 3 and add the result 
to the preceding equation, we have 


2B(s) + 3H,O(g) —> BoH,(g) + 302(g) AH = 762 kJ 
3[Ho(g) + 502(g) —> H20())] AH = 3(—286 kJ) 





Sum:  2B(s) + 3Ho(g) + 302(g) + 3H2O(g) —> BoHe(g) + 302(g) + 3H2OU) AH = —96 kJ 





We can cancel the 30,(g) on both sides, but we cannot cancel the H,O because 
it is gaseous on one side and liquid on the other. This problem can be solved 
by adding reaction (d), multiplied by 3: 


2B(s) + 3Ho(g) + 3H:O(g) —> BoH,(g) + 3H2O(/) AH = -96 kJ 


3 x (d) 


3[H,O(/) —~> H,O(g)] AH = 3(44 kJ) 








2B(s) + 3Ho(g) + 3H,O(g) + 3H,O(/) —> ByHe(g) + 3H,O(/) + 3H,O(g) AH = +36 kJ 


This step gives the reaction required by the problem: 
2B(s) + 3H,(g) —> BoH,(g) AH = +36 kj 
Thus AH for the synthesis of 1 mole of diborane is +36 kJ. 








9.6 


Standard state is not the same as 
standard temperature and pressure 
(STP) for a gas. 


The standard state for oxygen is O2(g) 
at a pressure of 1 atm; the standard 
state for sodium is Na(s); the standard 
state for mercury is Hg(/); and so on 


Standard Enthalpies of Formation 


For a reaction studied under conditions of constant pressure, we can obtain the 
enthalpy change by using a calorimeter. However, this process can be very dif- 
ficult. In fact, in some cases it is impossible, since certain reactions do not lend 
themselves to such study. An example is the conversion of solid carbon from 
its graphite form to its diamond form: 


Capes) C damendts) 


The value of AH for this process cannot be obtained readily by measurement 
in a calorimeter. We will show next how to calculate AH for chemical reac- 
tions and physical changes by using standard enthalpies of formation. 

The standard enthalpy of formation (AH?) of a compound is defined as the 
change in enthalpy that accompanies the formation of 1 mole of a compound 
from its elements with all substances in their standard states. 

The superscript zero on a thermodynamic function (for example, AH°) 
indicates that the corresponding process has been carried out under standard 
conditions. The standard state for a substance is a precisely defined reference 
state. Because thermodynamic functions often depend on the concentrations 
(or pressures) of the substances involved, we must use a common reference 
state to properly compare the thermodynamic properties of two substances. 
This is especially important because for most thermodynamic properties we 
can measure only changes in that property. For example, we have no method 
for determining absolute values of enthalpy. We can measure only enthalpy 
changes (AH values) by performing heat flow experiments. 

Standard states are defined as follows: 


Definitions of Standard States 





1. For a gas the standard state is a pressure of exactly 1 atm. 


2. For a substance present in a solution, the standard state is a concentration of ex- 
actly 1 M at an applied pressure of 1 atm. 


3. For a pure substance in a condensed state (liquid or solid), the standard state is 
the pure liquid or solid. 


4. For an element the standard state is the form in which the element exists (is most 
stable) under conditions of 1 atm and the temperature of interest (usually 25°C), 


The International Union of Pure and 
Applied Chemistry (IUPAC) has 
adopted 1 bar (100,000. Pa) as the 
standard pressure instead of 1 atm 
(101,325 Pa). Both standards are now 
widely used, 


Table 9.4 


Standard Enthalpies of Formation 
for Several Compounds at 25°C 








Compound AH}? (kJ/mol) 
NH,(g) 46 
NO,(g) 34 
H,0(/) —286 
ALO3(s) —l676 
Fe,O3(s) —826 
CO3(g) —394 
CH30H(/) aa ae, 
CsHi3(/) —269 


Note that although the tabulated values 
of AH? usually correspond to a temper- 
ature of 25°C, values of AH? can be 
obtained at any temperature. 


Figure 9.11 

A schematic diagram of the energy 
changes for the reaction 

CH,(g) + 202(g) > COz(g) + 2H20(/). 
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Several important characteristics of the definition of enthalpy of formation 
will become clearer if we again consider the formation of nitrogen dioxide 
from the elements in their standard states: 


$N2(g) + Or(g) —> NO,(g) AH? = 34 kJ/mol 


Note that the reaction is written so that both elements are in their standard 
states, and | mole of product is formed. Enthalpies of formation are always 
given per mole of product with the product in its standard state. 

The formation reaction for methanol is written as 


C(s) + 2H2(g) + $Ox(g) —> CH3OH(/) AH? = —239 kJ/mol 


The standard state of carbon is graphite, the standard states for oxygen and 
hydrogen are the diatomic gases, and the standard state for methanol is the 
liquid. 

The AH? values for some common substances are shown in Table 9.4. 
More values are found in Appendix 4. The importance of tabulated AH? values 
is that enthalpies for many reactions can be calculated using these numbers. To 
see how this is done, we will calculate the standard enthalpy change for the 
combustion of methane: 


CHa(g) + 202(g) —> CO2(g) + 2H,O(/) 


Enthalpy is a state function, so we can invoke Hess’s law and choose any con- 
venient pathway from reactants to products and then sum the enthalpy changes. 
A convenient pathway, shown in Fig. 9.11, involves taking the reactants apart 
into the respective elements in their standard states in reactions (a) and (b) and 
then forming the products from these elements in reactions (c) and (d). This 
general pathway will work for any reaction, since atoms are conserved in a 
chemical reaction. 

Note from Fig. 9.11 that reaction (a), where methane is taken apart into 
its elements, 


CH4(g) ——> C(s) + 2H2(g) 
is just the reverse of the formation reaction for methane: 
Cis) 4. 2H. (¢)—— CHA) AH? = —75 kJ/mol 


Since reversing a reaction means changing the sign of AH but keeping the same 
magnitude, AH for reaction (a) is —-AH?, or 75 kJ. Thus AH®,) = 75 kJ. 

Next, we consider reaction (b). Here oxygen is already an element in its 
standard state, so no change is necessary. Thus AH®,,) = 0. 


Elements 


Reactants 


8 


Products 
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The next steps, reactions (c) and (d), use the elements formed in reactions 
(a) and (b) to form the products. Note that reaction (c) is simply the formation 
reaction for carbon dioxide: 


Cisse Cn eae Og) AH? = —394 kJ/mol 
and AH?*(., = AH? [for CO2(g)] = —394 kJ 
Reaction (d) is the formation reaction for water: 

H,(g) + 3O.(g) —> H,O(/) AH? = —286 kJ/mol 


However, since 2 moles of water are required in the balanced equation, we 
must form 2 moles of water from the elements: 


2H,(g) + O2(g) —~> 2H20(/) 





Thus 
AH*4) = 2 X AH? [for H,O(/)] = 2(—286 kJ) = —572 kJ 


We have now completed the pathway from the reactants to the products. 
The change in enthalpy for the overall reaction is the sum of the AH values 
(including their signs) for the steps: 


AF reaction = AH°(a) + AH°(p) + AH.) + AH" a) 
= —AH? [for CH,(g)] + 0 + AH? [for CO2(g)] 
+ 2 < AH# [for H,O(I)] 


= —(-75 kJ) + 0 + (—394 kJ) + (—572 kj) 
~891 kJ 


Let’s examine carefully the pathway we used in this example. First, the reac- 
tants were broken down into the elements in their standard states. This step in- 
volved reversing the formation reactions and thus switching the signs of the re- 
spective enthalpies of formation. The products were then constructed from these 
elements. This step involved formation reactions and thus enthalpies of forma- 
tion. We can summarize the entire process as follows: The enthalpy change for a 
given reaction can be calculated by subtracting the enthalpies of formation of the 
reactants from the enthalpies of formation of the products. Remember to multi- 
ply the enthalpies of formation by integers as required by the balanced equation. 
This procedure can be represented symbolically as follows: 


AH?® action = SAH? (products) — SAH? (reactants) (9.1) 


where the symbol > (sigma) means “to take the sum of the terms.” 

Elements are not included in the calculation since elements require no 
change in form. We have in effect defined the enthalpy of formation of an ele- 
ment in its standard state as zero, since we have chosen this as our reference 
point for calculating enthalpy changes in reactions. 


Key Concepts for Doing Enthalpy Calculations 





1. When a reaction is reversed, the magnitude of AH remains the same, but the sign 
changes. 


2. When the balanced equation for a reaction is multiplied by an integer, the value 
of AH for that reaction must be multiplied by the same integer. 


3. The change in enthalpy for a given reaction can be calculated from the enthalpies 
of formation of the reactants and products: 


AP reaction = LS AHF (products) — LAH} (reactants) 


4. Elements in their standard states are not included in the AH peaction Calculations. 
That is, AH? for an element in its standard state is zero. 


Figure 9.12 
A pathway for the combustion of 
ammonia. 
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OWL INTERACTIVE EXAMPLE 9.7 


Using the standard enthalpies of formation listed in Table 9.4, calculate the 
standard enthalpy change for the overall reaction that occurs when ammonia 
is burned in air to form nitrogen dioxide and water. This is the first step in the 
manufacture of nitric acid. 


4NH;(g) + 702(g) —~ 4NO2(g) + 6H,O(/) 


Solution We will use the pathway in which the reactants are broken down 


into elements in their standard states and then are used to form the products 
(Fig. 9.12). 


Step 1 
Decomposition of NH;(g) into elements [reaction (a) in Fig. 9.12]. The first 
step involves decomposing 4 moles of NH; into Ny and H): 


4NE3(g) > 2N> (2) 6Ha (2) 
This reaction is 4 times the reverse of the formation reaction for NH3;: 
yNo(g) + }H2(g) —> NH,(g) AH? = —46 kJ/mol 
Thus 
AH?*|,, = 4 mol[—(—46 kJ/mol)] = 184 kJ 
Step 2 


Elemental oxygen [reaction (b) in Fig. 9.12]. Since O2(g) is an element in its 
standard state, AH®,,) = 0. 

We now have the elements N2(g), H2(g), and O2(g), which can be com- 
bined to form the products of the overall reaction. 


Step 3 


Synthesis of NO2(g) from the elements [reaction (c) in Fig. 9.12]. The overall 
reaction equation has 4 moles of NO>. Thus the required reaction is 4 times the 
formation reaction for NO>: 


4 x [}Na(g) + O2(g) —> NOx(g)] 
and 
AH®., = 4 X AH? [for NO2(g)] 
From Table 9.4, AH? [for NO (g)] = 34 kJ/mol, so 
AH®,.. = 4 mol X 34 kJ/mol = 136 kJ 


Reactants Elements Products 





388 








Chapter 9 Energy, Enthalpy, and Thermochemistry 


Step 4 

Synthesis of H,O(l) from the elements [reaction (d) in Fig. 9.12]. Since the over- 
all reaction equation has 6 moles of H,O(/), the required reaction is 6 times the 
formation reaction of H)O(/): 


6 X [Ha(g) + 302g) —> H,O())] 


and 
AH?) = 6 X AH? [for H,O())] 


From Table 9.4, AH? [for H,O(/)| = —286 kJ/mol, so 
AH?*4) = 6 mol(—286 kJ/mol) = —1716 kJ 


To summarize, we have done the following: 





ARS AH? 
4NH3(g) es ce a Sues rn ee) 


mb) = AR‘ 4 
Ong, = oe ="! 6H,0(/) 
Elements in their 


standard states 


We now add the AH? values for the steps to obtain AH® for the overall reaction: 
AFP caction = AH? a + AH PAH) + AH ay 
= 4 x —AH? [for NH3(g)] + 0 + 4 x AH? [for NO2(g)] 
+ 6 X AH? [for H,O(/)] 
= 4 x AH? [for NO,(g)] + 6 X AH? [for H,O(/)] 
— 4 x AH? [for NH3(g)] 
= AH? (products) — AH (reactants) 


Remember that elemental reactants and products do not need to be in- 
cluded, since AH for an element in its standard state is zero. Note that we have 
again obtained Equation (9.1). The final solution is 


estos =6X (—286 kJ) +4x (34 kJ) = 7 NG (—46 kJ) 
= -1396 kj 


Now that we have shown the basis for Equation (9.1), we will make direct 
use of it to calculate AH for reactions in succeeding examples. 


EXAMPLE 9.8 


Methanol (CH30H) is sometimes used as a fuel in high-performance engines. 
Using the data in Table 9.4, compare the standard enthalpy of combustion per 
gram of methanol with that of gasoline. Gasoline is actually a mixture of com- 
pounds, but assume for this problem that gasoline is pure liquid octane (CgHj,). 


Solution 


= What are we trying to solve? 


We are asked to compare the standard enthalpies of combustion per gram for 
methanol and gasoline. To make this comparison we will have to determine 
the standard enthalpy for each reaction. 


= How do we determine the standard enthalpy of combustion for each? 


We need balanced chemical equations for the combustion of methanol and for 
the combustion of gasoline (octane). We then use the data in Table 9.4 and 
calculate the standard enthalpy of each reaction using 


AF reactants = YAH? (products) — SAH? (reactants) 
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Once we determine each of these, we will have to determine the standard en- 
thalpy per gram of methanol and of octane. 


The combustion reaction for methanol is 
2CH30H(!) + 302(g) —— 2CO,(g) + 4H,O(/) 


Using the standard enthalpies of formation from Table 9.4 and Equation (9.1), 
we have 


AH reaction = 2 X AH? [for CO2(g)] + 4 X AH# [for H,O(/)] 
=) x Ari; (for GH;OH())] 
= 2K (—394 k\) #4 x (—286 k])=— 2 X'(—239 kf) 
= —1454 kj 


Thus 1454 kJ of heat is evolved when 2 moles of methanol burn. The molar 
mass of methanol is 32.0 g/mol. This means that 1454 kJ of energy is produced 
when 64.0 g of methanol burn. The enthalpy of combustion per gram of meth- 
anol is 





~1454 kJ 
ieee 
The combustion reaction for octane is 
2CsHj (1) + 25O7(g) —> 16CO;(g) + 18H,O(l) 


Using the standard enthalpies of formation from Table 9.4 and Equation (9.1), 
we have 


NED aceon =Th67X AH? [for COz2(g)| +18 x AH? [for H;0(/)] 
— 2 X AH? [for CsHya(1)] 


16x (=394 kp) + 18 <(—286.k]) = 2 x (269k) 
~1.09 X 104 kJ 


This value is the amount of heat evolved when 2 moles of octane burn. Since 
the molar mass of octane is 114.2 g/mol, the enthalpy of combustion per gram 
of octane is 


=1,09 x 10° kj _ 
2(114.2 g) 





47.7 kJ/g 


The enthalpy of combustion per gram of octane is about twice that per 
gram of methanol. On this basis, gasoline appears to be superior to methanol 
for use in a racing car, where weight considerations are usually very important. 
Why, then, is methanol used in racing cars? The answer is that methanol burns 
much more smoothly than gasoline in high-performance engines, and this ad- 
vantage more than compensates for its weight disadvantage. 





9.7 


Present Sources of Energy 


Woody plants, coal, petroleum, and natural gas provide a vast resource of en- 
ergy that originally came from the sun. By the process of photosynthesis, plants 
store energy that can be claimed by burning the plants themselves or the decay 
products that have been converted to fossil fuels. Although the United States 
currently depends heavily on petroleum for energy, this dependency is a rela- 
tively recent phenomenon, as shown in Fig. 9.13. In this section we discuss 
some sources of energy and their effects on the environment. 
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Figure 9.13 
Energy sources used in the United 
States. 


Table 9.5 


Formulas and Names for Some 
Common Hydrocarbons 


Formula Name 
GH Methane 
CiH, Ethane 
C3H¢ Propane 
C4H 0 Butane 
CsH 12 Pentane 
CeHi4 Hexane 
CrHi¢ Heptane 
CgHi Octane 
Table 9.6 


Uses of the Various Petroleum 
Fractions 


Petroleum 

Fraction in 

Terms of 

Numbers of 

Carbon Atoms — Major Uses 





Cs-Cyo Gasoline 

Cy9-Ci8 Kerosene 
Jet fuel 

Cys—Co5 Diesel fuel 


Heating oil 
Lubricating oil 
>C)5 Asphalt 












1850 1900 1950 1975 2000 


mA Wood ca Coal 





oa Petroleum/natural gas pad Hydro and nuclear 


Petroleum and Natural Gas 


Although how they were produced is not completely understood, petroleum and 
natural gas were most likely formed from the remains of marine organisms that 
lived about 500 million years ago. Petroleum is a thick, dark liquid composed 
mostly of compounds called hydrocarbons that contain carbon and hydrogen. 
Table 9.5 lists the formulas and names of several common hydrocarbons. Natu- 
ral gas, usually associated with petroleum deposits, consists mostly of methane 
but also contains significant amounts of ethane, propane, and butane. 

The composition of petroleum varies somewhat, but it consists mostly of 
hydrocarbons having chains that contain from 5 to more than 25 carbons. To 
be used efficiently, the petroleum must be separated into fractions by boiling. 
The lighter molecules (having the lowest boiling points) can be boiled off, leav- 
ing the heavier ones behind. The uses of various petroleum fractions are shown 
in Table 9.6. 

The petroleum era began when the demand for lamp oil during the Indus- 
trial Revolution outstripped the traditional sources, animal fats and whale oil. 
In response to this increased demand, Edwin Drake drilled the first oil well in 
1859 at Titusville, Pennsylvania. The petroleum from this well was refined to 
produce kerosene (fraction Ciy-Cjs), which served as an excellent lamp oil. 
Gasoline (fraction Cs—C;9) had limited use and was often discarded. However, 
the development of the electric light decreased the need for kerosene, and the 
advent of the “horseless carriage” with its gasoline-powered engine signaled 
the birth of the gasoline age. 

As gasoline became more important, new ways were sought to increase the 
yield of gasoline obtained from each barrel of petroleum. William Burton in- 
vented a process at Standard Oil of Indiana called pyrolytic (high-temperature) 
cracking. In this process the heavier molecules of the kerosene fraction are 
heated to about 700°C, causing them to break (crack) into the smaller mole- 
cules of hydrocarbons in the gasoline fraction. As cars became larger, more 
efficient internal combustion engines were designed. Because of the uneven 
burning of the gasoline then available, these engines “knocked,” producing 
unwanted noise and even engine damage. Intensive research to find additives 
that would promote smoother burning produced tetraethyl lead [(CyHs)4Pb], a 
very effective “antiknock” agent. 

The addition of tetraethyl lead to gasoline became a common practice, and 
by 1960 gasoline contained as much as 3 g of lead per gallon. As we have dis- 
covered so often in recent years, technological advances can produce environ- 
mental problems. To prevent air pollution from automobile exhaust, manufac- 
turers have added catalytic converters to car exhaust systems. The effectiveness 
of these converters, however, is destroyed by lead. The use of leaded gasoline 
has also greatly increased the amount of lead in the environment, where it can 
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Coal has variable composition depend- 
ing on both its age and where it was 
formed 





Use of coal can pose pollution 
problems. 


The electromagnetic spectrum includ- 
ing visible and infrared radiation is dis 
cussed in Chapter 12 


9.7 Present Sources of Energy 391 


be ingested by animals and humans. For these reasons, the use of lead in gaso- 
line has been phased out, which has required extensive (and expensive) modi- 
fications of engines and of the gasoline-refining process. 

The estimates of natural gas reserves in the United States have risen sharply 
in recent years, mainly due to new technologies that enable access to deep 
pockets of natural gas in shale rock formations. A new technique called hy- 
draulic fracturing, in which water is injected into wells at high pressures to 
shatter rocks deep underground, frees the trapped natural gas. This shale gas 
represents about one-third of U.S. reserves of natural gas. Although this shale 
gas currently provides only a small portion of U.S. total gas production, ex- 
perts believe that natural gas will be substituted for other fossil fuels over the 
coming years. An added benefit of natural gas is that it produces less carbon 
dioxide per unit of energy generated than either oil or coal. Present estimates 
predict that the United States has about a 100-year supply of natural gas. 


Coal 


Coal was formed from the remains of plants that were buried and subjected to 
pressure and heat over long periods of time. Plant materials have a high content 
of cellulose, a complex molecule whose empirical formula is CHO but whose 
molar mass is around 500,000. After the plants and trees that flourished on the 
earth at various times and places died and were buried, chemical changes gradu- 
ally lowered the oxygen and hydrogen content of the cellulose molecules. Coal 
“matures” through four stages: lignite, subbituminous, bituminous, and an- 
thracite. Each stage has higher carbon-to-oxygen and carbon-to-hydrogen ra- 
tios; that is, the relative carbon content gradually increases. Typical elemental 
compositions of the various coals are given in Table 9.7. The energy available 
from the combustion of a given mass of coal increases as the carbon content 
increases. Anthracite is the most valuable coal and lignite the least valuable. 

Coal is an important and plentiful fuel in the United States, currently fur- 
nishing about 20% of our energy. As the supply of petroleum dwindles, the 
share of the energy supply from coal is expected to increase to about 30%. 
However, coal is expensive and dangerous to mine underground, and the strip 
mining of fertile farmland in the Midwest or of scenic land in the West causes 
obvious problems. In addition, the burning of coal, especially high-sulfur coal, 
yields air pollutants such as sulfur dioxide, which in turn can lead to acid rain, 
as we learned in Chapter 5. However, even if coal were pure carbon, the car- 
bon dioxide produced when it was burned would still have significant effects 
on the earth’s climate. 


Effects of Carbon Dioxide on Climate 


The earth receives a tremendous quantity of radiant energy from the sun, about 
30% of which is reflected into space by the earth’s atmosphere. The remaining 
energy passes through the atmosphere to the earth’s surface. Some of this en- 


Table 9.7 





Type of Coal C H O N S 
Lignite 71 4 28 1 1 
Subbituminous 77 5 16 1 1 
Bituminous 80 6 8 1 5 
Anthracite 92 3 3 1 1 
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Chemical Insights 


Hiding Carbon Dioxide 






















Global warming now seems to be a reality. At the 
heart of this issue is the carbon dioxide produced 
by society’s widespread use of fossil fuels. For 
example, in the United States CO makes up 81% 
of greenhouse gas emissions. Thirty percent of this 
CO, comes from coal-fired power plants used to 
produce electricity. One way to solve this problem 
would be to phase out coal-fired power plants. 
However, this outcome is not likely because the 
United States possesses so much coal (at least a 
250-year supply) and coal is so cheap (about $0.01 
per pound). Recognizing this fact, the U.S. govern- 
ment has instituted a research program to see if the 
CO, produced at power plants can be captured 
and sequestered (stored) underground in deep geo- 
logical formations. The factors that need to be 
explored to determine whether sequestration is ae Only time will tell whether it will work. 


sible are the capacities of underground storage 
sites and the chances that the sites will leak. 

The injection of CO, into the earth’s crust is 
already being undertaken by various oil compa- 
nies. Since 1996, the Norwegian oil company 
Statoil has separated more than 1 million tons of 
CO, annually from natural gas and pumped it into 
a saltwater aquifer beneath the floor of the North 
Sea. In western Canada a group of oil companies 
has injected CO, from a North Dakota synthetic 
fuels plant into oil fields in an effort to increase 
oil recovery. The oil companies expect to store 
22 million tons of CO; there and to produce 
130 million barrels of oil over the next 20 years. 

Sequestration of CO, has great potential as one 
method for decreasing the rate of global warming. 
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Figure 9.14 

The earth’s atmosphere is transparent 
to visible light from the sun. This visible 
light strikes the earth, and part of it is 
changed to infrared radiation. The 
infrared radiation from the earth’s 
surface is strongly absorbed by COs, 
HO, and other molecules present in 
smaller amounts (for example, CH, and 
N2O) in the atmosphere. In effect, the 
atmosphere traps some of the energy, 
acting like the glass in a greenhouse 
and keeping the earth warmer than it 
would otherwise be. 











ergy is absorbed by plants to drive photosynthesis and some by the oceans to 
evaporate water, but most of it is absorbed by soil, rock, and water, resulting 
in an increase in the temperature of the earth’s surface. This energy is in turn 
radiated from the heated surface mainly as infrared radiation, often called heat 
radiation. 

The atmosphere, like window glass, is transparent to visible light but does 
not allow all the infrared radiation to pass through. Molecules in the atmos- 
phere, principally H,O and COs, strongly absorb infrared radiation, trapping 
it in the earth’s atmosphere, as shown in Fig. 9.14. A net amount of thermal 
energy is thus retained by the earth’s atmosphere, which causes the earth to be 
much warmer than it would be without its atmosphere. In a way the atmos- 
phere acts like the glass of a greenhouse, which is transparent to visible light 
but absorbs infrared radiation, thus raising the temperature inside the build- 
ing. This greenhouse effect is seen even more spectacularly on Venus, where 
the dense atmosphere is mainly responsible for the high surface temperature of 
that planet. 

Thus the temperature of the earth’s surface is controlled to a significant 
extent by the carbon dioxide and water content of the atmosphere. The effect 
of atmospheric moisture (humidity) is apparent in the Midwest. In summer 
when the humidity is high, the heat of the sun is retained well into the night, 
giving very high nighttime temperatures. On the other hand, in winter the cold- 
est temperatures always occur on clear nights, when the low humidity allows 
efficient radiation of energy back into space. 

The atmosphere’s water content is controlled by the water cycle (evapora- 
tion and precipitation), and the average content remains constant over the 
years. However, as fossil fuels have come into more extensive use, the carbon 
dioxide concentration has increased significantly. This increase, which was 
16% from 1880 to 1980, has continued in the past two decades. Some projec- 
tions indicate that the carbon dioxide content of the atmosphere may be dou- 
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The average temperature of the earth's 
surface is 288 K. It would be ~255 K 
without the “greenhouse gases.” 


ble in the twenty-first century what it was in 1880. Asa result, the earth’s aver- 
age temperature could increase by as much as 3°C, causing dramatic changes 
in climate and greatly affecting the growth of food crops. 

Most atmospheric scientists believe the warming trend has already started. 
For example, in 2005 the global average temperature of 14.6°C (58.3°F) was 
the warmest since records have been kept starting in the late 1800s. Global 
average temperatures have risen 0.6°C in the past 30 years and 0.8°C in the 
past century. 

How well can we predict long-term effects? Because weather has been 
studied for a period of time that is miniscule compared with the age of the 
earth, the factors that control the earth’s climate in the long range are not 
clearly understood. For example, we do not understand what causes the earth’s 
periodic ice ages. So, indeed, it is difficult to estimate the impact of the increas- 
ing carbon dioxide levels. 

In fact, the variation in the earth’s average temperature over the past cen- 
tury is somewhat confusing. In the northern latitudes during the past century, 
the average temperature rose by 0.8°C over a period of 60 years, then cooled 
by 0.5°C during the next 25 years, and finally warmed by 0.2°C in the past 
20 years. Such fluctuations do not match the steady increase in carbon dioxide. 
However, in southern latitudes and in areas near the equator, the average tem- 
perature showed a steady increase totaling 0.4°C over the past century. This 
figure is in reasonable agreement with the predicted effect of the increasing 
carbon dioxide concentration over that period. 

Another significant fact is that the last 10 years of the twentieth century 
appear to be the warmest decade on record. Although the exact relationship 
between the carbon dioxide concentration in the atmosphere and the earth’s 
temperature is not known at present, one thing is clear: The increase in the 
atmospheric concentration of carbon dioxide is quite dramatic. We must con- 
sider the implications of this increase as we consider our future energy needs. 





Chemical Insights 





Chapter 9 Energy, Enthalpy, and Thermochemistry 





Geoengineering 





There is little doubt that the earth has been 
warming over the last several decades. Polar ice is 
melting, glaciers are melting, and recorded temper- 
atures are trending. There is also agreement that 
the concentration of carbon dioxide in the atmos- 
phere has increased significantly since the Indus- 
trial Revolution in the 1700s, and most of the 
increase has occurred since the 1950s. Atmo- 
spheric CO, has increased from about 280 ppm in 
1750 to nearly 390 ppm today. However, because 
the factors that control the earth’s climate are so 
complex, there is significant controversy about 
whether the warming is due to human factors or to 
natural factors. 

One development that fuels this controversy is 
that the rate of warming in the last decade has 
decreased even as the CO) concentrations have 
continued to increase. Recent research indicates 
that the decrease in the rate of warming is due to a 
sudden unexplained drop in the amount of water 
vapor in the lower stratosphere in late 2000 and 
early 2001. The water vapor concentration 
decreased by 10% and has been stable at that level 
ever since. Because water is a potent greenhouse 
gas, this decline has slowed the increase in global 
temperature. 

There are many other natural factors that 
influence the earth’s temperature, such as changes 
in solar activity and cloud formation. So the earth 
is warming, but we are not 100% sure why. How 
do we respond to global warming? One strategy 
we could pursue is to find ways to cool the earth 
by geoengineering. For example, it is well known 
that tiny particles or liquid droplets in the atmos- 
phere block enough of the sunlight to produce sig- 
nificant cooling. We know this from previous 
major volcanic eruptions, such as the eruption of 
Mount Pinatubo in the Philippines in 1991, which 





released about 20 million metric tons of sulfurous 
gases into the atmosphere. This resulted in the for- 
mation of aerosols (tiny particles that remain dis- 
persed in the atmosphere) that cooled the earth 

by about half a degree for over a year. These types 
of effects cause scientists to wonder if we can 
produce aerosols artificially to instigate the cooling 
of the earth. In fact, Nobel Prize-winning chemist 
Paul J. Crutzen has suggested that such a plan 
might work. Calculations by Timothy Lenton, a 
professor of earth systems at the University of 
East Anglia in England, indicate that the addition 
of a few million tons of aerosol-forming sulfur or 
sulfur-containing compounds would be required 
each year to reflect about 2% of the sun’s rays. 
This should lower the earth’s temperature by 
about. °C; 

Another strategy for decreasing the earth’s 
warming would be to remove CO; from the at- 
mosphere. Klaus Lackner from Columbia Univer- 
sity and David Keith of the University of Calgary 
have each designed air capture systems for CQ). 
Professor Keith plans to build a prototype that 
could remove 100,000 tons of CO; per year at a 
cost of $100 per ton. At that rate, absorbing all of 
the CO, produced in the United States annually 
would require 58,000 air capture units and would 
cost more than $580 billion. Professor Lackner is 
developing a device based on different technology 
that he projects will capture a ton of CO) per day 
at a cost of less than $100 per ton. 

Although various schemes put forth to control 
global warming may seem impractical at present, 
there is growing interest in the United States and 
the United Kingdom. In fact, the U.S. House of 
Representatives has already held several hearings 
to learn more about geoengineering. Geoengineer- 
ing seems to be cool these days. 
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As we search for the energy sources of the future, we need to consider eco- 
nomic, climatic, and supply factors. There are several potential energy sources: 
the sun (solar), nuclear processes (fission and fusion), biomass (plants), and 
synthetic fuels. Direct use of the sun’s radiant energy to heat our homes 
and run our factories and transportation systems seems a sensible long-term 
goal. But what do we do now? Conservation of fossil fuels is one obvious step, 


An industrial process must be 
energy-efficient. 


Figure 9.15 

Coal gasification. Reaction of coal with 
a mixture of steam and air breaks 
down the large hydrocarbon molecules 
in the coal to smaller gaseous mole- 
cules, which can be used as fuels. 
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but substitutes for fossil fuels must be found eventually. We will discuss 


some alternative sources of energy here. Nuclear power will be considered in 
Chapter 20. 


Coal Conversion 


One alternative energy source involves using a traditional fuel—coal—in new 
ways. Since transportation costs for solid coal are high, more energy-efficient 
fuels are being developed from coal. One possibility is to produce a gaseous 
fuel. Substances like coal that contain large molecules have high boiling points 
and tend to be solids or thick liquids. To convert coal from a solid to a gas 
therefore requires reducing the size of the molecules; the coal structure must be 
broken down in a process called coal gasification. This process is carried out 
by treating the coal with oxygen and steam at high temperatures to break 
many of the carbon-carbon bonds. These bonds are replaced by carbon- 
hydrogen and carbon—oxygen bonds as the coal fragments react with the water 
and oxygen. This process is represented in Fig. 9.15. The desired fuel consists 
of a mixture of carbon monoxide and hydrogen called synthetic gas, or syngas, 
and methane (CHy,) gas. Since all the components of this product can react 
with oxygen to release heat in a combustion reaction, this gas is a useful fuel. 

One of the most important considerations in designing an industrial pro- 
cess is the efficient use of energy. In coal gasification some of the reactants are 
exothermic: 


C(s) + 2Hx(g) —> CHy(g) AH? = -75 kJ 
C(s) + $03(g) —> CO(g) AH? = -111kJ 
C(s) + O(g) —> COxlg)  AH° = -394kJ 


Other gasification reactions are endothermic. For example, 
C(s) +H>O(g) —— Holg) + CO(g) AH® = 131 kJ 


If the rate at which the coal, air, and steam are combined is carefully con- 
trolled, the correct temperature can be maintained in the process without using 
any external energy source. That is, an energy balance is attained. 
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Farming the Wind 





In the Midwest the wind blows across fields of 
corn, soybeans, wheat, and wind turbines—wind 
turbines? It turns out that the wind that seems to 
blow almost continuously across the plains is now 
becoming the latest cash crop. One of these new- 
breed wind farmers is Daniel Juhl, who recently 
erected 17 wind turbines on six acres of land near 
Woodstock, Minnesota. These turbines can gener- 
ate as much as 10 megawatts (MW) of electricity, 
which Juhl sells to the local electrical utility. 

The largest wind farm in the world, located 
on the Oregon—Washington border, generates 
300 MW. A controversial wind farm called Cape 
Wind, in the ocean five miles off the coast of Cape 
Cod, is planned to produce more than 400 MW 
of power. 

There is plenty of untapped wind power in the 
United States. Wind mappers rate regions on a scale 
from 1 to 6 (with 6 being the best) to indicate the 
quality of the wind resource. Wind farms are now 
being developed in areas rated from 4 to 6. The 
farmers who own the land welcome the increased 
income derived from the wind blowing across their 
land. Economists estimate that each acre devoted to 
wind turbines can pay royalties to the farmers of as 
much as $8000 per year, or many times the revenue 
from growing corn on that same land. Daniel Juhl 
claims that farmers who construct the turbines 
themselves can realize as much as $20,000 per year 
per turbine. Globally, wind generation of electricity 
has nearly quadrupled in the last five years and is 
expected to increase by about 60% per year in the 
United States. The economic feasibility of wind- 
generated electricity has greatly improved in the last 
30 years as wind turbines have become more effi- 
cient. Today’s turbines can produce electricity that 
costs about the same as that from other sources. 
The most impressive thing about wind power is the 
magnitude of the supply. According to the Ameri- 
can Wind Energy Association in Washington, D.C., 
the wind-power potential in the United States is 
comparable to or larger than the energy resources 
under the sands of Saudi Arabia. 





Courtesy FPL Energy, LLC 





Stateline Wind Generating Project in Walla Walla, 
Washington. 


The biggest hurdle that must be overcome 
before wind power can become a significant elec- 
tricity producer in the United States is construction 
of the transmission infrastructure—the power lines 
needed to move the electricity from the rural areas 
to the cities where most of the power is used. For 
example, the hundreds of turbines planned in 
southwest Minnesota in a development called 
Buffalo Ridge could supply enough electricity to 
power 1 million homes if transmission problems 
can be solved. 

Another possible scenario for wind farms is to 
use the electrical power generated to decompose 
water to produce hydrogen gas that could be 
carried to cities by pipelines and used as a fuel. 
One real benefit of hydrogen is that it produces 
water as its only combustion product. Thus it is 
essentially pollution-free. 

Within a few years wind power could be a 
major source of electricity. There could be a fresh 
wind blowing across the energy landscape of the 
United States in the near future. 





Electrolysis will be discussed in 
Chapter 11. 
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As we stated earlier, syngas can be used directly as a fuel, but it is also 
important as a raw material for producing other fuels. For example, syngas can 
be directly converted to methanol: 


CO(2) 2Ho(¢)—> CH,OH(/) 


Methanol is used in the production of synthetic fibers and plastics and can also 
be used as a fuel. In addition, it can be converted directly to gasoline. About half 
of South Africa’s gasoline supply comes from methanol produced from syngas. 

In addition to coal gasification, the formation of coal slurries is another 
new use of coal. A slurry is a suspension of fine particles in a liquid. Coal must 
be pulverized and mixed with water to form a slurry. The resulting slurry can 
be handled, stored, and burned in ways similar to those used for residual oil, a 
heavy fuel oil from petroleum accounting for 13% of U.S. petroleum imports. 
One hope is that coal slurries might replace solid coal and residual oil as fuels 
for electricity-generating power plants. However, the water needed for slurries 
might place an unacceptable burden on water resources, especially in the west- 
ern states. 


Hydrogen as a Fuel 


If you have ever seen a lecture demonstration where hydrogen—oxygen mix- 
tures were ignited, you have witnessed a demonstration of hydrogen’s poten- 
tial as a fuel. The combustion reaction is 


H,(g) + $02(g) —> H,O(/) AH® = —286 kJ 


As we saw in Example 9.5, the heat of combustion of H2(g) per gram is about 
2.5 times that of natural gas. In addition, hydrogen has a real advantage over 
fossil fuels in that the only product of hydrogen combustion is water; fossil 
fuels also produce carbon dioxide. But even though it appears that hydrogen is 
a very logical choice for a major future fuel, three main problems are associ- 
ated with its use: the costs of production, storage, and transport. 

First, let’s look at the production problem. Although hydrogen is very 
abundant on earth, virtually none of it exists as the free gas. Currently, the 
main source of hydrogen gas is from the treatment of natural gas with steam: 


CHiigish H3O\(g) ==> 3g) + COlg) 
We can calculate AH for this reaction by using Equation (9.1): 
AH® = SAH? (products) — AH (reactants) 
= AHF [for CO(g)] — AH? [for CH4(g)] — AHF [for H2O0(g)] 
== 11 dk a= 75 ky) (—242 kJ) = 206 kj 


Note that this reaction is highly endothermic; treating methane with steam is 
not an efficient way to obtain hydrogen for fuel. It would be much more eco- 
nomical to burn the methane directly. 

A virtually inexhaustible supply of hydrogen exists in the waters of the 
world’s oceans. However, the reaction 


H,O(/) —> H,(g) + 5Or(g) 


requires 286 kJ of energy per mole of liquid water, and under current circum- 
stances large-scale production of hydrogen from water is not economically 
feasible. However, several methods for such production are currently being 
studied: electrolysis of water, thermal decomposition of water, and biological 
decomposition of water. 

Electrolysis of water involves passing an electric current through it. The 
present cost of electricity makes the hydrogen produced by electrolysis too 
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expensive to be competitive as a fuel. However, if in the future we develop 
more efficient sources of electricity, this situation could change. 

Thermal decomposition is another method for producing hydrogen from 
water. This method involves heating the water to several thousand degrees, 
where it spontaneously decomposes into hydrogen and oxygen. However, at- 
taining temperatures in this range would be very expensive even if a practical 
heat source and a suitable reaction container were available. 

In the thermochemical decomposition of water, chemical reactions, as well 
as heat, are used to “split” water into its components. One such system in- 
volves the following reactions (the temperature required for each is given in 
parentheses): 





2HI —> I, + H; (425°C) 
2H,O + SO, + L —> H,SO, + 2HI (90°C) 
H,SO, ——> SO, +H,O +40, (825°C) 
Net reaction: Hi@2> si +O, 


Note that the HI is not consumed in this reaction. Note also that the maximum 
temperature required is 825°C, a temperature that is feasible if a nuclear reac- 
tor is used as a heat source. A current research goal is to find a system for 
which the required temperatures are low enough that sunlight can be used as 
the energy source. 

But what about the systems on earth that biologically decompose water 
without the aid of electricity or high temperatures? In the process of photosyn- 
thesis, green plants absorb carbon dioxide and water and use them along with 
energy from the sun to produce the substances needed for growth. Scientists 
have studied photosynthesis for years, hoping to get answers to humanity’s 
food and energy shortages. At present much of this research involves attempts 
to modify the photosynthetic process so that plants will release hydrogen gas 
from water instead of using the hydrogen to produce complex compounds. 
Small-scale experiments have shown that under certain conditions plants do 
produce hydrogen gas, but the yields are far from being commercially useful. 
Thus the economical production of hydrogen gas remains unrealized. 

The storage and transportation of hydrogen present two problems. First, 
on metal surfaces the H, molecule decomposes to atoms. Since the atoms are 
so small, they can migrate into the metal, causing structural changes that make 
it brittle. This might lead to a pipeline failure if hydrogen were pumped under 
high pressure. 

A second problem is the relatively small amount of energy that is available 
per unit volume of hydrogen. Although the energy available per gram of hy- 
drogen is significantly greater than that per gram of methane, the energy avail- 
able per given volume of hydrogen is about one-third that available from the 
same volume of methane. Could hydrogen be considered as a potential fuel for 
automobiles? This is an intriguing question. The internal combustion engines 
in automobiles can be easily adapted to burn hydrogen. However, the primary 
difficulty is the storage of enough hydrogen to give an automobile a reasonable 
range. This is illustrated in Example 9.9. 


Assuming that the combustion of hydrogen gas provides three times as much 
energy per gram as gasoline, calculate the volume of liquid H, (density = 
0.0710 g/mL) required to furnish the energy contained in 80.0 L (about 20 gal) 
of gasoline (density = 0.740 g/mL). Calculate also the volume that this hydro- 
gen would occupy as a gas at 1.00 atm and 25°C. 


Metal hydrides are discussed in 
Chapter 18. 
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Solution 


= What are we trying to solve? 
We are asked to solve for the volume of liquid H) required to release the same 
amount of energy as about 20 gal of gasoline. 

We are told to assume the combustion of hydrogen gas provides three 
times as much energy per gram as gasoline, but we are working with volumes. 
Thus, we will have to convert volume of gasoline to mass of gasoline. 


The mass of 80.0 L of gasoline is 


1000 mL y 0.740 g 


: x 
se ib mL 





= 59,200 g 


Since H, furnishes three times as much energy per gram as gasoline, only 
one-third as much liquid hydrogen is needed to furnish the same energy: 


272008 = 19.700 ¢ 


Mass of H,(/) needed = 

Since density = mass/volume, volume = mass/density, and the volume of H)(/) 
needed is 

19,700 g 


= 2 8 29.977 x 105 mL = 277 LL 
0.0710 g/mL Yate eke 


Thus 277 L of liquid H; is needed to furnish the same energy of combustion as 
80.0 L of gasoline. 

To calculate the volume that this hydrogen would occupy as a gas at 
1.00 atm and 25°C, we use the ideal gas law: 


IP\WY = ale Ir 


In this. case P = 1.00 atm, T = 273 + 25°C = 298 K, and R:=,0,08206 arm 
K~! mol7!. Also, 





1 mol H, 
= x ———— = 9.75 x 103 mol H 
n = 19,700 g H, 2.02 6H, DTS 0° mol H, 
nRT (9.75 X 10° mol)(0.08206 L atm K~! mol7!)(298 kK) 
Thus V= = 
le 1.00 atm 


2.38 X 10° L = 238,000 L 


At 1 atm and 25°C, the hydrogen gas needed to replace 20 gal of gasoline oc- 
cupies a volume of 238,000 L. 


You can see from Example 9.9 that an automobile would need a huge tank 
to hold enough hydrogen gas to have a typical mileage range. Clearly, hydro- 
gen must be stored in some other way, possibly as a liquid. Is this feasible? 
Because of hydrogen’s very low boiling point (20 K), storage of liquid hydro- 
gen requires a superinsulated container that can withstand high pressures. 
Storage in this manner would be both expensive and hazardous because of the 
potential for explosion. Thus storage of hydrogen in the individual automobile 
as a liquid does not seem practical. 

A much better alternative seems to be the use of metals that absorb hydro- 
gen to form solid metal hydrides: 


H>(g) + M(s) ——> MH)/(s) 


In this method of storage, hydrogen gas would be pumped into a tank contain- 
ing the solid metal, where it would be absorbed to form a hydride, whose 
volume would be little more than that of the metal. This hydrogen would then 
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Oitssesbcovweecyeaemme Heat Packs 








A skier is trapped by a sudden snowstorm. After 
building a snow cave for protection, she realizes 
her hands and feet are freezing; she is in danger of 
frostbite. Then she remembers the four small packs 
in her pocket. She removes the plastic cover from 
each one to reveal a small paper packet. She places 
one packet in each boot and one in each mitten. 
Soon her hands and feet are toasty warm. 

These “magic” packets of energy contain a 
mixture of powdered iron, activated carbon, 
sodium chloride, cellulose (sawdust), and zeolite, 
all moistened by a little water. The paper cover is 
permeable to air. 

The exothermic reaction that produces the heat 
is a very common one—the rusting of iron. The 
overall reaction can be represented as 


4Fe(s) + 302(g) a 2Fe,O3(s) 
AH® = —1652 kJ 


ate 


GRABBER: 


gout T L/7 


<7) S 
2 acre 
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Courtesy, Grabber Inc. 





although in reality it is somewhat more compli- 
cated. When the plastic envelope is removed, 
O, molecules penetrate the paper, causing the reac- 


tion to begin. 

The oxidation of iron by oxygen occurs natu- 
rally. Any steel surface exposed to the atmosphere 
inevitably rusts. But this oxidation process is quite 
slow—much too slow to be useful in hot packs. 


However, if the iron is ground into a fine powder, 
the resulting increase in surface area causes the 
reaction with oxygen to be fast enough to warm 
hands and feet. The packet can produce heat for 
up to six hours. 











be available for combustion in the engine by release of H(g) from the hydride 
as needed: 


MET; (s))— > ¢Mis) + Eialg) 


Several types of solids that absorb hydrogen to form hydrides are being studied 
for use in hydrogen-powered vehicles. 


Other Energy Alternatives 


Many other energy sources are being considered for future use. The western 
states, especially Colorado, contain huge deposits of oil shale, which consists 
of a complex carbon-based material called kerogen contained in porous rock 
formations. These deposits have the potential of being a larger energy source 
than the vast petroleum deposits of the Middle East. However, the main prob- 
lem with oil shale is that the trapped fuel is not fluid and cannot be pumped. 
For recovery of the fuel, the rock must be heated to a temperature of 250°C or 
higher to decompose the kerogen to smaller molecules that produce gaseous 
and liquid products. This process is expensive and yields large quantities of 
waste rock, which have a negative environmental impact. 


Lukiyanova Natalia/frenta/Shutterstock.com #55581340 





Sunflower oil can be used as motor fuel. 
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Ethanol (C)HsOH) is another fuel with the potential to supplement, if not 
replace, gasoline. The most common method of producing ethanol is fermenta- 
tion, a process in which sugar is changed to alcohol by the action of yeast. The 
sugar can come from virtually any source, including fruits and grains, although 
fuel-grade ethanol would probably come mostly from corn. Car engines can 
burn pure alcohol or gasohol, an alcohol-gasoline mixture (10% ethanol in 
gasoline), with little modification. Gasohol is now widely available in the 
United States. The use of pure alcohol as a motor fuel is not feasible in most of 
the United States because it does not vaporize easily when temperatures are 
low. As a result, a fuel called E85, which is 85% ethanol and 15% gasoline, is 
now being used in so-called flex-fuel cars, which can run on either E85 or gaso- 
line. Pure ethanol could be a very practical fuel in warm climates. For example, 
in Brazil large quantities of ethanol fuel are produced for cars. 

Another potential source of liquid fuel is oil squeezed from seeds (seed oil). 
For example, some farmers in North Dakota, South Africa, and Australia are 
now using sunflower oil to replace diesel fuel. Oil seeds, found in a wide vari- 
ety of plants, can be processed to produce a “biodiesel” oil composed mainly 
of carbon and hydrogen, which of course reacts with oxygen to produce car- 
bon dioxide, water, and heat. The main advantage of seed oil as a fuel is that 
it is renewable. It is hoped that oil seed plants can be developed that will thrive 
under soil and climatic conditions unsuitable for corn and wheat. Ideally, fuel 
would be grown just like food crops. One major advantage of biodiesel is that 
its production is quite energy-efficient. When the energy required to produce 
biodiesel is compared to the energy gained from its use as a fuel, there is a 93% 
net energy gain. The net energy gain for ethanol is only about 25% because its 
production, which includes distillation, is relatively energy-intensive. 





Key Terms For Review 
Section 9.1 OWL ana (SO WELT 
energy Sign in at www.cengage.com/owl to: 


law of conservation of energy 
potential energy 

kinetic energy 

heat 

work 

pathway 

state function 

system 

surroundings 

exothermic 

endothermic 
thermodynamics 

first law of thermodynamics 
internal energy 


Section 9.2 
enthalpy 


Section 9.3 
molar heat capacity 


Section 9.4 
calorimeter 
calorimetry 
specific heat capacity 





e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 


Energy 

a The capacity to do work or produce heat 

= Is conserved (first law of thermodynamics) 

Can be converted from one form to another 

Is a state function 

Potential energy: stored energy 

Kinetic energy: energy due to motion 

The internal energy for a system is the sum of its potential and kinetic 
energies 

a The internal energy of a system can be changed by work and heat: 


AE=qt+w 


Work 

w Force applied over a distance 

a For an expanding/contracting gas 
a Not a state function 


w= —PAV 
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constant-pressure calorimetry Heat 
constant-volume calorimetry a Energy flow due to a temperature difference 
bomb calorimeter a Exothermic: energy as heat flows out of a system 
Section 9.5 ws Endothermic: energy as heat flows into a system 
Hess’s law = Nota state function 

i a Measured for chemical reactions by calorimetry 
Section 9.6 
standard enthalpy of formation Enthalpy 
standard state Ba Seay 
Section 9.7 a Is a state function 
fossil fuels = Hess’s law: the change in enthalpy in going from a given set of reac- 
ees tants to a given set of products is the same whether the process takes 
natural gas : ; 
a place in one step or a series of steps 

= Standard enthalpies of formation (AH?) can be used to calculate AH 

greenhouse effect : : 

: for a chemical reaction 
Section 9.8 
syngas AH eaction = & MpAH#(products) — } m,4H*(reactants) 


3 
= iely 
eG, 5 


eG, = Ge R 
a AH = 2C,AT 


Energy use 


warming the earth 


a Hydrogen 
a Syngas from coal 





Discussion Questions 


Thermodynamics of ideal gases 
a Heating an ideal gas at constant volume 
= No PV work is done; all energy is used to increase the translational 
energies of the gas molecules. 


a Heating an ideal gas at constant pressure 
s PV work is done; energy is used to increase the translational energies 
of the gas molecules and do work. 


a Energy sources from fossil fuels are associated with difficult supply and 
environmental impact issues 

w The greenhouse effect results from release into the atmosphere of gases, 
including carbon dioxide, that strongly absorb infrared radiation, thus 


a Alternative fuels are being sought to replace fossil fuels: 


= Biofuels from plants such as corn and certain seed-producing plants 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


1. Objects placed together eventually reach the same tem- 
perature. When you go into a room and touch a piece of 
metal in that room, it feels colder than a piece of plastic. 
Explain. 

2. What is meant by the term lower in energy? Which is 
lower in energy, a mixture of hydrogen and oxygen gases 


or liquid water? How do you know? Which of the two is 
more stable? How do you know? 


. A fire is started in a fireplace by striking a match and 


lighting crumpled paper under some logs. Explain the 
energy transfers in this scenario using the terms exother- 
mic, endothermic, system, surroundings, potential en- 
ergy, and kinetic energy. 


. Liquid water turns to ice. Is this process endothermic or 


exothermic? Explain what is occurring using the terms 
system, surroundings, heat, potential energy, and kinetic 
energy. 


. Consider the following statements: “Heat is a form of 


energy, and energy is conserved. The heat lost by the 


10. 
dite 


system must be equal to the amount of heat gained by 
the surroundings. Therefore, heat is conserved.” Indicate 
everything you think is correct in these statements and 
everything you think is incorrect in these statements. 
Correct the incorrect statements and explain. 


. Photosynthetic plants use the following reaction to pro- 


duce glucose, cellulose, and more: 
6CO2(g) + 6H2O(!) —> CH 120¢(s) + 602(g) 


How might extensive destruction of forests exacerbate 
the greenhouse effect? 


. Explain why oceanfront areas generally have smaller 


temperature fluctuations than inland areas. 


. Predict the signs of q and w for the process of boiling 


water. 


. Hess’s law is really just another statement of the first law 


of thermodynamics. Explain. 
In the equation w = —PAV, why is there a negative sign? 


Why is C, larger than C,? Provide a conceptual rationale. 


Exercises 


12. 


Ge), 


14. 
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You have an ideal gas with an initial volume of 1.0 L and 
initial pressure of 1.0 atm. You decide to change the con- 
ditions such that Ps,.1 = 2.0 atm and V¢,. = 2.0 L. To 
make things more interesting, you and a friend each carry 
out this change in two steps. You first change the volume 
so that at one point P = 1.0 atm and V = 2.0 atm. Your 
friend first changes the pressure so that at one point P = 
2.0 atm and V = 1.0 atm. Both of you, of course, end up 
with the same final conditions after the second step. 
a. How should your AE’s, AH’s, q’s, and w’s compare 
with those of your friend? Why? 
b. Calculate AE, AH, g, and w for each case. Do they 
make sense? Explain. 


When is AH = 3RT? When is AE = }RT? When is AH = 
3RT? When is AE = RT? When is AH = AE? What does 
this say, if anything, about AE and AH as state functions? 


For a liquid, which would you expect to be larger: 
AT eapoeaaion or iN Fore, Explain. 





BOWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


The Nature of Energy 


ee. 


Consider the accompanying diagram. Ball A is allowed 
to fall and strike ball B. Assume that all of ball A’s en- 
ergy is transferred to ball B at point I and that there is no 
loss of energy to other sources. Calculate the kinetic en- 
ergy and the potential energy of ball B at point II. For a 
falling object, the potential energy is given by PE = mgz, 
where m is the mass in kilograms, g is the gravitational 
constant (9.81 m/s’), and z is the distance in meters. 


2.00 kg 


10.0 m 





16. 


18. 


Consider the following potential energy diagrams for 
two different reactions. 





Which plot represents an exothermic reaction? In plot a, 
do the reactants on average have stronger or weaker 
bonds than the products? In plot b, reactants must gain 
potential energy to convert to products. How does this 
occur? 


. Consider an airplane trip from Chicago, Illinois, to Den- 


ver, Colorado. List some path-dependent functions and 
some state functions for the plane trip. 


Consider 2.00 moles of an ideal gas that is taken from 
state A (P, = 2.00 atm, Va = 10.0 L) to state B (Pg = 
1.00 atm, Vz = 30.0 L) by two different pathways. 


Ve = 30.0 L 
Po = 2.00 atm 


State A OE Se State B 
Va = 10.0 L Vz = 30.0 L 
Pa =2,00atm/ , 4 \Pp = 1.00 atm 
xs 


Vp = 10.0 L 
Pp = 1.00 atm 
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These pathways are summarized in the following graph 
of P versus V: 


P (atm) 





V(L) 


Calculate the work (in units of J) associated with the two 
pathways. Is work a state function? Explain. 


. Asystem undergoes a process consisting of the following 


two steps: 


Step 1: The system absorbs 72 J of heat while 35 J of 
work is done on it. 


Step 2: The system absorbs 35 J of heat while perform- 
ing 72 J of work. 


Calculate AE for the overall process. 


Calculate the internal energy change for each of the 

following. 

a. One hundred (100.) joules of work are required to 
compress a gas. At the same time, the gas releases 
23) of heat. 

b. A piston is compressed from a volume of 8.30 L to 
2.80 L against a constant pressure of 1.90 atm. In 
the process, there is a heat gain by the system of 
3505]. 

c. A piston expands against 1.00 atm of pressure from 
112 Ute 29. 10L. In the process, 1037 J of heats 
absorbed. 


. A balloon filled with 39.1 moles of helium has a volume 


of 876 L at 0.0°C and 1.00 atm pressure. At constant 
pressure, the temperature of the balloon is increased to 
38.0°C, causing the balloon to expand to a volume of 
998 L. Calculate g, w, and AE for the helium in the bal- 
loon. (The molar heat capacity for helium gas is 20.8 J 
Omni © lime) 

Consider a mixture of air and gasoline vapor in a cylin- 
der with a piston. The original volume is 40. cm’. If the 
combustion of this mixture releases 950. J of energy, to 
what volume will the gases expand against a constant 
pressure of 650. torr if all the energy of combustion is 
converted into work to push back the piston? 


. One mole of H,O(g) at 1.00 atm and 100.°C occupies a 


volume of 30.6 L. When 1 mole of H)O(g) is condensed 
to 1 mole of H,O(/) at 1.00 atm and 100.°C, 40.66 kJ of 
heat is released. If the density of H,O(/) at this tempera- 
ture and pressure is 0.996 g/cm’, calculate AE for the 
condensation of 1 mole of water at 1.00 atm and 100.°C. 


24. Asa system increases in volume, it absorbs 52.5 J of en- 


ergy in the form of heat from the surroundings. The pis- 
ton is working against a pressure of 0.500 atm. The final 
volume of the system is 58.0 L. What was the initial vol- 
ume of the system if the internal energy of the system 
decreased by 102.5 J? 


Properties of Enthalpy 


25. What is the difference between AH and AE at constant P? 


26. Are the following processes exothermic or endothermic? 


a. the combustion of gasoline in a car engine 
b. water condensing on a cold pipe 

c. CO,(s) — > CO (g) 

d. F:(g) —> 2F(g) 


27. The reaction 


SO3(g) + H,O(/) —> H)SO,(aq) 


is the last step in the commercial production of sulfuric 
acid. The enthalpy change for this reaction is —227 kJ. 
In the design of a sulfuric acid plant, is it necessary to 
provide for heating or cooling of the reaction mixture? 
Explain your answer. 


28. Consider the following reaction: 


2H,(g) + Ox(g) —> 2H,O()) AH = —5S72 kJ 


a. How much heat is evolved for the production of 
1.00 mole H,O(/)? 

b. How much heat is evolved when 4.03 g hydrogen is 
reacted with excess oxygen? 

c. How much heat is evolved when 186 g oxygen is 
reacted with excess hydrogen? 

d. The total volume of hydrogen gas needed to fill the 
Hindenburg was 2.0 X 108 L at 1.0 atm and 25°C. 
How much heat was evolved when the Hindenburg 
exploded, assuming all of the hydrogen reacted? 


29. The overall reaction in a commercial heat pack can be 


represented as 


4Fe(s) + 302(g) ——> 2Fe203(s) AH = —1652 kJ 


a. How much heat is released when 4.00 moles of iron 
is reacted with excess O>? 

b. How much heat is released when 1.00 mole of Fe,O; 
is produced? 

c. How much heat is released when 1.00 g iron is 
reacted with excess O,? 

d. How much heat is released when 10.0 g Fe and 
2.00 g Oy are reacted? 


30. Consider the combustion of propane: 


CsHg(g) + 502(g) —> 3COx(g) + 4H,O()) AH = -2221 kj 


Assume that all the heat in Example 9.1 comes from the 
combustion of propane. What mass of propane must be 
burned to furnish this amount of energy, assuming the 
heat transfer process is 60.% efficient? 


31. For the process H,O(/) —~> H,O(g) at 298 K and 


1.0 atm, AH is more positive than AE by 2.5 kJ/mol. 
What does the 2.5 kJ/mol quantity represent? 


32. For the following reactions at constant pressure, predict 


if AH > AE, AH < AE, or AH = AE. 

a. 2ZHF(g) —> H),(g) + Fi(g) 

b. No(g) + 3H2(g) —> 2NH3(g) 

c. 4NH3(g) + 5O2(g) —> 4NO(g) + 6H2O(g) 


The Thermodynamics of Ideal Gases 


33. 


34. 


36. 


Calculate the energy required to heat 1.00 kg of ethane 
gas (C,H.) from 25.0°C to 75.0°C first under conditions 
of constant volume and then at a constant pressure of 
2.00 atm. Calculate AE, AH, and w for these processes 
also. (See Table 9.1 for relevant data.) 


Calculate g, w, AE, and AH for the process in which 
88.0 g of nitrous oxide gas (N)O) is cooled from 165°C to 
55°C at a constant pressure of 5.00 atm. (See Table 9.1.) 


. Consider a sample containing 5.00 moles of a mona- 


tomic ideal gas that is taken from state A to state B by 
the following two pathways: 


Pathway one: Px=3.00 atm | Pe =3.00 atm 
— 
Va = 15.0 L Vo = 55.0 L 
2 Pz = 6.00 atm 
—> 
Vz = 20.0 L 
Pathway two: Px,=3.00 atm 3 Pp=6.00 atm 
a 
Va = 15.0 L Vp = 15.0 L 


4 P, = 6.00 atm 
a 
Vz = 20.0 L 


For each step, assume that the external pressure is con- 
stant and equals the final pressure of the gas for that 
step. Calculate q, w, AE, and AH for each step, and cal- 
culate overall values for each pathway. Explain how the 
overall values for the two pathways illustrate that AE 
and AH are state functions, whereas q and w are path 
functions. 


Consider a sample containing 2.00 moles of a mona- 
tomic ideal gas that undergoes the following changes: 
Pg=10.0 atm 2 Pc=20.0 atm 
os 

Ve = 5.0L 

3 Pp = 20.0 atm 

os 

Vp = 25.0 L 


Pxy=10.0atm 1 
a 
Va= 10.0 L Vz = 5.0 L 


For each step, assume that the external pressure is con- 
stant and equals the final pressure of the gas for that 
step. Calculate q, w, AE, and AH for each step and for 
the overall change from state A to state D. 


Calorimetry and Heat Capacity 


37. Explain how calorimetry works to calculate AH or AE 


for a reaction. Does the temperature of the calorimeter 
increase or decrease for an endothermic reaction? How 
about for an exothermic reaction? Explain why AH is 
obtained directly from a coffee cup calorimeter, whereas 
AE is obtained directly from a bomb calorimeter. 
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38. The specific heat capacity of silver is 0.24 J°C-! g"!. 


39, 


40. 


41. 


42. 


43. 


44, 


a. Calculate the energy required to raise the tempera- 
ture of 150.0 g Ag from 273 K to 298 K. 

b. Calculate the energy required to raise the tempera- 
ture of 1.0 mole of Ag by 1.0°C (called the molar 
heat capacity of silver). 

c. It takes 1.25 kJ of energy to heat a sample of pure 
silver from 12.0°C to 15.2°C. Calculate the mass of 
the sample of silver. 


Consider the substances in Table 9.3. Which substance 
requires the largest amount of energy to raise the tem- 
perature of 25.0 g of the substance from 15.0°C to 
37.0°C? Calculate the energy. Which substance in Table 
9.3 has the largest temperature change when 550. g of 
the substance absorbs 10.7 kJ of energy? Calculate the 
temperature change. 


A 150.0-g sample of a metal at 75.0°C is added to 
150.0 g of H,O at 15.0°C. The temperature of the water 
rises to 18.3°C. Calculate the specific heat capacity of 
the metal, assuming that all the heat lost by the metal is 
gained by the water. 


A biology experiment requires the preparation of a water 
bath at 37.0°C (body temperature). The temperature of 
the cold tap water is 22.0°C, and the temperature of the 
hot tap water is 55.0°C. If a student starts with 90.0 g of 
cold water, what mass of hot water must be added to 
reach 37.0°@7 


A 5.00-g sample of aluminum pellets (specific heat ca- 
pacity = 0.89 J °C"! g"!) and a 10.00-g sample of iron 
pellets (specific heat capacity = 0.45 J °C7! g*) are 
heated to 100.0°C. The mixture of hot iron and alumi- 
num is then dropped into 97.3 g of water at 22.0°C. Cal- 
culate the final temperature of the metal and water mix- 
ture, assuming no heat loss to the surroundings. 


A sample of nickel is heated to 99.8°C and placed in a 
coffee cup calorimeter containing 150.0 g water at 
23.5°C. After the metal cools, the final temperature of 
metal and water mixture is 25.0°C. If the specific heat 
capacity of nickel is 0.444 J/°C - g, what mass of nickel 
was originally heated? Assume no heat loss to the 
surroundings. 


Hydrogen gives off 120. J/g of energy when burned in 
oxygen, and methane gives off 50. J/g under the same 
circumstances. If a mixture of 5.0 g hydrogen and 10. g 
methane 1s burned, and the heat released is transferred to 
50.0 g water at 25.0°C, what final temperature will be 
reached by the water? 


. Ina coffee cup calorimeter, 50.0 mL of 0.100 M AgNO; 


and 50.0 mL of 0.100 M HCl are mixed. The following 
reaction occurs: 


Ag*(aq) + Cl-(aq) —> AgCl(s) 


If the two solutions are initially at 22.60°C, and if the 
final temperature is 23.40°C, calculate AH for the reac- 
tion in kJ/mol of AgCl formed. Assume a mass of 100.0 g 
for the combined solution and a specific heat capacity of 
AS Getteee: 
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In a coffee cup calorimeter, 100.0 mL of 1.0 M NaOH 
and 100.0 mL of 1.0 M HCl are mixed. Both solutions 
were orignially at 24.6°C. After the reaction, the final 
temperature is 31.3°C. Assuming that all the solutions 
have a density of 1.0 g/cm? and a specific heat capacity 
of 4.18 J °C~! g1, calculate the enthalpy change for the 
neutralization of HCl by NaOH. Assume that no heat is 
lost to the surroundings or to the calorimeter. 


A coffee cup calorimeter initially contains 125 g water at 
24.2°C. Potassium bromide (10.5 g), also at 24.2°C, is 
added to the water, and after the KBr dissolves, the final 
temperature is 21.1°C. Calculate the enthalpy change for 
dissolving the salt in J/g and kJ/mol. Assume that the 
specific heat capacity of the solution is 4.18 J °C7! g~ 
and that no heat is transferred to the surroundings or to 
the calorimeter. 


In a coffee cup calorimeter, 1.60 g of NH4NO; is mixed 
with 75.0 g of water at an initial temperature of 25.00°C. 
After dissolution of the salt, the final temperature of the 
calorimeter contents is 23.34°C. Assuming the solution 
has a heat capacity of 4.18 J °C~! g“! and assuming no 
heat loss to the calorimeter, calculate the enthalpy change 
for the dissolution of NH4NO; in units of kJ/mol. 


Consider the dissolution of CaCl: 


CaChis)(—— Ca" (agi 2 Glad) AH = —81.5 kJ 


An 11.0-g sample of CaCl, is dissolved in 125 g of water, 
with both substances at 25.0°C. Calculate the final tem- 
perature of the solution assuming no heat loss to the sur- 
roundings and assuming the solution has a specific heat 
capacity of 4.18 J°C"!g"! 

Consider the reaction 


2HCl(aq) + Ba(OH)3(aq) —> BaCl,(aq) + 2H,O()) 
AH = -118 kJ 


Calculate the heat when 100.0 mL of 0.500 M HCI is 
mixed with 300.0 mL of 0.100 M Ba(OH),. Assuming 
that the temperature of both solutions was initially 
25.0°C and that the final mixture has a mass of 400.0 g 
and a specific heat capacity of 4.18 J °C~! g™!, calculate 
the final temperature of the mixture. 


The heat capacity of a bomb calorimeter was determined 
by burning 6.79 g of methane (energy of combustion = 
—802 kJ/mol CHy,) in the bomb. The temperature 
changed by 10.8°C. 

a. What is the heat capacity of the bomb? 

b. A 12.6-g sample of acetylene (C,H) produced a 
temperature increase of 16.9°C in the same calorime- 
ter. What is the energy of combustion of acetylene 
(in kJ/mol)? 

The combustion of 0.1584 g benzoic acid increases the 

temperature of a bomb calorimeter by 2.54°C. Calculate 

the heat capacity of this calorimeter. (The energy re- 

leased by combustion of benzoic acid is 26.42 kJ/g.) A 

0.2130-g sample of vanillin (CgHgQ3) is then burned in 

the same calorimeter, and the tempearture increases by 

3.25°C. What is the energy of combustion per gram of 
vanillin? Per mole of vanillin? 


53. Combustion of table sugar produces CO2(g) and H2O(/). 
When 1.46 g of table sugar is combusted in a constant- 
volume (bomb) calorimeter, 24.00 kJ of heat is liberated. 
a. Assuming that table sugar is pure sucrose 
[C12H2.01;(s)], write the balanced equation for the 
combustion reaction. 

b. Calculate AE in kJ/mol Cy2H7201; for the combus- 
tion reaction of sucrose. 

c. Calculate AH in kJ/mol C,.H.Oj; for the combus- 
tion reaction of sucrose at 25°C. 


54. Calculate w and AE when 1 mole of a liquid is vaporized 
at its boiling point (80.°C) and 1.00 atm pressure. AH, 


for the liquid is 30.7 kJ mol~! at 80.°C. 
Hess’s Law 
55. Given the following data: 
2” — Gu + 2 (2) AH=92K 
7) 


_ 
(2) + Ge) — (8) 
. m) 


@N eH @O 


calculate AH for the reaction 


ae ? v dd 
@°* DY, D9 © -~-@Q@e+ 
% 2% wd 


On the basis of enthalpy change, is this a useful reaction 
for the synthesis of ammonia? 


(g) 


ee 
ee 


56. Calculate AH for the reaction 
NoH,4(/) + O2(g) —> No(g) + 2H20(/) 


given the following data: 


2NH,(g) + Be. —> 4N,(g) + 3H,O(/) AH = —1010. kJ 
2NH3(g) + Oxle) ——> NDH,(/) + H,O(l) AH = -143 kJ 
H,(g) + 3O2(g) —> HO(I) AH = -286k] 
57. Given the following data: 
C)Hp(g) + 3O2(g) —> 2COx(g) + HO(l) AH = -1300. kJ 
C(s) + O3(g) —> COx(g) AH = -394kJ 
H,(g) + 0(¢) —> H)O(I) AH = —286 kJ 


calculate AH for the reaction 
2C(s) + Ha(g) —> C,H2(g) 
58. Given the following data: 
2CIF(g) + O2(g) —> ChLO(g) + F,O0(g) AH = 167.4 kJ 


2CIF3(g) + 202(g) —> Cl,O(g) + 3F,O(g) AH = 341.4kj 
2F,(g) + O2(g) —> 2F,0(g) AH = —43.4kJ 


calculate AH for the reaction 


CIF(g) + F)(g) —— CIF;(g) 


59. Given the following data: 


Ca(s) + 2C(graphite) ——> CaC,(s) AH = —62.8 kJ 
Ca(s) + 303(g) —> CaO(s) AH = —635.5 kJ 
CaO(s) + H,O(/) —> Ca(OH)3(aq) AH = —653.1 kJ 


C,H2(g) + 5Or(g ) ——> 2CO,(g) + H,O(/) AH = —1300. kJ 
C(graphite) + O2(g) —> CO (g) AH = —393.5 kJ 


calculate AH for the reaction 


CaC;(s) + 2H,O(/) ——> Ca(OH)2(aq) + CH2(g) 


60. Given the following data: 


Fe,O3(s) + 3CO(g) —> 2Fe(s) + 3CO2(g) AH = -23 kJ 
3Fe,O3(s) + CO(g) —> 2Fe3O,(s) + COx(g) AH = -39kJ 
Fe3O,q(s) + CO(g) —> 3FeO(s) + CO(g) AH = 18k] 


calculate AH for the reaction 


FeQ(s) + CO(g) ——> Fe(s) + CO2(g) 


61. Combustion reactions involve reacting a substance with 
oxygen. When compounds containing carbon and hy- 
drogen are combusted, carbon dioxide and water are 
the products. Using the enthalpies of combustion for 
C4H, (—2341 kJ/mol), CsHg (—2755 kJ/mol), and H, 
(—286 kJ/mol), calculate AH for the reaction 


C4Hg(g) + 2H2(g) —~> C4Hs(g) 


62. Given the following data: 


203(g) —> 302(g) AH = -427k] 
Ox(g¢) —> 20(g) AH = 495 kJ 
NO(g) + O3(g) —> NOz(g) + Oxlg) AH = -199 kJ 


calculate AH for the reaction 


NO(g) + O(g) —~ NOj(g) 


. The bombardier beetle uses an explosive discharge as a 
defensive measure. The chemical reaction involved is the 
oxidation of hydroquinone by hydrogen peroxide to 
produce quinone and water: 


om 
Us 


C¢H4(OH) (aq) + H202(aq) — Ce6H4O2(aq) + 2H20(/) 


Calculate AH for this reaction from the following data: 


CsH,(OH) (aq) —> C6HsO2(aq) + Hx(g) AH = 177.4 kJ 
H,(g) + O2(g) —> H202(aq) AH = -191.2 kJ 
H,(g) + yO2(g) —> H2O(g) AH = —241.8 kJ 
20(g) —> H,0(/) AH = —43.8 kJ 


64. Given the following data: 


P,(s) + 6Cl(g) —> 4PCl3(g) AH = -1225.6 kJ 


2( 
P4(s) + 5Oo(g) —> PaOrols) AH = —2967.3 kJ 
PCI (g i + Ch xg) —> PCls(g) AH = —84.2 kJ 
PCI;(g) + 402(g) —> Cl,PO(g) AH = —285.7 kJ 
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calculate AH for the reaction 


P4Oj0(s) + 6PCl;(g) as 10C1;PO(g) 


Standard Enthalpies of Formation 


65. Given the definition of the standard enthalpy of forma- 
tion for a substance, write separate reactions for the for- 
mation of NaCl, H,O, CgH12O.,, and PbSO, that have 
AH? values equal to AH? for each compound. 


66. The combustion of methane can be represented as 
follows: 


Reactants Elements Products 


q 


AH, = 75 kJ 





a. Use the information given above to determine the 
value of AH for the combustion of methane to form 
CO ,(g) and 2H,O(/). 

b. What is AH? for an element in its standard state? 
Why is this? Use the figure above to support your 
answer. 

c. How does AH for the reaction CO (g) + 2H,O(/) 
— CH,(g) + O2(g) compare to that of the com- 
bustion of methane? Why is this? 


67. Use the values of AH? in Appendix 4 to calculate AH® for 
a following reactions. 


@. +@o+ 


(g) + @ @ (g) 
» 





@N eH @O @c 
b. Ca3(PO4)>(s) ae 3H>SO,(/) ——, 
3CaSO,(s) Si 2H3PO,(/) 
NH3(g) + HCl(g) ——~ NH,Cl\(s) 


d. wed e 
P+ BW) — 
wed 


e. SiCl,(1) + 2H,O(/) ——> SiO2(s) + 4HCl(aq) 
f. MgO(s) + H,O(/) — > Mg(OH)p(s) 

68. The Ostwald process for the commercial production of 
nitric acid from ammonia and oxygen involves the fol- 
lowing steps: 

4NH3(g) + 5O2(g) —> 4NO(g) + 6H2O(g) 
2NO(g) + O2(g) —> 2NO3{g) 
3NO,(g) + H,O(/) —> 2HNO3(aq) + NO(g) 


© 


#. , Bo 
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a. Use the values of AH? in Appendix 4 to calculate the 75. Use the reaction 
value of AH? for each of the preceding reactions. 2CIF,(g) + 2NH3(g) N,(g) + 6HF(g) + Clg) 
b. Write the overall equation for the production of AH? = -1196 kJ 
nitric acid by the Ostwald process by combining the 
preceding equations. (Water is also a product.) Is the to calculate AH? for CIF3(g). 
overallitca chon, crothemie cs Casein aie 76. The standard enthalpy of combustion of ethene gas 
69. Calculate AH® for each of the following reactions using [(C)H,(g)] is 1411.1 kJ/mol at 298 K. Given the follow- 
the data in Appendix 4: ing enthalpies of formation, calculate AH? for C,H.(g). 
4Na(s) + O2(g) —> 2Na20(s) CO,(g) —393.5 kJ/mol 
2Na(s) + 2H,O(/) —> 2NaOH(aq) + Ha(g) H,0()) ~285.8 kJ/mol 
2Na(s) + CO2(g) —> Na,O(s) + CO(g) 
Explain why a water or carbon dioxide fire extinguisher Energy Consumption and Sources 
might not be effective in putting out a sodium fire. 7 THe conaplets coubnstionvol acevicne ba El ae 
70. The reusable booster rockets of the space shuttle use a duces 1300. kJ of energy per mole of acetylene con- 
mixture of aluminum and ammonium perchlorate as sumed. How many grams of acetylene must be burned to 
fuel. A possible reaction is produce enough heat to raise the temperature of 1.00 gal 
3Al(s) + 3NH,CIO,(s) of water by 10.0°C if the process is 2006 efficient? As- 
—> Al,0;(s) + AICL,(s) + 3NO(g) + 6H,O(g) sume the density of water is 1.00 g/cm’. 
78. Assume that 4.19 x 10° kJ of energy is needed to heat 
Calculate AH? for this reaction. ; 
a home. If this energy is derived from the combustion 
71. The space shuttle orbiter uses the oxidation of methyl of methane (CH,), what volume of methane, measured 
hydrazine by dinitrogentetroxide for propulsion. The at STP, must be burned? (AH? combustion for CH4 = 
balanced reaction is ~891 kJ/mol) 
5N,0,(/) + 4N,H3CH;(/) 79. Syngas can be burned directly or converted to methanol. 
—> 12H,O(g) + 9N2(g) + 4CO2(g) Calculate AH?® for the reaction 
Calculate AH® for this reaction. CO(g) + 2H2(g) ——~ CH;OH(I) 
12 eae han a Lo 80. Ethanol (C;H;OH) has been proposed as an alternative 
ecetse Ae | et ioe 8 fuel. Calculate the standard enthalpy of combustion per 
; gram of liquid ethanol. 
= 
Wes Bhat eas ries SES Saas am) 81. Methanol (CH3;OH) has also been proposed as an alter- 
ie oom sie ; ‘ native fuel. Calculate the standard enthalpy of combus- 
P Ten tion per gram of liquid methanol, and compare this an- 
a, -@alculate AH” for ; 
swer to that for ethanol in Exercise 80. 
CoHe(!) 3CoHy(g) 82. Some automobiles and buses have been equipped to 
b. Both acetylene (C)H») and benzene (C,H,) can be burn propane (C3Hsg) as a fuel. Compare the amount of 
used as fuels. Which compound would liberate more energy that can be obtained per gram of C3Hs(g) with 
energy per gram when combusted in air? that per ei of gasoline, assuming that gasoline is oc- 
74. Calculate AH® for each of the following reactions, which ccs erie (See Example 9.8.) Look up the physical 
acaiy inicherataios phere properties 0 Bare Gi anata are there to 
; using propane instead of gasoline as a fuel? 
a. C,Hy4(g) + O3(g) > CH3CHO(g) + O2(g) 
b. O3(g) + NO(g) > NOz(g) + O2(g) 
G SO3(g) cia H,O(/) — H,SO,(aq) 
d. 2NO(g) + Ox(g) — 2NO;,(g) 
Additional Exercises 
83. Consider the following cyclic process carried out in two 84. Determine AE for the process H,O(!) —~> H;O(g) at 
steps on a gas: 25 (and 1 Atm, 
Step 1: 45 J of heat is added to the gas, and 10. J of 85. The standard enthalpy of formation of HO(/) at 298 K 
expansion work is performed. is —285.8 kJ/mol. Calculate the change in internal en- 
Step 2: 60. J of heat is removed from the gas as the gas ergy for the following process at 298 K and 1 atm: 


is compressed back to the initial state. 


Calculate the work for the gas compression in step 2. 


H,O(!) —> Hy(g) + 3O.(g) AE? =? 


86. 


87. 


88. 


89. 


90. 


CMe 


a2: 


A piece of chocolate cake contains about 400 Calories. A 
nutritional Calorie is equal to 1000 calories (thermo- 
chemical calories). How many 8-in-high steps must a 
180-Ib man climb to expend the 400 Cal from the piece 
of cake? See Exercise 15 for the formula for potential 
energy. 


In a bomb calorimeter, the bomb is surrounded by water 
that must be added for each experiment. Since the 
amount of water is not constant from experiment to ex- 
periment, mass must be measured in each case. The heat 
capacity of the calorimeter is broken down into two 
parts: the water and the calorimeter components. If a 
calorimeter contains 1.00 kg of water and has a total 
heat capacity of 10.84 kJ/°C, what is the heat capacity of 
the calorimeter components? 


The bomb calorimeter in Exercise 87 is filled with 987 g 
of water. The initial temperature of the calorimeter 
contents is 23.32°C. A 1.056-g sample of benzoic acid 
(AE comb = —26.42 kJ/g) is combusted in the calorimeter. 
What is the final temperature of the calorimeter 
contents? 


When 1.00 L of 2.00 M NazSOx, solution at 30.0°C is 
added to 2.00 L of 0.750 M Ba(NO3), solution at 30.0°C 
in a calorimeter, a white solid (BaSO4) forms. The tem- 
perature of the mixture increases to 42.0°C. Assuming 
that the specific heat capacity of the solution is 6.37 J 
°C! g"! and that the density of the final solution is 
2.00 g/mL, calculate the enthalpy change per mole of 
BaSO, formed. 


If a student performs an endothermic reaction in a calo- 
rimeter, how does the calculated value of AH differ from 
the actual value if the heat exchanged with the calorim- 
eter is not taken into account? 


The enthalpy of neutralization for the reaction of a 
strong acid with a strong base is —56 kJ/mol of water 
produced. How much energy will be released when 
200.0 mL of 0.400 M HNO; is mixed with 150.0 mL of 
0.500 M KOH? 


Three gas-phase reactions were run in a constant-pressure 
piston apparatus as illustrated. For each reaction, give the 
balanced reaction and predict the sign of w (the work 
done) for the reaction. 


1 atm 
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Additional Exercises 





If just the balanced reactions were given, how could you 
predict the sign of w for a reaction? 


Consider the following changes: 

a. N2(g) > N2(/) 

b. CO(g) + H2O(g) > Hag) + COz(g) 

c. Ca3P2(s) + 6H,O(/) — 3Ca(OH)2(s) + 2PH3(g) 

d. 2CH;OH(/) + 302(g) > 2CO2(g) + 4H2O(/) 

e. I,(s) > h(g) 

At constant temperature and pressure, in which of these 
changes is work done by the system on the surround- 
ings? By the surroundings on the system? In which of 
them is no work done? 


Nitrogen gas dd reacts with hydrogen gas —) to form 
ammonia gas ‘9. Consider the reaction between nitro- 
gen and hydrogen as depicted below: 


| atm 





a. Draw what the container will look like after the 
reaction has gone to completion. Assume a constant 
pressure of 1 atm. 

b. Is the sign of work positive or negative, or is the 
value of work equal to zero for the reaction? Explain 
your answer. 


95. Using the following data, calculate the standard heat of 


formation of ICI(g) in kJ/mol: 


Cl,(g) —> 2Cl(g) AH? = 242.3 kj 
I,(g) —> 2I(g) AH? = 151.0 kJ 

1Cl(g) === Ile) Clg) AH = 2113 k] 
(3) > ig) AH? = 62.8 kJ 
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Chapter 9 Energy, Enthalpy, and Thermochemistry 


High-quality audio amplifiers generate large amounts 

of heat. To dissipate the heat and prevent damage to 

the electronic devices, manufacturers use heat-radiating 

metal fins. Would it be better to make these fins out of 

iron or aluminum? Why? (See Table 9.3 for specific heat 

capacities.) 

Write reactions that correspond to the following en- 

thalpy changes: 

a. AH? for solid aluminum oxide 

b. the standard enthalpy of combustion of liquid 
ethanol [C)H;OH(/)] 


Challenge Problems 


c. the standard enthalpy of neutralization of barium 
hydroxide solution by hydrochloric acid 

d. AH? for gaseous vinyl chloride [C)H3Cl(g)] 

e. the enthalpy of combustion of liquid benzene 
[CeHe(/)] 

f. the enthalpy of solution of solid ammonium bromide 
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The heat required to raise the temperature from 300.0 K 
to 400.0 K for 1 mole of a gas at constant volume is 
2079 J. The internal energy required to heat the same gas 
at constant pressure from 550.0 K to 600.0 K is 1305 J. 
The gas does 150. J of work during this expansion at 
constant pressure. Is this gas behaving ideally? Is the gas 
a monatomic gas? Explain. 


When water is supercooled, it freezes at a temperature be- 
low 0.0°C. If 10.9 kJ of heat is released when 2.00 moles 
of supercooled water at —15.0°C freezes, calculate the 
molar enthalpy of fusion for ice at 0.0°C and 1 atm. As- 
sume the molar heat capacities for H,O(s) and H,O(/) are 
37.5 JK~! mol“! and 75.3 J K~! mol“!, respectively, and 
are temperature independent. 


The sun supplies energy at a rate of about 1.0 kilowatt 


~ per square meter of surface area (1 watt = 1 J/s). The 
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plants in an agricultural field produce the equivalent of 
20. kg of sucrose (Cj2H220;,) per hour per hectare 
(1 ha = 10,000 m?). Assuming that sucrose is produced 
by the reaction 


12CO3(g) + 11H,O(/) 2. Cy2H 92044 (s) ae 1203(g) 
AH = 5640 kJ 


calculate the percentage of sunlight used to produce the 
sucrose—that is, determine the efficiency of photosyn- 
thesis. 


The heat of vaporization of water at the normal boiling 
point, 373.2 K, is 40.66 kJ/mol. The specific heat capac- 
ity of liquid water is 4.184 J K~! g"! and of gaseous 
water is 2.02 J K~' g"!. Assume that these values are in- 
dependent of temperature. What is the heat of vaporiza- 
tion of water at 298.2 K? Does this result agree with 
Appendix 4 data? 


Consider the following reaction at 248°C and 1.00 atm: 
CH3Cl(g) + Ha(g) —> CHa(g) + HCl(g) 


For this reaction, the enthalpy change at 248°C is —83.3 
kJ/mol. At constant pressure the molar heat capacities 
(C,) for the compounds are as follows: CH;3Cl (48.5 J 
Ko mola )-Ho, 28:90 K- molest) CH, (41.3°] k= 
mol™), and HCl (29.1 J K-* mol). 
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H,0(s) —> H,O(/) 
H,0(/) —> H,0(g) 


a. Assuming that the C, values are independent of tem- 
perature, calculate AH” for this reaction at 25°C. 

b. Calculate AH? for CH;3Cl using data from Appendix 
4 and the result from part a. 


The best solar panels currently available are about 15% 
efficient in converting sunlight to electricity. A typical 
home will use about 40. kWh of electricity per day 
(1 kWh = 1 kilowatt hour; 1 kW = 1000 J/s). Assuming 
8.0 hours of useful sunlight per day, calculate the mini- 
mum solar panel surface area necessary to provide all of 
a typical home’s electricity. (See Exercise 100 for the en- 
ergy rate supplied by the sun.) 


You have 2.4 moles of a gas contained in a 4.0-L bulb at 

a temperature of 32°C. This bulb is connected to a 

20.0-L sealed, initially evacuated bulb via a valve. As- 

sume the temperature remains constant. 

a. What should happen to the gas when you open the 
valve? Calculate any changes of conditions. 

b. Calculate AH, AE, g, and w for the process you 
described in part a. 

c. Given your answer to part b, what is the driving 
force for the process? 

An isothermal process is one in which the temperatures 

of the system and surroundings remain constant at all 

times. With this in mind, what is wrong with the follow- 

ing statement: “For an isothermal expansion of an ideal 

gas against a constant pressure, AT = 0, so g = 0”? 

What is g equal to in an isothermal expansion of an ideal 

gas against a constant external pressure? 

You have a 1.00-mole sample of water at —30.°C, and 

you heat it until you have gaseous water at 140.°C. Cal- 

culate q for the entire process. Use the following data: 


Specific heat capacity of ice = 2.03 J°C-! g"! 
Specific heat capacity of water = 4.18 J °C7! eae 
Specific heat capacity of steam = 2.02 J°C-! g"! 

AH fasion = 6.01 kJ/mol (at 0°C) 
AH vaporization = 40.7 kJ/mol (at 100.°C) 


Marathon Problems 


Marathon Problems 411 





107.* A sample consisting of 22.7 g of a nongaseous, unstable 


compound X is placed inside a metal cylinder with a ra- 
dius of 8.00 cm, and a piston is carefully placed on the 
surface of the compound so that, for all practical pur- 
poses, the distance between the bottom of the cylinder 
and the piston is zero. (A hole in the piston allows 
trapped air to escape as the piston is placed on the com- 
pound; then this hole is plugged so that nothing inside 
the cylinder can escape.) The piston-and-cylinder appa- 
ratus is carefully placed in 10.00 kg of water at 25.00°C. 
The barometric pressure is 778 torr. 

When the compound spontaneously decomposes, the 
piston moves up, the temperature of the water reaches a 
maximum of 29.52°C, and then it gradually decreases as 
the water loses heat to the surrounding air. The distance 
between the piston and the bottom of the cylinder, at the 
maximum temperature, is 59.8 cm. Chemical analysis 
shows that the cylinder contains 0.300 mole of carbon di- 
oxide, 0.250 mole of liquid water, 0.025 mole of oxygen 
gas, and an undetermined amount of a gaseous element A. 

It is known that the enthalpy change for the decom- 
position of X, according to the reaction described above, 
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is —1893 kJ/mol X. The heat capacity for water is 
4.184 J °C"! g"!. The conversion factor between L atm 
and J can be determined from the two values for the gas 
constant R—namely, 0.08206 L atm K~! mol7! and 
8.3145 J K"! mol7!. The vapor pressure of water at 
29.5°C is 31 torr. Assume that the heat capacity of the 
piston-and-cylinder apparatus is negligible and that the 
piston has negligible mass. 
Given the preceding information, determine 
a. the formula for X. 
b. the pressure-volume work (in kJ) for the decomposi- 
tion of the 22.7-g sample of X. 
c. the molar change in internal energy for the decom- 
position of X. 


A gaseous hydrocarbon reacts completely with oxygen 
gas to form carbon dioxide and water vapor. Given the 
following data, determine AH# for the hydrocarbon: 
AH xn = —2044.5 kJ/mol 

AH? (CO) = —393.5 kJ/mol 

AH? (H,O) = —242 kJ/mol 


Density of CO, and H,O mixture at 1 atm, 200.°C = 


*From James H. Burness, “The Use of “Marathon” Problems as Effective Ve- 
hicles for the Presentation of General Chemistry Lectures,” Journal of Chemical 
Education, 68(11). Copyright © 1991 American Chemical Society. Reprinted by 
permission. 


0.751 g/L 


The density of the hydrocarbon is less than the density of 
Kr at the same conditions. 
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Spontaneity, Entropy, 
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Methane burns spontaneously 


in air to release energy as 
- heat and light. 
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Spontaneous Processes 


The Isothermal Expansion and 
Compression of an Ideal Gas 


The Definition of Entropy 
Entropy and Physical Changes 


Entropy and the Second Law 
of Thermodynamics 


The Effect of Temperature on 
Spontaneity 


Free Energy 





10.8 


10.9 


10.10 


10.11 
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Entropy Changes in Chemical 
Reactions 


Free Energy and Chemical 
Reactions 


The Dependence of Free 
Energy on Pressure 


Free Energy and Equilibrium 
Free Energy and Work 


Reversible and Irreversible 
Processes: A Summary 


Adiabatic Processes 





OWL 


Sign in to OWL at www.cengage.com/owl 
to view tutorials and simulations, develop 
problem-solving skills, and complete online 
homework assigned by your professor. 


Fe) chemistry 


Download mini lecture videos for 
key concept review and exam prep 
from OWL or purchase them 

from www.cengagebrain.com. 


The first law of thermodynamics: The 
energy of the universe is constant. 
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he first law of thermodynamics is a statement of the law of conserva- 
tion of energy: Energy can be neither created nor destroyed. In other 
words, the energy of the universe is constant. Although the total en- 
ergy remains constant, the various forms of energy can be inter- 
changed through physical and chemical processes. For example, if you drop a 
book, some of the initial potential energy of the book is changed to kinetic 
energy, which is transferred to the atoms in the air and the floor as random 
motion. The net effect of this process is to change a given quantity of potential 
energy to exactly the same quantity of thermal energy. Energy has been con- 
verted from one form to another, but the same quantity of energy exists before 
and after the process. 
Now we will consider a chemical example. When methane is burned in 
excess oxygen, the major reaction is 


CHa(g) + 202(g) —~ COo(g) + 2H2,0(g) + energy 


This reaction produces a quantity of energy that is released as heat. This energy 
flow results from a lowering of the potential energy stored in the bonds of CHy 
and QO) as they react to form CO, and H,O (Fig. 10.1). Potential energy is 
converted to thermal energy, but the energy content of the universe remains 
constant. 

The first law of thermodynamics is used mainly for energy bookkeeping— 
that is, to answer questions such as the following: 


How much energy is involved in the change? 
Does energy flow into or out of the system? 


What form does the energy finally assume? 


Although the first law of thermodynamics provides the means to account for 
energy changes, it gives no hint as to why a particular process occurs in a given 
direction. What are the driving forces that cause a process to occur? This is the 
main question to be considered in this chapter. 

Also you might wonder why there is an energy supply crisis in the world 
given that the first law of thermodynamics states that the energy of the uni- 
verse is constant. It turns out that the problem is not the quantity of energy in 
the universe but the quality of that energy. The key question is, What happens 
to the usefulness of energy when we convert it from one form to another? We 
will see in this chapter that when we “use” energy, the amount of energy is 
unchanged but the new form of the energy is less useful than the original form. 





10.1 | 


Spontaneous does not mean fast. 


Figure 10.1 

When methane and oxygen react to 
form carbon dioxide and water, the 
products have lower potential energy 
than the reactants. This change in 
potential energy results in energy flow 
(heat) to the surroundings. 


Spontaneous Processes 


A process is said to be spontaneous if it occurs without outside intervention. 
Spontaneous processes may be fast or slow. As we will see in this chapter, 
thermodynamics can tell us the direction in which a process will occur but can 
say nothing about the speed (rate) of the process. As we will explore in detail 
in Chapter 15, the rate of a reaction depends on many factors, including tem- 
perature and concentration. In describing a chemical reaction, the discipline of 





- = === ------------------------- CO;, 2H,0 
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Figure 10.2 

The rate of a reaction depends on the 
pathway from reactants to products; 
this is the domain of kinetics. Thermo- 
dynamics tells us whether a reaction is 
spontaneous based only on the prop- 
erties of the reactants and products. 
The predictions of thermodynamics do 
not require knowledge of the pathway 
between reactants and products. 


Domain of 
thermodynamics 
(the initial and 
final states) 


Domain of kinetics 
(the reaction pathway) 


C—_——_——————— 
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chemical kinetics (the study of reaction rates) focuses on the pathway between 
reactants and products; in contrast, thermodynamics considers only the initial 
and final states and does not require knowledge of the pathway between the 
reactants and products (Fig. 10.2). 

In summary, thermodynamics lets us predict whether a process will occur 
but gives no information about the amount of time required. For example, ac- 
cording to the principles of thermodynamics, a diamond should change spon- 
taneously to graphite at 25°C and 1 atm pressure. The fact that we do not 
observe this process does not mean the prediction is wrong; it simply means the 
process is too slow to observe. Thus we need both thermodynamics and kinet- 
ics to describe reactions fully. 

To explore the idea of spontaneity, consider the following physical and 
chemical processes: 


A ball rolls down a hill but never spontaneously rolls back up the hill. 


If exposed to air and moisture, steel rusts spontaneously. However, the iron 
oxide in rust does not spontaneously change back to iron metal and oxy- 
gen gas. 


A gas fills its container uniformly. It never spontaneously collects at one end of 
the container. 


Heat flow always occurs from a hot object to a cooler one. The reverse process 
never Occurs spontaneously. 


Wood burns spontaneously in an exothermic reaction to form carbon dioxide 
and water, but wood is not formed when carbon dioxide and water are 
heated together. 


At temperatures below 0°C, water spontaneously freezes; and at temperatures 
above 0°C, ice spontaneously melts. 


What thermodynamic principle will provide an explanation for why, under a 
given set of conditions, each of these diverse processes occurs in one direction 
and never in the reverse? In searching for an answer, we could explain the be- 
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CuHaos, Keep Ir COMING! 


Can you imagine how life would be 
If there were no entropy? 

Or, making matters even worse, 
The laws of entropy were reversed? 


Books would get straighter on their shelves, 
And children’s rooms would clean themselves! 


And every rock or stick or tree 
Would form a crystal, perfectly. 
There’d be no anarchy or war 

For everyone would know the score. 
Every thing and every face 

Would have its certain time and place. 
Replacing every beach would pass 
An endless stretch of flawless glass. 
The sea would be the brightest blue, 
And every day the sky would too. 
How beautiful would be our world 
If order did command it. 

If all were straight and never curled: 
Perhaps we should demand it. 





Reprinted by permission of the author. 





You’d think a world sans entropy 
Would be a lovely place to be. 

I said this recently myself, 

As all my books fell off their shelf. 
Yet pondering this ordered bliss, 

I noticed things that I would miss, 
Like rolling waves upon the sea, 
Or sugar for my morning tea: 

The sugar won’t dissolve, it’s true, 
That anti-entropy holds like glue. 
And after that, I saw with grief, 
There’d be no fractaled maple leaf: 
No beauty in the summer wood, 
Should chaos disappear for good. 
What a bore, to know each day 
Would turn out in the same old way. 
If entropy would disappear 
There’d be no fortune, fate or luck 
And even after many years, 

Vegas wouldn’t make a buck. 


Heather Ryphemi Stregay 








havior of a ball on a hill in terms of gravity. But what does gravity have to do 
with the rusting of a nail or the freezing of water? Early developers of thermo- 
dynamics thought that exothermicity might be the key, that a process would be 
spontaneous if it were exothermic. Although this factor does appear to be im- 
portant, since many spontaneous processes are exothermic, it is not the only 
factor. For example, the melting of ice, which occurs spontaneously at tem- 
peratures greater than 0°C, is an endothermic process. 

What common characteristic causes the processes listed earlier to be spon- 
taneous in one direction only? After many years of observation, scientists have 
concluded that the characteristic common to all spontaneous processes is an 
increase in a property called entropy (S). The change in the entropy of the uni- 
verse for a given process is a measure of the driving force behind that process. 

What is entropy? Ultimately, entropy is about how energy is distributed 
among the energy levels in the “particles” that constitute a given system. How- 
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Figure 10.3 
The expansion of an ideal gas into an 
evacuated bulb. 


Ideal gas Vacuum 








ever, in beginning to understand how entropy operates, it is useful to think 
about how probability is a driving force in the macroscopic world around us. 
The macroscopic world illustrates that the natural progression of things is from 
order to disorder—that is, from lower probability to higher probability. You 
merely have to think about the condition of your room to be convinced of this. 
Your room naturally tends to get messy (disordered) because an ordered room 
requires everything to be in its place. There are simply many more ways for 
things to be out of place than to be in place, as the poem by Heather Ryphemi 
Stregay, written while she was a student in general chemistry, observes. * 

As another example, suppose you have a deck of playing cards ordered in 
some particular way. You throw these cards into the air and pick them all up 
at random. Looking at the new sequence of the cards, you would be very sur- 
prised to find that it matched the original order. Such an event would be pos- 
sible but very improbable. There are billions of ways for the deck to be disor- 
dered but only one way to be ordered according to your definition. Thus the 
chances of picking the cards up out of order are much greater than of picking 
them up in order. It is natural for disorder to increase. 

Entropy is closely associated with probability. The key concept is that the 
more ways a particular state can be achieved, the greater is the likelihood 
(probability) that that state will occur. In other words, nature spontaneously 
proceeds toward the states that have the highest probabilities of existing. This 
conclusion is not surprising at all. The difficulty comes in connecting this con- 
cept to real-life processes. For example, what does the spontaneous rusting of 
steel have to do with probability? 

Understanding the connection between entropy and spontaneity will allow 
us to answer such questions. We will begin to explore this connection by con- 
sidering a very simple process, the expansion of an ideal gas into a vacuum, as 
represented in Fig. 10.3. Why is this process spontaneous? What causes the gas 
to expand to a uniform state? The driving force can be explained in terms of 
simple probability. Because there are more ways of having the gas evenly 
spread throughout the container than there are ways for it to be in any other 
possible state, the gas spontaneously attains the uniform distribution. 

To understand this conclusion, we will greatly simplify the system and 
consider some of the possible arrangements of only four gas molecules in a 





“In her poem Ms. Stregay takes poetic license in her use of the term entropy. 
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Table 10.1. 


The Microstates That Give a Particular Arrangement (State) 





Arrangement Microstates 
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et 


Ul 





Arrangement III 





Figure 10.4 
Three possible arrangements (states) of 
four molecules in a two-bulbed flask. 





two-bulbed container* (Fig. 10.4). How many ways can each arrangement 
(state) be achieved? Arrangement I can be achieved in only one way—all the 
molecules must be in one end. Arrangement II can be achieved in four ways, as 
shown in Table 10.1. Each configuration that gives a particular arrangement is 
called a microstate. Arrangement I has one microstate, and arrangement II has 
four microstates. Arrangement III can be achieved in six ways (six microstates), 
as shown in Table 10.1. Which arrangement is most likely to occur? The one 
that can be achieved in the greatest number of ways is the most probable. Thus 
arrangement III is most probable, and the relative probabilities of arrange- 
ments III, II, and I are 6:4:1. We have discovered an important principle: The 
probability of occurrence of a particular arrangement (state) depends on the 
number of ways (microstates) in which that arrangement can be achieved. 

The consequences of this principle are dramatic for large numbers of mol- 
ecules. One gas molecule in the flask in Fig. 10.4 has one chance in two of 
being in the left bulb. We say that the probability of finding the molecule in the 
left bulb is +. For two molecules in the flask, there is one chance in two of find- 
ing each molecule in the left bulb, so there is one chance in four (5 X + = 4) that 
both molecules will be in the left bulb. As the number of molecules increases, 
the relative probability of finding all of them in the left bulb decreases, as 
shown in Table 10.2. For 1 mole of gas, the probability of finding all the mol- 
ecules in the left bulb is so small that this arrangement would “never” occur. 

Thus a gas placed in one end of a container will spontaneously expand to 
fill the entire vessel evenly because for a large number of gas molecules there is 
a huge number of microstates corresponding to equal numbers of molecules in 
both ends. On the other hand, the opposite process, 








*Note that this treatment is oversimplified. In reality, the molecules of an ideal gas are indistin- 
guishable—we can’t really label them as in this example. The general idea, however, is correct. 
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For two molecules in the flask, there 
are four possible microstates: 





Thus there is one chance in four of 
finding 
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Table 10.2 


Probability of Finding All the Molecules in the Left Bulb as a Function 
of the Total Number of Molecules 





Relative Probability of Finding All 














Number of Molecules Molecules in the Left Bulb 
1 
: 2 
2 i) 
2) a 
; er ac wel ol 
es 
5 1 . 1 S 1 s 1 Y 1 M 1! 1 
ae eee SUE SY 
ies 
a 210 ~ qo2a 
fae 
(3) 
iD as = —(2 x 1073) 
6 X 1073 (1 mole) (5) = 10 


with many more positions available to them. 


in detail in Chapter 17. 


OWL INTERACTIVE EXAMPLE 10.1 


tional probability (per mole) at a given temperature. 


a. solid CO, and gaseous CO) 
b. No gas at 1 atm and Nj gas at 1.0 x 10-2 atm 





although not impossible, is highly improbable since only one microstate leads 
to this arrangement. Therefore, this process does not occur spontaneously. 

The type of probability we have been considering in this example is called 
positional probability because it depends on the number of configurations in 
space (positional microstates) that yield a particular state. A gas expands into 
a vacuum to give a uniform distribution because the expanded state has the 
highest positional probability of the states available to the system. 

Positional probability is also illustrated by changes of state. In general, 
positional probability increases in going from solid to liquid to gas. A mole of 
a substance has a much smaller volume in the solid state than in the gaseous 
state. In the solid state the molecules are close together, with relatively few 
positions available to them; in the gaseous state the molecules are far apart, 


Positional probability can also be invoked to explain the formation of so- 
lutions. The change in positional probability associated with the mixing of two 
pure substances is expected to be positive. There are many more microstates 
for the mixed condition than for the separated condition because of the in- 
creased volume available to the particles of each component of the mixture. 
For example, when two liquids are mixed, the molecules of each liquid have 
more available space and thus more available positions. This will be discussed 


For each of the following pairs, choose the substance with the higher posi- 






Peter Arnold, Inc./Alamy #B621EX 


pS Alu. mae 


Solid iodine being heated slightly, 
causing it to sublime (turn to a vapor). 
The vapor recrystallizes on a cool 
evaporating dish. 
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Solution 


a. Since a mole of gaseous CO, has the greater volume, the molecules have 
many more available positions than in a mole of solid CO). Thus gaseous 
CO, has the higher positional probability. 


b. A mole of N> gas at 1 X 10-7 atm has a volume 100 times that (at a given 
temperature) of a mole of N> gas at 1 atm. Thus N> gas at 1 X 10-2 atm has 
the higher positional probability. 


WWL INTERACTIVE EXAMPLE 10.2 

Predict the sign of the change in positional probability for each of the follow- 
ing processes. 

a. Solid sugar is added to water to form a solution. 


b. lodine vapor condenses on a cold surface to form crystals. 


Solution 


a. The sugar molecules become randomly dispersed in the water when the 
solution forms. The sugar molecules have access to a larger volume and 
therefore have more positions available to them. Thus the positional disor- 
der increases. 


b. Gaseous iodine is forming a solid. This process involves a change from a 
relatively large volume to a much smaller volume, which results in lower 
positional probability. 





10.2 | The Isothermal Expansion and Compression 


of an Ideal Gas 


In this section we will lay the groundwork for several fundamental concepts of 
thermodynamics by considering the isothermal expansion and compression of 
an ideal gas. An isothermal process is one in which the temperatures of the 
system and the surroundings remain constant at all times. Recall that the en- 
ergy of an ideal gas can be changed only by changing its temperature. There- 
fore, for any isothermal process involving an ideal gas, 


AE=0 
and since 
AE=qtw=0 
then 
q=z-w 


To illustrate the work and heat effects that accompany the expansion or 
compression of an ideal gas, consider the apparatus shown in Fig. 10.5. As- 
sume that the pulley is frictionless and that the cable and pan have zero mass. 

Initially, assume that the gas occupies a volume Vj at pressure P;, where P; 
is just balanced by a mass M, on the pan. Thus 


force Mig 


area A 





1 


where A is the area of the piston and g is the gravitational constant. Thus state 
1 of the gas is defined by P;, Vi, x, and T, where 7 and T remain constant as 
the expansion occurs. 


420 Chapter 10 Spontaneity, Entropy, and Free Energy 


Figure 10.5 


A device for the isothermal expansion/ 


compression of an ideal gas. 


Poxternal (the pressure against which 
the gas expands) is zero in a free 
expansion. 


Heat reservoir 
(constant 7) 






Ideal gas Vacuum 


One-Step Expansion—No Work. If mass M, is removed from the pan, the 
gas will expand, moving the piston to the right end of the cylinder. After ex- 
pansion, the gas occupies a volume V> = 4V, and pressure P) = P,/4. 

When the process goes from state 1 (P;, V;) to state 2 (P,/4, 4V;) with no 
mass on the pan, no heat flows into or out of the gas because T is constant, and 
no work is done (no mass is lifted). Thus work = wo = 0. This is called a free 
expansion. 


One-Step Expansion. Now consider an experiment with the gas initially at 
state 1 where the mass M, is replaced by a mass M,/4. The gas will now expand 
against the pressure (Pexternal): 


P,,=2—+- = 
cS aah 4 


The mass is lifted and the gas expands until the pressure is P;/4. The new vol- 
ume is 4V;. In this case work is performed: 


hake (“ep 


where / is the change in height of the mass. 
This work can also be expressed in terms of the external pressure (P.,) on 
the gas as it expands and the change in volume (AV). Recall from Chapter 9 that 


w = —P..AV 


In this expansion the magnitude (absolute value) of the work is 


Je 1 
|| = Peres me ae V1) =— 


3 
2 4 (4V, as V,) = qv 


Since in this case work flows out of the system into the surroundings, the cor- 
rect sign is 


3 
Ww) = eR AV = gris 


Two-Step Expansion. Next, we will expand the gas in two steps by using 
two different weights on the pan. First, we put a weight with mass M,/2 on the 
pan. In this case 
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Figure 10.6 P 
The PV diagram for a two-step 
expansion. 
2 
Py 
a0) 
P 
re 
Volume 
and the gas expands until P; = P;/2 and V. = 2V;. The magnitude of the work is 
Py Py EAM 
Sh Vo eV) = Ve Ve 
|| ai 2 ) 54 1 ) 2 
Next, replace the mass M,/2 with a mass M,/4. The gas expands again until 
P; = P,/4 and V3; = 4V,. The quantity of work in this step is 
Ly PVs 
Che (AN a? Vl 
lw | 4 ( 1 ) 2 
The total quantity of work in this two-step expansion is 
PiVG bay. 
lw) = Sar as ae Pees 
With its correct sign w, = —P,V;. This process is diagramed in Fig. 10.6. 
Note that |w| > |w,| > |wol, even though in each case the gas is taken from 
state 1 (P;, V;) to state 2 (P,/4, 4V;). This result illustrates a property of work 
we have discussed before: Work is pathway-dependent—it is not a state 
function. 
Six-Step Expansion. Next, we will consider the expansion of the gas from 
state 1 to state 2 in six steps using several masses between M, and M,/4. This 
process is summarized in Fig. 10.7. In this case |w¢|, which is the sum of these 
six steps, is clearly greater than |w,]. 
Figure 10.7 P, 
The PV diagram for a six-step 
expansion. 


[> 


Pressure 


Sala 





V, DV; AV, 


Volume 
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Figure 10.8 
The PV diagram for the reversible 
expansion. 


Infinite-Step Expansion. If one continues to increase the number of steps, 
the magnitude of w,, (for an n-step process), 


nA 
lw, a > PAV; 
i=1 
continues to increase. 

Now we consider the limiting case—a process in which P,, is changed by 
infinitesimally small increments. This case corresponds to the use of an infinite 
number of weights, each differing from the previous one by an infinitesimally 
small mass. Under these conditions the successive volume changes become in- 
finitesimally small (dV), and the process requires an infinite number of steps. 
The mathematical operation needed to sum the steps in this instance is the 
integral: 

Vy 
|Work| = | PeaV. 
Vv 
The diagram corresponding to this process is given in Fig. 10.8. 

It is important to recognize that when the expansion of the gas is carried 
out in an infinite number of steps, the external pressure is always almost ex- 
actly equal to the pressure produced by the gas. That is, at any given time P., 
is only less than P,,,(= P) by an infinitesimally small amount dP. Thus one can 
assume that at any point in the process P ~ P.,. 

A process like this one, carried out so that the system is always at equilib- 
rium, is called a reversible process. The expansions described earlier that were 
carried out in a finite number of steps were not done reversibly because in these 
processes P., was smaller than P by a finite amount during each step. We will 
have more to say presently about what the term reversible means in this 
context. 

Since P., ~ P,a; = P in the reversible expansion, by use of the ideal gas law, 





nRT 
P = P — 
ex V 
and 
V2 
[Total work|* = |w,.| = |w,,.,| = | nRT dV 
V; V 
P, 
og 
Quy 
P, 
aa 





V, 2V, AV, 


Volume 





“In these calculations we deal with the magnitude for convenience. Actually, for the expansion of 
a gas, the work has a negative sign. 
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Since 7 and T are held constant in this experiment, 


V 
aoe 

ae nT se ARTI V, — li V4) = nT In( 72) 
iV V, 


In this specific experiment V, = 4V;. Therefore, 
[Wrevl = WRT In 4 = 1.4nRT 
And since P; V; = nRT, 
We SAP Vi 


for this particular expansion. 

Note that as the number of steps in the expansion increases, the amount of 
work the gas performs also increases. The maximum work that a given amount 
of gas can perform in going from V; to Vj at constant temperature occurs in 
the reversible expansion. Thus 


tema! = baal = ART In( 72) 
Vv 
for the isothermal expansion of 1 moles of an ideal gas. 

In doing this hypothetical experiment, we have assumed that the gas be- 
haves ideally. When a given amount of an ideal gas expands at constant tem- 
perature, the internal energy of the gas remains constant; that is, AE = 0. As 
mentioned earlier, this condition means that g = —w. Thus a quantity of en- 
ergy q (equal in magnitude to w) flows into the gas (as heat) as the expansion 
occurs, and the work (w) is performed. Therefore, the surroundings furnished 
the energy (through heat flow) necessary to perform the work. 

Since work flows out of the system in the reversible expansion, it has a 
negative sign: 


V. 
and Frey = —~Wrey = nkTIn( +2) 
Vi 


The Isothermal Compression of an Ideal Gas 


Now let’s consider the opposite experiment: compressing a gas at pressure P,/4 
and volume 4V;, to pressure P; and volume V;. This experiment can be done in 
one step or a number of steps. 


One-Step Compression. Initially, the gas is at pressure P,/4 and volume 
4V,. When mass M, is placed on the pan, the gas will be rapidly compressed to 
the state described by P; and V;. To see how this process works, consider the 
diagram for the gas at P,/4 and 4V, (Fig. 10.9). We raise the mass M, to the 
pan, which then causes the gas to be compressed to P; and V, as the pan re- 
turns to the original level. 

The work performed to recompress the gas is equal to the work performed 
to lift the weight up to the pan. It also can be expressed in terms of P.,AV: 


oul Mich = PAV = P(4AVi— Vi) = SPL, 


Two-Step Compression. We can compress the gas in two steps. For exam- 
ple, a mass M,/2 is lifted onto the pan, and after the gas has been partially 
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Figure 10.9 
The situation before the one-step 
compression. 





SM, 





Original level of pan 
(for gas at P= P; and V= V,) 


compressed, M, is put onto the pan in place of M,/2 to finish the compression. 
In this case the total work required for the compression is 


iP 
lwo] = SGV: — 2V,) + QV: — Vi) = 2PiVy 


Infinite-Step Compression. Notice that in compressing the gas isothermally, 
as the number of steps increases, the work required to compress the gas 
decreases. 

If we compress the gas in an infinite number of steps (in which, at all times, 
P.. ~ P), the work required is 


V; V 
= | PdV = nRT In( V2) 
V, v1 


7 
= nRT In( 3) = 1.4P,V, 


1 





/ 
lw, 


Because P., ~ P throughout the process, this is a reversible compression. In 
this case w has a positive sign because we are performing work on the system. 
Thus, in the reversible, isothermal compression of the gas, w', = 1.4P,V, and 
since AE = 0, 
qx = —We = —1.4P,V;, 

As the gas is compressed reversibly and isothermally, it releases 1.4P,V, (L atm) 
of energy as heat to the surroundings. In other words, the same quantity of en- 
ergy flows into the gas as work and flows out of the gas as heat to produce no 


net change in E as the compression occurs. 
In general terms, for a reversible compression from V, to V>, 


V, 
= ~ Gy, = —nRT Inf 
Wrey rey n n( ol 
or in terms of pressures, 
P 
reve rey Tel —t 
Ww qd n o(F) 


Note that since this process is a compression (V; < V;), In(V2/V;) has a nega- 
tive sign, making wy positive and q,., negative, as expected. 


Summary 


We summarize the results of these expansion and compression experiments in 
Table 10.3. The most important conclusion that can be drawn from these re- 


All real processes are irreversible. 
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Table 10.3 


Summary of the lsothermal Expansion and Compression Experiments 

















Number of 
Steps w qd 

Expansion 0 (no mass) 0 0 
(constant T) 1 = On/ olen 4 0.75P,V; 

2 SWRA WPA 

4 Nally WA 1.16P,V, 

00 —1.4P,V, 1.4P,V, 
Compression 1 3P,V, = SNe, 
(constant T) y} 2P,V; ea 

4 1.67P,V, SNE We 

co 


1.4P,V; —1.4P,V; 








sults can be stated as follows: Only when the expansion and compression are 
both done reversibly (by an infinite number of steps) is the universe the same 
after the cyclic process (the expansion and the subsequent compression of the 
gas back to its original state). That is, only for the reversible processes is the 
heat absorbed during expansion exactly equal to the heat released during com- 
pression. In all the processes carried out using a finite number of steps, more 
heat is released into the surroundings than is absorbed in the comparable ex- 
pansion (same number of steps). 

For example, in the one-step expansion and compression, the net work 
done is 


Wrhet — =O 75a st 3P,V; = DIRT ARE 
t t 
Expansion Compression 
and the net heat flow is —2.25P,V}. 

In terms of the system, this one-step expansion/compression is cyclic. That 
is, the system starts at state 1 before the expansion process and ends up back 
at state 1 after the compression process. However, although the system is re- 
turned to the same state in this cyclic expansion—compression process, the sur- 
roundings are not the same. In fact, we might say that in the surroundings 
“work has been changed to heat.” In this one-step cyclic process, 2.25P,V; 
(L atm) of work is changed to 2.25P,V, (L atm) of heat (thermal energy) in the 
surroundings. This amount represents the net extra work required to lift the 
weights onto the pan to compress the gas compared with the work that was 
obtained as the gas expanded. 

This is a general result. In any finite-step, cyclic expansion—compression 
process, “work is always converted to heat”: 


Work" -==s Heat 
Ordered Disordered 


energy energy 


This result applies whenever the process is carried out in a nonreversible (ir- 
reversible) manner. In other words, in an irreversible cyclic process, more work 
must be input to the system than the system produces. In all the finite gas com- 
pressions, the work required is greater than 1.4P,V,, which is the maximum 
work available from the expansion. 

Of course, all real processes are irreversible, because they cannot be carried 
out in an infinite number of steps without taking an infinite amount of time. In 
other words, all real processes are irreversible (in a thermodynamic sense). 


Photograph © Cengage Learning. All rights reserved 
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The maximum work corresponds to 
the reversible expansion 
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Another important conclusion to be drawn from the preceding example is 
that the maximum work obtainable from the gas occurs when the expansion ts 
carried out reversibly (Wax = Wrey). This result is always true for PV work, as 
well as for any other type of work, such as electrical work performed by an 
electrochemical cell. We will examine this latter example in the next chapter. 

The final point that this experiment reemphasizes is that work and heat are 
pathway-dependent and thus are not state functions. Energy, on the other 
hand, is a state function. In each of these isothermal expansions and compres- 
sions between (P;, V;) and (P,/4, 4V;), AE is always zero, regardless of the 
number of steps, since T is constant. 

At this point we can precisely define the terms reversible and irreversible in 
a thermodynamic sense. In a reversible cyclic process, both the system and the 
surroundings are returned exactly to their original conditions. As it turns out, 
this process is hypothetical. On the other hand, an irreversible process is one in 
which, even when the system is cycled (state 1 — state 2 — state 1) and thus 
returned to its original state, the surroundings are changed in a permanent 
way. All real processes are irreversible. 





10.3 





Ludwig Boltzmann’s tomb in Vienna. 
Notice Boltzmann’s equation on the 
monument. 


The Definition of Entropy 


So far we have discussed entropy in a very qualitative way. Here we want to 
give a precise, quantitative definition of entropy. 

We have said that entropy is related to probability. If a system has several 
states available to it, the one that can be achieved in the greatest number of 
ways (has the largest number of microstates) is the one most likely to occur. 
That is, the state with the greatest probability has the highest entropy. 

How does entropy depend on the number of microstates? To explain this 
idea, we will consider the following simple system. 

Suppose we have two vessels each containing a single gas particle at the 
same temperature. There is entropy associated with each vessel because the 
velocity of even one particle is an average velocity at a given temperature. That 
is, there is a range of actual particle velocities. To make matters simple, let’s 
suppose there are three possible velocities (microstates): lower than average 
(L), average (A), and higher than average (H). The two vessels, therefore, have 
the same entropy, and the total entropy of both vessels is simply the sum of the 
entropies of each vessel—entropy is additive. The total entropy of the two ves- 
sels is twice that of each individual vessel. 

But what about the number of microstates? There were three microstates 
in each of the individual vessels (L, A, H). But when we consider the two ves- 
sels together, there are nine microstates (LL, LA, LH, AL, AA, AH, HL, HA, 
HH). So while entropy is additive, the number of microstates is multiplicative 
(3 X 3 = 9). How can we state this relationship mathematically? 

Because log(x)* = 2logx, we can quantify the relationship between entropy 
and the number of microstates as follows: 


S a log(microstates) 


We can see that this relationship makes sense because if we square the number 
of microstates, the entropy is doubled. Now let’s define the entropy of each 
individual vessel as S$; and S$). 


S, a log(3) = k,log(3) 
S> a log(3) = kzlog(3) 
Stotal = $1 + Sp = kylog(3) + Rylog(3) 


State | State 2 


Constant T 
a al 


Vi 2V, 


Figure 10.10 
A particle in a gas that expands from 
volume V; to volume 2V;. 
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If k; = ky = k, we have 
Stotal = 51 + Sp = klog(3) + klog(3) = 2klog(3) = klog(3)? 


More formally, we can connect entropy and probability quantitatively by de- 
fining the entropy function S as follows: 


S = kala Q 


where 
ky = Boltzmann’s constant, the gas constant per molecule (R/Na) 


Q = the number of microstates corresponding to a given state (including 
both position and energy) 


This definition of entropy shows its exact relationship to probability. How- 
ever, it is not useful in a practical sense for the typical types of samples used by 
chemists because those samples contain so many components. For example, a 
mole of gas contains 6.022 X 1073 individual particles. In addition, according 
to one estimate, describing the positions and velocities of this mole of particles 
would require a stack of paper 10 light-years tall—and this description would 
apply for only an instant. Clearly, we cannot deal directly with this definition of 
entropy for typical-sized samples. We must find a way to connect entropy to the 
macroscopic properties of matter. To do so, we will consider an ideal gas that 
expands isothermally from volume V, to volume 2V; (Fig. 10.10). 

Focus on an individual particle in this gas. When the gas goes from volume 
V, to 2V;, each particle has double the number of positions* available to it. 
That is, Q, = AOS 

Now we will use the definition of entropy to calculate AS for this expan- 
sion. In this case S$; = kg In Q; and Sy = kp In Qy, so 


@) 
AS = S; ~ S, = by In. 0, ~ by In 0 = by Inf 22] 


Q, 
= kain( 75") = kgln 2 


1 





This quantity represents AS for each particle in the gas. If the gas contains five 
particles, then the ratio of Q) to , is 


Mon a, 1api5 ln thyen 16 gikarys 
Q, 


where each 2 represents the fact that each particle has twice as many positions 
available to it in 2V, as in V;. This argument can be readily extended to a 
sample with 1 mole of particles: 

Oy = 7610 

Q; 
and 

AS = kp In(2ee**) = (6 x 10*)(ke In 2) 
= Nakp In 2 =Rin2 


where R is the gas constant. 





*Technically, when we double the volume, we are doubling the “density” (the closeness) of energy 
microstates. However, this requires an understanding of concepts that are beyond the scope of this 
text. 
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Chemical Insights 


Entropy: An Organizing Force? 








In this text we have emphasized the meaning of the 
second law of thermodynamics—that the entropy 
of the universe is always increasing. Although the 
results of all our experiments support this conclu- 
sion, this does not mean that order cannot appear 
spontaneously in a given part of the universe. The 
best example of this phenomenon involves the 
assembly of cells in living organisms. Of course, 
when a process that creates an ordered system is 
examined in detail, it is found that other parts of 
the process involve an increase in disorder such 
that the sum of all the entropy changes is positive. 
In fact, scientists are now finding that the search 
for maximum entropy in one part of a system can 
be a powerful force for organization in another 
part of the system. 

To understand how entropy can be an organiz- 
ing force, look at the accompanying figure. In a 
system containing large and small “balls” as 
shown in the figure, the small balls can “herd” 
the large balls into clumps in the corners and near 
the walls. This clears out the maximum space for 
the small balls so that they can move more freely, 
thus maximizing the entropy of the system, as 
demanded by the second law of thermodynamics. 

In essence, the ability to maximize entropy by 
sorting different-sized objects creates a kind of 
attractive force, called a depletion, or excluded- 
volume, force. These “entropic forces” operate for 
objects in the size range of approximately 10-* m 
to approximately 10~° m. For entropy-induced 
ordering to occur, the particles must be constantly 
jostling each other and must be constantly agitated 
by solvent molecules, thus making gravity 
unimportant. 








There is increasing evidence that entropic 
ordering is important in many biological systems. 
For example, this phenomenon seems to be respon- 
sible for the clumping of sickle-cell hemoglobin in 
the presence of much smaller proteins that act as 
the “smaller balls.” Entropic forces also have been 
linked to the clustering of DNA in cells without 
nuclei. Allen Minton of the National Institutes of 
Health in Bethesda, Maryland, is studying the role 
of entropic forces in the binding of proteins to cell 
membranes. 

Entropic ordering also appears in nonbiologi- 
cal settings, especially in the ways polymer mole- 
cules clump together. For example, polymers 
added to paint to improve the flow characteristics 
of the paint actually caused it to coagulate because 
of depletion forces. 

Thus, as you probably have concluded already, 
entropy is a complex issue. As entropy drives the 
universe to its ultimate death of maximum chaos, 
it provides some order along the way. 





Now for a general case in which a gas is expanded for V; to V>, the ratio 


of O, to O, is 


and for 1 mole of gas, 


For n moles of gas we have 


V 
ASy,v, =R in( 2) 


1 


V 
INSo yn re nn 
oa (ty) 
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What we have accomplished here is to use the definition of entropy in 
terms of probability to derive an expression for AS that depends on volume, a 
macroscopic property of the gas. We can now relate the change in entropy to 
heat flow by noting the striking similarity between the preceding equation 
for AS and the one derived in Section 10.2 describing g,., for the isothermal 
expansion—compression of an ideal gas. Compare 


V 2 
AS = nR in( 2) with Frey = nRT in( 7) 


Combining these equations gives 


wae Aten 
AS 7 


This very important relationship is the macroscopic (thermodynamic) defini- 
tion of AS. In our treatment we started with the definition of entropy based on 
probability because that definition better emphasizes the fundamental charac- 
ter of entropy. However, it is also very important to know how entropy changes 
relate to changes in macroscopic properties, such as volume and heat, because 
these changes are relatively easy to measure. 





10.4 Xf Entropy and Physical Changes 


Although chemists deal primarily with the chemical changes of matter, physi- 
cal changes are also very important. In this section we will consider how the 
entropy of a substance depends on its temperature and on its physical state. 


Temperature Dependence of Entropy 


For an isothermal process, we have seen that the change in entropy is defined 
by the relationship 


Arey 
AS = 2 
eT 


We can calculate AS for a change in temperature from T, to T, by summing 
infinitesimal increments in entropy at each temperature T: 


dq, 
IS = rev 
¢ i; 
Using integration, we have 
Ty Ts dg 
ASr_.1, = | dS = | al 
Test I aL 


If the process is carried out at constant pressure, then 
Adrey = nC, dT 
for n moles of substance. Thus 


T. T, 
aie Mes 7 al 
Arey = nc,| Sy Rake 


TIE) % T aut 


assuming that C, is constant between T; and T). Performing the integration gives 


iss 
AS+._,1, = nC, in( 2) 
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Similarly, for a process carried out at constant volume, 
1g 
ASr,_,7, = nC, n( 2 
1 


Entropy Changes Associated with Changes of State 


At the normal melting point or boiling point of a substance, the two states of 
matter present at that temperature and at 1 atm pressure are in equilibrium. 
That is, the two states can coexist indefinitely if the system is isolated (left to- 
tally undisturbed). Recall that a reversible process can occur only at equilib- 
rium. Thus, since a change of state from solid to liquid at the substance’s melt- 
ing point is a reversible process, we can calculate the change in entropy for this 
process by using the equation 


rev 
AS = 7 
Maly 


where 


~ AH... = energy required to melt 1 mole 
Grey ~ “AN “fasion ~ of solid at the melting point 


T = melting point in K 


The same reasoning applies to a change from liquid to gas at the boiling point, 
except in this case drey = AH vaporization and T = boiling point. 


WWL INTERACTIVE EXAMPLE 10.3 


Calculate the change in entropy that occurs when a sample containing 2.00 moles 
of water is heated from 50.°C to 150.°C at 1 atm pressure. The molar heat ca- 
pacities for H,O(/) and H,O(g) are 75.3 J K7! mol™! and 36.4 J K7! mol], re- 
spectively, and the enthalpy of vaporization for water is 40.7 kJ/mol at 100°C. 


Solution 


a What are we trying to solve? 


In this problem we are asked to solve for the change in entropy when water is 
heated from 50°C to 150°C. We predict the entropy will increase with an in- 
crease in temperature, but we also need to realize that water changes from a 
liquid to a gas at 100°C. 

So we must ask the question: What happens as we heat water from 50°C 
to 130° Es 

The temperature of the liquid water will increase from 50°C to 100°C. 
Then the liquid will change to a gas at a constant temperature of 100°C. Fi- 
nally, the temperature of the water vapor will increase from 100°C to 150°C 

We will do this calculation in three (reversible) steps: 


1. AS()50°c-+100°c (heat the liquid) 
2. AS{)>3% (change the liquid to a gas) 
3. AS(g)1002c-+150°c (heat the gas) 


and total the results. 


1. The entropy change for heating 2.00 moles of liquid water from 50°C to 
100°C is 


jj a78 
AS) = (2.00 mol) 75. = 
a) = ( mo) ( 5) 3y =) in( >) OWA Wi < 
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2. The entropy change for the vaporization of 2.00 moles of water at 100°C 
can be calculated from the equation 


AH. 





Dev vap 
Spee ergs 

/é Jigs 

_ 4.07 X 10? J/mol eee ms 

- 373K = 1.09 x 10° JK“ mol 

In this case 2.00 moles of water are vaporized, so 
AS) = (1.09 x 10? Cai) 2-00 mol)’ = 2.18 x 10? J/K 
K mol 


3. The entropy change for heating 2.00 moles of gaseous water from 100°C 
to: 150°CAs 


= J (3) . 
ASw) = (2.00 mo) (36.4 * } In{ <=) = 9.16 J/K 


The total entropy change is 
AS sorxcsisorc = AS) + ASQ) + AS(3) 
= 21.7 JK + 218 J/K + 9.16 JK = 249 JK 


s Does our answer make sense? 


The total entropy change is positive as we predicted. Notice as well that the 
vaporization of the water contributes most to the total entropy change. 





10.5 | Entropy and the Second Law 


The total energy of the universe is con- 
stant, but the entropy is increasing 


of Thermodynamics 


We have seen that processes are spontaneous when they result in an increase in 
disorder. Nature always moves toward the most probable state available to it. 
We can state this principle in terms of entropy: In any spontaneous process 
there is always an increase in the entropy of the universe. This is the second law 
of thermodynamics. Contrast this law with the first law of thermodynamics, 
which tells us that the energy of the universe is constant. Energy is conserved 
in the universe, but entropy is not. In fact, the second law can be paraphrased 
as follows: The entropy of the universe is increasing. 

As in Chapter 9, we find it convenient to divide the universe into a system 
and the surroundings. Thus we can represent the change in the entropy of the 
universe as 


Scary 7 AS.y¢ ety AS curr 


where AS,,, and AS,.., represent the changes in entropy that occur in the system 
and in the surroundings, respectively. 

To predict whether a given process will be spontaneous, we must know the 
sign of ASuniv- If AS,niy is positive, the entropy of the universe increases, and the 
process is spontaneous in the direction written. If AS,ni, is negative, the process 
is spontaneous in the opposite direction. If AS.niy is zero, the process has no 
tendency to occur, indicating that the system is at equilibrium. To predict 
whether a process is spontaneous, we must consider the entropy changes that 
occur both in the system and in the surroundings. 


Inga Spence/Visuals Unlimited 
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10.6 | The Effect of Temperature on Spontaneity 


In an endothermic process heat flows 
from the surroundings into the system. 
In an exothermic process heat flows 
into the surroundings. 


Steam rising from a thermal pool in 
Yellowstone. 





To explore the interplay of AS,,, and AS,,,,, in determining the sign of ASuniv, We 
will first discuss the change of state for 1 mole of water from liquid to gas, 


H,O0(/) —~> H20(g) 


considering the water to be the system and everything else the surroundings. 

What happens to the entropy of water in this process? A mole of liquid 
water (18 g) has a volume of approximately 18 mL. A mole of gaseous water 
at 1 atm and 100°C occupies a volume of approximately 31 L. Clearly, there 
are many more positions available to the water molecules in a volume of 31 L 
than in 18 mL; thus the vaporization of water is favored by this increase in 
positional probability. That is, for this process, the entropy of the system in- 
creases; AS,,, has a positive sign. 

What about the entropy change in the surroundings? Although we will not 
prove it here, entropy changes in the surroundings are determined primarily by 
the flow of energy into or out of the system as heat. To understand this obser- 
vation, suppose an exothermic process transfers 50 joules of energy as heat to 
the surroundings, where it becomes thermal energy—that is, kinetic energy as- 
sociated with the random motions of atoms. This flow of energy into the sur- 
roundings increases the random motions of atoms there and so increases the 
entropy of the surroundings. The sign of AS,.,, is positive. When an endother- 
mic process occurs in the system, it produces the opposite effect. Heat flows 
from the surroundings to the system, causing the random motions of the atoms 
in the surroundings to decrease, decreasing the entropy of the surroundings. 
The vaporization of water is an endothermic process. Thus, for this change of 
State, Ada JS Negative: 

Remember it is the sign of AS,,;, that tells us whether the vaporization of 
water is spontaneous. We have seen that AS.,, is positive and favors the process 
and that AS,,,, is negative and unfavorable. Thus the components of AS,,;, are 
in opposition. Which one controls the situation? The answer depends on the 
temperature. We know that at a pressure of 1 atm water changes spontane- 
ously from liquid to gas at all temperatures above 100°C. Below 100°C the 
opposite process (condensation) is spontaneous. 

Since AS,,, and AS,,.,,, are in opposition for the vaporization of water, the 
temperature must have an effect on the relative importance of these two terms. 
To understand why, we must discuss in more detail the factors that control the 
entropy changes in the surroundings. The central idea is that the entropy 
changes in the surroundings are primarily determined by heat flow. An exo- 
thermic process in the system increases the entropy of the surroundings be- 
cause the energy flow increases the random motions in the surroundings. This 
means that exothermicity is an important driving force for spontaneity. In ear- 
lier chapters we have seen that a system tends to undergo changes that lower 
its energy. We now understand the reason for that tendency. When a system at 
constant temperature moves to a lower energy, the energy it gives up is trans- 
ferred to the surroundings. Some of this energy is transferred as heat, thus 
leading to an increase in entropy in the surroundings. 

The significance of exothermicity as a driving force depends on the tem- 
perature at which the process occurs. That is, the magnitude of AS,,,. depends 
on the temperature at which the heat is transferred. We will not attempt to 
prove this fact here. Instead, we offer an analogy. Suppose that you have $50 to 
give away. Giving it to a millionaire will not create much of an impression—a 
millionaire has money to spare. However, to a poor college student, $50 repre- 
sents a significant sum and will be received with considerable joy. The same 
principle can be applied to energy transfer via the flow of heat. If 50 joules of 


In a process occurring at constant 
temperature, the tendency for the 
system to lower its energy is due to 
the resulting positive AS,,,,, 


Exothermic process: 
ASsur = Positive 
Endothermic process: 


ASsur = negative 


When no subscript is present, the 
quantity (for example, AH) refers to the 
system. 
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energy is transferred to the surroundings, the impact of that event depends 
greatly on the temperature. If the temperature of the surroundings is very high, 
the atoms there are in rapid motion. The 50 joules of energy will not make a 
large percentage change in these motions. On the other hand, if 50 joules of 
energy is transferred to the surroundings at a very low temperature, where the 
motions are slow, the energy will cause a large percentage change in the mo- 
tions. Thus the impact of the transfer of a given quantity of energy as heat to or 
from the surroundings is greatest at low temperatures. 

For our purposes the entropy changes that occur in the surroundings have 
two important characteristics. 


1. The sign of AS.,, depends on the direction of the heat flow. At constant 
temperature an exothermic process in the system causes heat to flow into 
the surroundings, increasing the random motions and thereby increasing 
the entropy of the surroundings. For this case AS,y,, is positive. This prin- 
ciple is often stated in terms of energy. An important driving force in na- 
ture results from the tendency of a system to achieve the lowest possible 
energy by transferring energy as heat to the surroundings. 


i) 


The magnitude of AS.u,, depends on the temperature. The transfer of a 
given quantity of energy as heat produces a much greater percentage 
change in the randomness of the surroundings at a low temperature than 
it does at a high temperature. Thus AS,,,,, depends directly on the quantity 
of heat transferred and inversely on temperature. In other words, the ten- 
dency for the system to lower its energy becomes a more important driving 
force at lower temperatures: 


magnitude of the 
entropy change of = 
the surroundings 


Driving force provided by _ quantity of heat (J) 


the energy flow (heat) 





temperature (K) 


These ideas are summarized as follows: 


rs quantity of heat (J) 





Exothermic process: ASwurr = 
e a temperature (K) 


_ quantity of heat (J) 





Endothermic process: AS curr = 
P ig temperature (K) 
We can express AS,,,,, in terms of the change in enthalpy (AH) for a process 
occurring at constant pressure (where only PV work is allowed), since under 
these conditions 


Heat flow (constant P) = change in enthalpy = AH 


Recall that AH consists of two parts: a sign and a number. The sign indicates 
the direction of flow; a plus sign means “into the system” (endothermic) and a 
minus sign means “out of the system” (exothermic). The number indicates the 
quantity of energy. 

Combining all these concepts yields the following definition of AS... for a 
reaction that takes place under conditions of constant temperature (K) and 
pressure: 


The minus sign is necessary because the sign of AH is determined with respect 
to the reaction system, and this equation expresses a property of the surround- 
ings. This means that if the reaction is exothermic, AH has a negative sign, but 
since heat flows into the surroundings, AS,,,, is positive. 


Photograph © Cengage Learning. All rights reserved 
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Stibnite contains Sb2Ss. 





OWL INTERACTIVE EXAMPLE 10.4 


In the metallurgy of antimony, the pure metal is recovered by different reac- 
tions, depending on the composition of the ore. For example, iron is used to 
reduce antimony in sulfide ores: 


Sb2S3(s) + 3Fe(s) ——> 2Sb(s) + 3FeS(s) AH = —125 kJ 
Carbon is used as the reducing agent in oxide ores: 
Sb4O¢(s) + 6C(s) —~> 4Sb(s) + 6CO(g) AH = 778 kJ 


Calculate AS... for each of these reactions at 25°C and 1 atm. 


Solution We use 


hie 
sier- T 
where R=) 6275 =298 K 
For the sulfide ore reaction, 
= 25a) 
= ———— = 0.419 kJ/K = 419 JK 
Say 298 K 0 J/ J/ 


Note that AS,u,, is positive, as expected, since this reaction is exothermic; 
energy flows to the surroundings as heat, increasing the randomness of the 


surroundings. 
For the oxide ore reaction, 
778 k : 
ASourr = See = -2.61 kJ/K = -2.61 X 10° J/K 


In this case AS,.,, is negative because heat flows from the surroundings to the 
system. 


We have seen that the spontaneity of a process is determined by the en- 
tropy change it produces in the universe. We have also seen that AS,,,;, has two 
components, AS,,, and AS,.,.,. If for some process both AS,,, and AS,,,,, are posi- 
tive, then AS,,i, is positive, and the process is spontaneous. If, on the other 
hand, both AS,,, and AS,.,,, are negative, the process does not occur in the direc- 
tion indicated but is spontaneous in the opposite direction. Finally, if AS,,, and 
AS.urr have opposite signs, the spontaneity of the process depends on the sizes 
of the opposing terms. These cases are summarized in Table 10.4. 

We can now understand why spontaneity often depends on temperature 
and thus why water spontaneously freezes below 0°C and melts above 0°C. 
The term AS,,,, is temperature-dependent. Since 


Vee 


Table 10.4 


univ 


Interplay of AS, and ASs,,, in Determining the Sign of AS 








Signs of Entropy Changes 








ASsys BS acer AS nig Process Spontaneous? 
38 at ed es 
= = S No (process will occur in opposite direction) 
4 - ? Yes, if AS,,, has a larger magnitude than AS,,,, 


~ + ? Yes, if AS.urr has a larger magnitude than AS 


ess sys 
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at constant pressure, the value of AS,,,, changes markedly with temperature. 
The magnitude of AS,,,,, is very small at high temperatures and increases as the 
temperature decreases. That is, exothermicity is most important as a driving 
force at low temperatures. 





10.7 | 


The symbol G for free energy honors 
Josiah Willard Gibbs (1839-1903), who 
was Professor of Mathematical Physics 
at Yale University from 1871 to 1908. 
He laid the foundations of many areas 
of thermodynamics, particularly as they 
apply to chemistry 


The superscript degree symbol (°) indi- 
cates that all substances are in their 
standard states. 


Free Energy 


So far we have used AS,,iy to predict the spontaneity of a process. Now we will 
define another thermodynamic function that is also related to spontaneity and 
is especially useful in dealing with the temperature dependence of spontaneity. 
This function is called free energy (G) and is defined as 


G=H-TS 


where H is the enthalpy, T is the kelvin temperature, and S is the entropy. 
For a process that occurs at constant temperature, the change in free en- 
ergy (AG) is given by the equation 


AG = AH -— TAS 


Note that all quantities here refer to the system. From this point on we will 
follow the usual convention that when no subscript is included, the quantity 
refers to the system. 

To see how this equation relates to spontaneity, we divide both sides of the 
equation by —T to produce 


AG AH 
aa a ame ges 
Je ag 
Remember that at constant temperature and pressure 
AH 
INS he 
surr IE 
So we can write ps = oe + AS ="AS FAS ScASa 
gi: jg 
AG 
We have shown that AS,,i, = TF at constant T and P 


This result is very important. It means that a process carried out at con- 
stant temperature and pressure will be spontaneous only if AG is negative. 
That is, a process (at constant T and P) is spontaneous in the direction in which 
the free energy decreases (-AG means + AS yniv). 

Now we have two functions that can be used to predict spontaneity: the 
entropy of the universe, which applies to all processes, and free energy, which 
can be used for processes carried out at constant temperature and pressure. 
Since so many chemical reactions occur under the latter conditions, the free 
energy function is more useful to chemists. 

Let’s use the free energy equation to predict the spontaneity of the melting 
of ice: 


H,O(s) ——> H,0O(]) 
for which AH?® = 6.03 X 103 J/mol and AS = 22 ie Kk mole 


Results for the calculations of AS,,i, and AG° at —10°C, 0°C, and 10°C are 
shown in Table 10.5. These data predict that the process is spontaneous at 
10°C; that is, ice melts at this temperature since AS,,i, is positive and AG® is 
negative. The opposite is true at — 10°C, at which water freezes spontaneously. 
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Table 10.5 


Results of the Calculations of AS yay and AG? for the Process H,O(s) > HzO(/) at - 10°C, 0°C, and 10°C* 








= AH° AS way, = 
T ab AH? AS? ASsure = ~~ AS? OAS. TAS? AG? = AH® — TAS? 
CC) (K) (J/mol) (J K7! mol!) (J K~! mol!) (}K-“mol™) (J/mol) (J/mol) 
Sil 26303610. 22.1 —22.9 ~0.8 5.81 x 103 +2.2 x 10? 
OW 9273.) 6.03 «102 oral et 0 6.03 x 103 0 
OMe 83 aaeGLOSe AIC: 201 ys) +0.8 6.25 x 103 —2.2 x 102 





*Note that at 10°C, AS° (AS,,.) controls, and the process occurs even though it is endothermic. At —10°C, the magnitude of AS,,,, is larger than 
that of AS°, so the process is spontaneous in the opposite (exothermic) direction. In these calculations we are assuming that AH” and AS” are 


temperature-independent. 


To be exact, the calculations shown in 
Table 10.5 should account for the tem- 
perature dependences of AH and AS. 
For example, 


(Ce, 
HO(/) ars H2O(s) 


AHg = AH§ + AH3 + AH3 


However, since AH? and AH3 are small 
compared to AH5, 


AH, = AH3 


The same ideas hold for AS°. 


Why is this so? The answer lies in the fact that AS,,, (AS°) and AS..,., oppose 
each other. The term AS° favors the melting of ice because of the increase in posi- 
tional entropy, and AS,,,, favors the freezing of water because it is an exothermic 
process. At temperatures below 0°C the change of state occurs in the exothermic 
direction because AS,.,, is larger in magnitude than AS,,,. But above 0°C the 
change occurs in the direction in which AS,,, is favorable, since in this case AS,,, 
is larger in magnitude than AS,,,,. At 0°C the opposing tendencies just balance, 
and the two states coexist; there is no driving force in either direction. An equilib- 
rium exists between the two states of water. Note that AS,,;, is equal to 0 at 0°C. 

We can reach the same conclusions by examining AG°. At —10°C, AG* is 
positive because the AH® term is larger than the TAS® term. The opposite is true 
at 10°C. At 0°C, AH? is equal to TAS° and AG° is equal to 0. This means that 
solid H2O and liquid H,O have the same free energy at 0°C (AG° = Gi — G,,), 
and the system is at equilibrium. 

We can understand the temperature dependence of spontaneity by examin- 
ing the behavior of AG. For a process occurring at constant temperature and 
pressure, 


AG = AH - TAS 


If AH and AS favor opposite processes, spontaneity will depend on tempera- 
ture in such a way that the exothermic direction will be favored at low tem- 
peratures. For example, for the process 


H,O0(s) —> H,0(/) 


AH and AS are both positive. The natural tendency for this system to lower its 
energy is in Opposition to its natural tendency to increase its positional ran- 
domness. At low temperatures AH dominates, and at high temperatures AS 
dominates. The various cases are summarized in Table 10.6. 


Table 10.6 


Various Possible Combinations of AH and AS for a Process and the Resulting 
Dependence of Spontaneity on Temperature 








Case Result 
AS positive, AH negative Spontaneous at all temperatures 
AS positive, AH positive Spontaneous at high temperatures 


(where exothermicity is relatively unimportant) 

AS negative, AH negative Spontaneous at low temperatures 
(where exothermicity is dominant) 

AS negative, AH positive Process not spontaneous at any temperature 
(reverse process is spontaneous at all temperatures) 
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EXAMPLE 10.5 | 


At what temperatures is the following process spontaneous at 1 atm? 
Bro(/) — > Bra(g) 
where AH? = 31.0 kJ/mol and AS = 93.0) K “mol 


What is the normal boiling point of liquid Br? 


Solution The vaporization process will be spontaneous at all temperatures at 
which AG* is negative. Note that AS° favors the vaporization process because 
of the increase in positional entropy, and AH?® favors the opposite process, 
which is exothermic. These opposite tendencies will exactly balance at the boil- 
ing point of liquid Br, since at this temperature liquid and gaseous Br) are in 
equilibrium (AG° = 0). We can find this temperature by setting AG° = 0 in the 
equation 


AGS =A TAS: 


Thus we have 0 = AH? — TAS? 
Nil — NS 
AH? FLOR 0* 
and ee een eat 





ASI 293107 “mol 


At temperatures above 333 K, TAS® has a larger magnitude than AH®, and 
AG® (or AH® — TAS®) is negative. Above 333 K the vaporization process is 
spontaneous; the opposite process occurs spontaneously below this tempera- 
ture. At 333 K liquid and gaseous Br) will coexist in equilibrium. These obser- 
vations can be summarized as follows (the pressure is 1 atm in each case): 


1. T> 333K. The term AS° controls. The increase in entropy occurring when 
liquid Br, is vaporized is dominant. 

2. T< 333K. The process is spontaneous in the direction in which it is exo- 
thermic. The term AH® controls. 

3. T= 333 K. The opposing driving forces are just balanced (AG° = 0), and 
the liquid and gaseous phases of Br) coexist. This is the normal boiling point. 





10.8 | 


Entropy Changes in Chemical Reactions 


The second law of thermodynamics tells us that a process will be spontaneous 
if the entropy of the universe increases when the process occurs. We saw in 
Section 10.7 that for a process at constant temperature and pressure, we can 
use the change in free energy of the system to predict the sign of AS,,iy and thus 
the direction in which it is spontaneous. So far we have applied these ideas only 
to physical processes, such as changes of state and the formation of solutions. 
However, the main business of chemistry is studying chemical reactions, and 
therefore, we want to apply the second law to reactions. 

First, we will consider the entropy changes accompanying chemical reac- 
tions that occur under conditions of constant temperature and pressure. As for 
the other types of processes we have considered, the entropy changes in the 
surroundings are determined by the heat flow that occurs as the reaction takes 
place. However, the entropy changes in the system (the reactants and products 
of the reaction) can be predicted by considering the change in positional 
probability. 

For example, in the ammonia synthesis reaction 


N,(g) + 3H2(g) —> 2NH3(g) 


438 





Chapter 10 Spontaneity, Entropy, and Free Energy 











| EXAMPLE 10.6 | 








Higher positional probability w N Lower positional probability 
8 H 


four reactant molecules are changed to two product molecules, lowering the 
number of independent units in the system and thus leading to lower positional 
disorder. 

Fewer gaseous molecules means fewer possible configurations. To help 
clarify this result, consider a special container with a million compartments, 
each large enough to hold a hydrogen molecule. There are a million ways one 
H, molecule can be placed in this container. But suppose we break the H — H 
bond and place the two independent H atoms in the same container. A little 
thought will convince you that there are many more than a million ways to 
place the two separate atoms in the container. The number of arrangements 
possible for the two independent atoms is much greater than the number for 
the molecule. Thus for the process 


H, — > 2H 


positional probability increases. 
Does positional probability increase or decrease when the following reac- 
tion takes place? 


4NH3(g) + 502(g) —> 4NO(g) + 6H20(g) 


In this case 9 gaseous molecules are changed to 10 gaseous molecules, and the 
positional probability increases. There are more independent units as products 
than as reactants. In general, when a reaction involves gaseous molecules, the 
change in positional probability is dominated by the relative numbers of mole- 
cules of gaseous reactants and products. If the number of molecules of the gas- 
eous products is greater than the number of molecules of the gaseous reactants, 
positional probability typically increases, and AS is positive for the reaction. 





Predict the sign of AS° for each of the following reactions. 
a. the thermal decomposition of solid calcium carbonate: 
CaCO3(s) —~> CaO(s) + COy(g) 
b. the oxidation of SO; in air: 
2S$O2(g) + O2(g) —> 2S0;(g) 
Solution 


a. Since in this reaction a gas is produced from a solid reactant, the positional 
probability increases, and AS° is positive. 


The standard entropy values represent 
the increase in entropy that occurs 
when a substance is heated from 0 K 
to 298 K at 1 atm. 


Figure 10.11 

(a) An idealized perfect crystal of hydro- 
gen chloride at 0 K; the dipolar HC! 
molecules are represented by 

The entropy is zero (S = 0) for this 
crystal at O K. (b) As the temperature 
rises above 0 K, lattice vibrations allow 
some dipoles to change their orienta- 
tions, producing some disorder and an 
increase in entropy (S > 0). 
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b. Here three molecules of gaseous reactants become two molecules of gaseous 
products. Since the number of gas molecules decreases, positional probabil- 
ity decreases, and AS° is negative. 


Absolute Entropies and the Third Law of Thermodynamics 


In thermodynamics it is the change in a certain function that is usually impor- 
tant. The change in enthalpy determines whether a reaction is exothermic or 
endothermic at constant pressure. The change in free energy determines 
whether a process is spontaneous at constant temperature and pressure. It is 
fortunate that changes in thermodynamic functions are sufficient for most pur- 
poses because absolute values for many thermodynamic characteristics of a 
system (such as enthalpy or free energy) cannot be determined. 

However, we can assign absolute entropy values. Consider a solid at 0 K, 
at which molecular motion virtually ceases. If it is a perfect crystal, its internal 
arrangement is absolutely regular [Fig. 10.11(a)]. There is only one way to 
achieve this perfect order; every particle must be in its place. For example, with 
N coins there is only one way to achieve the state of all heads. Thus a perfect 
crystal represents the lowest possible entropy; that is, the entropy of a perfect 
crystal at 0 K is zero. This is a statement of the third law of thermodynamics. 

As the temperature of a perfect crystal is increased, the random vibrational 
motions increase, and disorder increases within the crystal [Fig. 10.11(b)]. Thus 
the entropy of a substance increases with temperature. Since S is zero for a per- 
fect crystal at 0 K, the entropy value for a substance at a particular temperature 
can be calculated if we know the temperature dependence of entropy. 

We have shown that the change in entropy that accompanies a change in 
temperature of a substance from T; to T can be calculated from the expression 


AS7_,7, = nC in( 2) 
1 
where C is C, or C, depending on the conditions. In using this equation, we are 
assuming that the heat capacity is independent of temperature. Unfortunately, 
this assumption is often not true, especially over a large temperature range. Thus 
the dependence of C on temperature must be taken into account for accurate 
calculations. However, we will not be concerned with these procedures here. 
When a substance is heated from temperature T, to T>, a change of state 
may occur. If it does, as we saw in Section 10.4, we use the expression 


_ AH 


AS 6 


at the melting point or boiling point to account for the entropy change that 
accompanies the change of state. 

The standard entropy values (S°) of many common substances at 298 K 
and 1 atm are listed in Appendix 4. From these values you will see that the 
entropy of a substance does indeed increase in going from solid to liquid to gas. 
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Rotation 


Figure 10.12 

The H2O molecule can vibrate and 
rotate in several ways, some of which 
are shown here. This freedom of 
motion leads to a higher entropy for 
water than for a substance such as 
hydrogen, which consists of a simple 
diatomic molecule with fewer possible 
motions. 





EXAMPLE 10.7 





Because entropy is a state function of the system (it is not pathway- 
dependent), the entropy change for a given chemical reaction can be calculated 
by taking the difference between the standard entropy values of the products 
and those of the reactants: 


= fo) an) fo) 
AS (ection ea 2S products 2S reactants 


where, as usual, > represents the sum of the terms. It is important to note that 
entropy is an extensive property (it depends on the amount of substance pres- 
ent). This means that the number of moles of a given reactant or product must 
be taken into account. 


Calculate AS° for the reduction of aluminum oxide by hydrogen gas 
Al,O3(s) + 3H2(g) —~ 2Al(s) + 3H2O(g) 


using the following standard entropy values. 


Substance SUK emol=*) 

Al,O3(s) S1 

H)(g) 131 

Al(s) 28 

H,O0(g) 189 
Solution 


O° 
AS = De Serodues cad DS setae 


= 2SAys) + 3SH,0(¢) — 3 Stig) — SALO4(s) 


z J J ) 
=a), mol( 28: 1) +3 mol( 189; 2a) 


3 mal( BI ha) ~ mol Stich) 
3 mol( 131; 1 mol 51 ol 


= 56 J/K + 567 JK — 393 J/K — 51 JK 
= 179 J/K 





The reaction considered in Example 10.7 involves 3 moles of hydrogen gas 
on the reactant side and 3 moles of water vapor on the product side. Would 
you expect AS to be large or small for such a case? We have assumed that AS 
depends on the relative numbers of molecules of gaseous reactants and prod- 
ucts. On the basis of that assumption, AS should be near zero for the present 
reaction. However, AS is large and positive. Why? The large value for AS re- 
sults from the difference in the entropy values for hydrogen gas and water 
vapor. The reason for this difference can be traced to the difference in molecu- 
lar structure. Because it is a nonlinear, triatomic molecule, H,O has more ro- 
tational and vibrational motions (Fig. 10.12) than does the diatomic H, mol- 
ecule. Thus the standard entropy value for H,O(g) is greater than that for 
H,(g). Generally, the more complex the molecule, the higher the standard en- 
tropy value. 
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The value of AG® tells us nothing about 
the rate of a reaction, only its eventual 
equilibrium position 





For chemical reactions we are often interested in the standard free energy 
change (AG°), the change in free energy that occurs if the reactants in their 
standard states are converted to the products in their standard states. For ex- 
ample, for the ammonia synthesis reaction at 25°C, 


N,(g) + 3H>(g) —> 2NH;(g) AG? = -33.3 kJ (10.1) 


This AG® value represents the change in free energy that occurs when 1 mole 
of nitrogen gas at 1 atm reacts with 3 moles of hydrogen gas at 1 atm to pro- 
duce 2 moles of gaseous ammonia at 1 atm. 

It is important to recognize that the standard free energy change for a reac- 
tion is not measured directly. For example, we can measure heat flow in a calo- 
rimeter to determine AH°, but we cannot measure AG° this way. The value of 
AG* for the ammonia synthesis in Equation (10.1) was not obtained by mixing 
1 mole of N> with 3 moles of H; in a flask and measuring the change in free 
energy as 2 moles of NH; formed. For one thing, if we mixed 1 mole of N2 and 
3 moles of H) in a flask, the system would go to equilibrium rather than to 
completion. Also, we have no instrument that directly measures free energy. 
Although we cannot directly measure AG® for a reaction, we can calculate it 
from other measured quantities, as we will see later in this section. 

Why is it useful to know AG° for a reaction? As we will see in more detail 
later, knowing the AG® values for several reactions allows us to compare the rela- 
tive tendency of these reactions to occur. The more negative the value of AG®, the 
further a reaction will go to the right to reach equilibrium. We must use standard- 
state free energies to make this comparison because free energy depends on pres- 
sure or concentration. Thus, to get an accurate comparison of reaction tenden- 
cies, we must compare all reactions under the same pressure or concentration 
conditions. We will have more to say about the significance of AG later. 

There are several ways to calculate AG°. One common method uses the 
equation 


NG yale = LAS? 


which applies to a reaction carried out at constant temperature. For example, 
consider the reaction 


C(s) + O2(g) —> CO;/(g) 


The values of AH® and AS° are known to be —393.5 kJ and 3.05 J/K, respec- 
tively, and AG® can be calculated at 298 K as follows: 


AG =A? — PAS? =)— 3.935. X10? J = (298 K)(3:05 J/K) 
= —3,944 x 10° J = —394.4 kJ (per mole of CO.) 


OWL INTERACTIVE EXAMPLE 10.8 
Consider the reaction 
2SO2(g) + O2(g) ——> 2503(g) 


carried out at 25°C and 1 atm. Calculate AH°, AS°, and AG° using the follow- 
ing data: 








Substance AH? (kJ/mol) S Cpe mole) 
SO,(g) ~297 248 
SO3(g) —396 257) 


O2(g) 0 205 
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Solution The value of AH? can be calculated from the enthalpies of formation 
using the equation we discussed in Section 9.6: 


AH?° = SAH? (products) — SAH# (reactants) 
Then 
AH® = 2AH¥ js0,¢) ~— 24H (s0,(¢ — AHF fox8) 
= 2 mol(—396 kJ/mol) — 2 mol(—297 kJ/mol) — 0 
= ~792 kJ + 594 kJ = -198 kJ 


The value of AS° can be calculated by using the standard entropy values 
and the equation discussed in Section 10.8: 


AS? = J Sproducts — 2Sreactants 
Thus 
AS® = 2S80,(g) — 2580,(@) — SOx(g) 
= 2 mol(257 J K~! mol!) — 2 mol(248 J K7! mol’) 
—1 mol(205 J K™? mol“) 
= 514 J/K — 496 J/K — 205 J/K = —187 J/K 


We expect AS° to be negative since three molecules of gaseous reactants give 
two molecules of gaseous products. 
The value of AG° can now be calculated from the equation 


BGS Nie — AS, 


ee 2 J\(_1kJ 
So AG? = -198 kJ 298 1)( 187 2) age) 


= -198kJ + 55.7kJ = -142kJ 





Like enthalpy and entropy, free energy is a state function. Thus we can 
use procedures for finding AG that are similar to those for finding AH using 
Hess’s law. 

To illustrate this second method for calculating the free energy change, we 
will obtain AG® for the reaction 


2CO(g) + O2(g) —> 2CO,/(g) (10.2) 

from the following data: 
2CHa(g) + 302(g) —> 2CO(g) + 4H2O(g) AG° = —1088 kJ (10.3) 
CHu(g) + 202(g) —» COx(g)+2H,O(g) AG? = —801 kJ (10.4) 


Note that CO(g) is a reactant in Equation (10.2), so Equation (10.3) must be 
reversed, since CO(g) is a product in the reaction as written. When a reaction 
is reversed, the sign of AG® is also reversed. In Equation (10.4), CO;(g) is a 
product, as it is in Equation (10.2), but only one molecule of CO, is formed. 
Thus Equation (10.4) must be multiplied by 2, which means the AG° value for 
Equation (10.4) must also be multiplied by 2. Free energy is an extensive prop- 
erty since it is defined by two extensive properties, H and S. 


Reversed Equation (10.3) 


2CO(g) + 4H2O0(g) —> 2CH4(g) + 302(g) AG° = —(—1088 kJ) 
2 X Equation (10.4) 
2CH4(g) + 402(g) —> 2CO,(g) + 4H,O(g) AG? = 2(-801 kJ) 
2CO(g) + Oo(g) — > 2CO,(g) AG? ="—(— 1088 k)) 432 — 60 fg) 


= -514kJ 


Phil A. Harrington/Peter Arnold/PhotoL ibrary 


Synthetic diamonds. 
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This example shows that AG values for reactions are manipulated in exactly 
the same way as AH values. 





EXAMPLE 10.9 _ 
Using the following data (at 25°C), 

camer + On(g) —> COz(g)  AG° = -397 kJ (10.5) 
Cysptite 4. On(e) —> COx(y), VAG?==394ky (10.6) 





calculate AG® for the reaction 


diamond raphite 
Ch : ? C8) : 


s 


Solution We reverse Equation (10.6) to make graphite a product, as required, 
and then add the new equation to Equation (10.5): 


C#iemond + ©, (pe) —> CO./g) BG == 397k) 
Reversed Equation (10.6) 
CO2(g) —> CppPhite + O,(g) AG° = —(—394 kJ) 
Cepmend: 5, Ceeenies AG° = —397 kJ + 394 kJ 
= —-3kjJ 


Since AG® is negative for this process, diamond should spontaneously 
change to graphite at 25°C and 1 atm. However, the reaction is so slow under 
these conditions that we do not observe the process. This example shows k- 
netic rather than thermodynamic control of a reaction. That is, thermody- 
namically, diamond should change to graphite, but this spontaneous change is 
not observed because its rate is so slow. We say that diamond is kinetically 
stable with respect to graphite, even though it is thermodynamically unstable. 


In Example 10.9 we saw that the process 


Gap 


Gannon , 
is spontaneous but very slow at 25°C and 1 atm. The reverse process can be 
forced to occur at high temperatures and pressures. Diamond has a more com- 
pact structure and thus a higher density than graphite, so the exertion of very 
high pressure causes it to become thermodynamically favored. If high tempera- 
tures are also used to make the process fast enough to be feasible, diamonds 
can be made from graphite. The conditions usually involve temperatures 
greater than 1000°C and pressures of about 10° atm. About half of all indus- 
trial diamonds are made this way. We will discuss this process in more detail 
in Chapter 16. 

A third method for calculating the free energy change for a reaction uses 
standard free energies of formation. The standard free energy of formation 
(AG?) of a substance is defined as the change in free energy that accompanies 
the formation of 1 mole of that substance from its constituent elements with all 
reactants and products in their standard states. For example, for the formation 
of glucose (CsH12O«¢), the appropriate reaction is 


6C(s) + 6H2(g) + 302(g) —> C6Hi20¢(s) 


The standard free energy associated with this process is called the free energy 
of formation of glucose. Values of the standard free energy of formation are 
useful in calculating AG® for specific chemical reactions using the equation 


AG° = LAG? (products) — YAG# (reactants) 
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Values of AG? for many common substances are listed in Appendix 4. 
Note that, analogous to the enthalpy of formation, the standard free energy of 
The standard state of an element is its formation of an element in its standard state is zero. 


most stable state at the temperature of 
EXAMPLE 10.10 


interest (usually 25°C) and 1 atm. 
Methanol is a high-octane fuel used in high-performance racing engines. Cal- 
Calculating AG? from free energies of culate AG° for the reaction 


formation is very similar to calculating 
AH?®, as shown in Section 9.6. 2CH3OH(g) + 302(g) —> 2CO2(g) + 4H20(g) 


given the following free energies of formation: 


Substance AG? (kJ/mol) 
CH30H(g) =163 
O2(g) 0 
CO2(g) —394 
H,O0(g) =U 


Solution We use 
AG¢ = XAG (products) — YAG# (reactants) 
= 2AG¥ [cog + 44G% (H,0(@)) — 3AGF (o,(g) — 24GF (cH, onLg)) 


= 2 mol(—394 kJ/mol) + 4 mol(—229 kJ/mol) — 3(0) 
— 2 mol(—163 kJ/mol) 


~1378 kJ 


The large magnitude and the negative sign of AG® indicate that this reaction is 
very favorable thermodynamically. 


EXAMPLE 10.11 


A chemical engineer wants to determine the feasibility of making ethanol 
(C,;H;OH) by reacting water with ethylene (C,)H,) according to the equation 


C,H, (g) iz H,O(/) ee C,H;OH(/) 





Is this reaction spontaneous under standard conditions? 


Solution To determine the spontaneity of this reaction under standard condi- 
tions, we must determine AG® for the reaction by using the appropriate stan- 
dard free energies of formation at 25°C from Appendix 4: 


AG# ic,H,oH)) = —175 kJ/mol 





) AG‘ [C,H,(g)] — 68 kJ/mol 
Thus AG* = AGF ic.H,on) — AGF ,019) — AGF cig) 
="-175 k), =44237 kj) >es hae kJ 


and the process is spontaneous under standard conditions at 25°C. 








Although the reaction considered in Example 10.11 is spontaneous, other 
Ethanol features of the reaction must be studied to see whether the process is feasible. 
For example, the chemical engineer will need to study the kinetics of the reac- 
tion to determine whether it is fast enough to be useful and, if it is not, whether 
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a catalyst can be found to enhance the rate. In doing these studies, the engineer 
must remember that AG° depends on temperature: 


AG = AH? TAS 


Thus, if the process must be carried out at high temperatures to be fast enough 
to be feasible, AG° must be recalculated at that temperature using the AH® and 
AS® values for the reaction. 





10.10 | 


The absolute value of the free energy 
of a substance cannot be obtained. 
We use it symbolically here to show 
that it is the change in free energy that 
is really significant. 


The Dependence of Free Energy 
on Pressure 


In this chapter we have seen that a reaction system at constant temperature and 
pressure will proceed spontaneously in the direction that lowers its free energy. 
For this reason reactions proceed until they reach equilibrium. As we will see 
later in this section, the equilibrium position represents the lowest free energy 
value available to a particular reaction system. The free energy of a reaction 
system changes as the reaction proceeds because free energy depends on the 
pressure of a gas (or on the concentration of species in solution). We will deal 
only with the pressure dependence of the free energy of an ideal gas. The de- 
pendence of free energy on concentration can be developed using similar 
reasoning. 

To understand the pressure dependence of free energy, we need to know 
how pressure affects the thermodynamic functions that constitute free energy— 
that is, enthalpy and entropy (recall that G = H — TS). For an ideal gas, en- 
thalpy is not pressure-dependent. However, entropy does depend on pressure 
because of its dependence on volume. Consider 1 mole of an ideal gas at a 
given temperature. At a volume of 10.0 L, the gas has many more positions 
available for the molecules than if its volume is 1.0 L. The positional probabil- 
ity is greater for the larger volume. In summary, at a given temperature for 
1 mole of ideal gas 


Stare volume S cena volume 


or since pressure and volume are inversely related, 


Siow pressure es Singh pressure 


We have shown qualitatively that the entropy and therefore the free energy 
of an ideal gas depend on its pressure. From a more detailed argument, which 
we will not consider here, one can show that 


G = G° + RT In(P) 


where G° is the free energy of the gas at a pressure of 1 atm, G is the free en- 
ergy of the gas at a pressure of P atm, R is the universal gas constant, and T is 
the kelvin temperature. 

To see how the change in free energy for a reaction depends on pressure, 
we will consider the ammonia synthesis reaction 


N2(g) + 3H2(g) —> 2NHs3(g) 


In general, AGS Di Gireddce oa SG taceun (10.7) 
For this reaction AG = 2Gyu, = Gn, = 3Gu, 
where Gyn, = Gu, + RT In(Pyu,) 


Gn, = Gi, any lh In(Pw,) 
Gu, = Gh, + RT In(Px,) 
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Substituting these values into Equation (10.7) gives 
AG = 2[Giu, + RT In(Pyu,)] — [GX, + RT In(Py,)] — 3[GH, + RT I|n(Py,)] 
= 2Ghn, — Gu, — 3Gh, P2RT Ina) — KT inlPn) = 3RT In(Py,) 
= (2GXu, — GX, — 3GH,) + RT[2 In(Pyu,) — In(Pw,) — 3 In(Pu,)] 
ANGreaction 





The first term in parentheses is AG° for the reaction. Thus we have 


AG = AGfeaction + RT (2 In(Pyu,) — In(Py,) — 3 In(Pu,)] 


Since 2 In(Pxu,) = In(Pxu,’) 
1 
—In(Py,) c= In 5) 
if 
and —3 In(Py,) = in( 55) 
Pu, 


the equation becomes 
Pyu,” 
AG = AG* + RT In| oy 


2) 
Pyu, 


(Px,) (Px,’) 


is the reaction quotient O discussed in Section 6.6. Therefore, we have 


But the term 


AG = AG? + RT In(Q) 


where O is the reaction quotient (from the law of mass action), T is the tem- 
perature (K), R is the gas law constant, AG° is the free energy change for the 
reaction with all reactants and products at a pressure of 1 atm, and AG is the 
free energy change for the reaction at the specified pressures of reactants and 
products. 


OWL INTERACTIVE EXAMPLE 10.12 


One method for synthesizing methanol (CH3;OH) involves reacting gaseous 
carbon monoxide and hydrogen: 


CO(g) + 2H2(g) —~ CH;30H(/) 


Calculate AG at 25°C for this reaction, in which carbon monoxide gas at 
5.0 atm and hydrogen gas at 3.0 atm are converted to liquid methanol. 


Solution 


a What are we trying to solve? 


We are asked to solve for AG of the reaction between CO(g) and H2(g). We are 
asked to determine AG and not AG° because we have these gases at pressures 
other than 1.00 atm; in other words, not at standard conditions. To calculate 
AG for this process, we use the equation 


AG = AG° + RT In(Q) 


Note that in this case AG is defined for 
1 mole of the reaction—that is, for 

1 mole of CO(g) reacting with 2 moles 
of H2(g) to form 1 mole of CHsOH(/). 
Thus AG, AG®, and AT |In(Q) all have 
units of J/mol of reaction. In this case 
the units of R are actually J K~! (mol of 
reaction)’, although they are usually 
not written this way 
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We must first compute AG® from standard free energies of formation (see Ap- 
pendix 4). Since 


AG} [CH,OH())] = —166 kJ 
AGF fH,(g)) = 0 
AGF (cow) = —137 kJ 
then 
BGe = 166 Ki (17k) 0 29 kK = 9 1107 J 


Note that this is the value of AG° for the reaction of 1 mole of CO with 2 moles 
of H) to produce 1 mole of CH;OH. We might call this the value of AG° for 
one “unit” of the reaction or for “1 mole of the reaction.” Thus the AG® value 
might be written more accurately as —2.9 X 104 J/mol of reaction, or —2.9 X 
107 J/mol rxn. 


We can now calculate AG, where 
AG*° = —2.9 X 104 J/mol rxn 
R = 8.3145 JK7! mol"! 
T = 273 +25 =298K 


1 1 
= > = 22 10? 
< DER 60G02 1 = 


Note that the pure liquid methanol is not included in the calculation of O be- 
cause a pure liquid has an activity of 1, as discussed in Chapter 6. Thus 


AG=AG: +) RIUn(O) 

= (—2.9 X 10* J/mol rxn) 
+ [8.3145 J K-! (mol rxn)~1](298 K)[In(2.2 X 10-2)] 
(=2.9 x 10° JAnoliexn) —"(9:4x 10° J/mol'rxn) 
—3.8 X 104 J/mol rxn 
—38 kJ/mol rxn 


Il 


Note that AG is significantly more negative than AG®, implying that the 
reaction is more spontaneous at reactant pressures greater than 1 atm. We 
might expect this result from Le ChAatelier’s principle. 


The Meaning of AG for a Chemical Reaction 


In this section we have learned to calculate AG for chemical reactions under 
various conditions. For example, in Example 10.12 the calculations show that 
the formation of CH;OH(/) from CO(g) at 5.0 atm reacting with H,(g) at 3.0 
atm is spontaneous. What does this result mean? Does it mean that if we mixed 
1.0 mole of CO(g) and 2.0 moles of H(g) together at pressures of 3.0 atm and 
5.0 atm, respectively, that 1.0 mole of CH;OH(/) would form in the reaction 
flask? The answer is no. This answer may surprise you in view of what has 
been said in this section. It is true that 1.0 mole of CH;OH(/) has a lower free 
energy than 1.0 mole of CO(g) at 5.0 atm plus 2.0 moles of H2(g) at 3.0 atm. 
However, when CO(g) and H(g) are mixed under these conditions, there is an 
even lower free energy available to this system than 1.0 mole of pure CH;OH (I). 
For reasons we will discuss shortly, the system can achieve the lowest possible 
free energy by going to equilibrium, not by going to completion. At the equi- 
librium position, some of the CO(g) and H2(g) will remain in the reaction flask. 
So even though 1.0 mole of pure CH3;OH(/) is at a lower free energy than 
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Figure 10.13 


Schematic representations of balls 


rolling down two types of hills. 


A 





(a) (b) 


1.0 mole of CO(g) and 2.0 moles of H2(g) at 5.0 atm and 3.0 atm, respectively, 
the reaction system will stop short of forming 1.0 mole of CH;OH(/). The reac- 
tion stops short of completion because the equilibrium mixture of CH;OH(/), 
CO(g), and H,(g) exists at the lowest possible free energy available to the 
system. 

To illustrate this point, we will explore a mechanical example. Consider 
balls rolling down the two hills shown in Fig. 10.13. Note that in both cases 
point B has a lower potential energy than point A. 

In Fig. 10.13(a) the ball will roll to point B. This diagram is analogous to 
a phase change. For example, at 25°C ice will spontaneously change com- 
pletely to liquid water because the latter has the lowest free energy. In this case 
liquid water is the only choice. There is no intermediate substance with lower 
free energy. 

The situation is different for a chemical reaction system, as illustrated in 
Fig. 10.13(b). In Fig. 10.13(b) the ball will not get to point B because there is 
a lower potential energy at point C. Like the ball, a chemical system will seek 
the lowest possible free energy, which, for reasons we will discuss in the next 
section, is the equilibrium position. 

Therefore, although the value of AG for a given reaction system tells us 
whether the products or reactants are favored under a given set of conditions, 
it does not mean that the system will proceed to pure products (if AG is nega- 
tive) Or remain at pure reactants (if AG is positive). Instead, the system will 
spontaneously go to the equilibrium position, the lowest possible free energy 
available to it. In the next section, we will see that the value of AG® for a par- 
ticular reaction tells us exactly where this position will be. 
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Free Energy and Equilibrium 


When the components of a given chemical reaction are mixed, they will proceed, 
rapidly or slowly depending on the kinetics of the process, to the equilibrium 
position. In Chapter 6 we defined the equilibrium position as the point at which 
the forward and reverse reaction rates are equal. In this chapter we look at equi- 
librium from a thermodynamic point of view, and we find that the equilibrium 
point occurs at the lowest value of free energy available to the reaction system. 
As it turns out, the two definitions give the same equilibrium state, which must 
be the case for both the kinetic and thermodynamic models to be valid. 

To understand the relationship between free energy and equilibrium, let’s 
consider the following simple hypothetical reaction: 


Af) ———= 8) 


where 1.0 mole of gaseous A is initially placed in a reaction vessel at a pressure 
of 2.0 atm. The free energies for A and B are diagramed as shown in Fig. 10.14(a) 


Figure 10.14 

(a) The initial free energies of A and B. 
(b) As A(g) changes to B(g), the free 
energy of A decreases and that of B 
increases. (c) Eventually, pressures of 
A and B are achieved such that 

Ga = Gg, the equilibrium position. 


Note that Ga and Gg are defined here 
as the total free energies of A and B 
and are dependent on the moles of 
A and B as well as the pressures of 
A and B. 


For the reaction A(g) == B(qg), the 
pressure is constant duringthe reac- 
tion, since the same number of gas 
molecules is always present. 


Figure 10.15 

(a) The change in free energy to reach 
equilibrium, beginning with 1.0 mole of 
A(g) at Pa = 2.0 atm. (6) The change in 
free energy to reach equilibrium, begin- 
ning with 1.0 mole of B(g) at Pg = 

2.0 atm. (c) The free energy profile for 
A(g) === B(g) in a system containing 
1.0 mole (A plus B) at Prota = 2.0 atm. 
Each point on the curve corresponds 
to the total free energy for a given 
combination of A and B. 
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Ga Gy (Py, decreasing) 
<=> A , Ca Gp 
Gz a | Gg (Pp increasing) —> 


(a) (b) (c) 


As A reacts to form B, the total free energy of the system changes, yielding the 
following results: 


Total free energy of A = Ga = ma[G{ + RT In(P,)] 
Total free energy of B = Gg = mp[G3 + RT In(Pp)] 


where Gy and Gy are the total free energies of A and B, and m, and np are the 
moles of A and B, respectively. 


Total free energy of system = G = Ga + Gp 


As A changes to B, Ga decreases because P, is decreasing [Fig. 10.14(b)]. In 
contrast, Gp increases because Px, is increasing. The reaction proceeds to the 
right as long as the total free energy of the system decreases (as long as Gg 
is less than Ga). At some point the pressures of A and B reach the values P{ 
and P} that make Ga equal to Gg. The system has reached equilibrium 
[Fig. 10.14(c)]. Since A at pressure P{ and B at pressure P§ have the same free 
energy (Ga equals Gg), AG is zero for A at pressure P{ changing to B at pres- 
sure Ps. The system has reached minimum free energy. There is no longer any 
driving force to change A to B or B to A, so the system remains at this position 
(the pressures of A and B remain constant). 

Suppose that for the experiment just described, the plot of free energy ver- 
sus the mole fraction of A reacted is defined as shown in Fig. 10.15(a). In this 
experiment minimum free energy is reached when 75% of A has been changed 
to B. At this point the pressure of A is 0.25 times the original pressure, or 


(0.25)(2.0 atm) = 0.50 atm 
The pressure of B is 
(0.75)(2.0 atm) = 1.5 atm 


Since this is the equilibrium position, we can use the equilibrium pressures to 
calculate a value for K for the reaction in which A is converted to B: 
PR 1.5 atm 


K= = = 3.0 
PZoms0e5 0: atm 





Exactly the same equilibrium point will be achieved if we place 1.0 mole 
of pure B(g) in the flask at a pressure of 2.0 atm. In this case B will change to 
A until equilibrium (Gg = Ga) is reached [Fig. 10.15(b)]. 

The overall free energy curve for this system is shown in Fig. 10.15(c). 
Note that any mixture of A(g) and B(g) containing 1.0 mole of A plus B at a 
total pressure of 2.0 atm will react until it reaches the minimum on the curve. 
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Equilibrium Equilibrium Equilibrium 
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Here Goroducts and Greactants represent 
the sums for all products and all reac- 
tants, respectively. 


Table 10.7 


Qualitative Relationship Between 
the Change in Standard Free Energy 
and the Equilibrium Constant 

for a Given Reaction 








AG° K 
AG° =0 K= 
AG° <0 Keel 
ING ei) Ke 
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In summary, when substances undergo a chemical reaction, the reaction 
proceeds to the minimum free energy (equilibrium), which corresponds to the 


point where Gproducts = Greactants, OF 
AG = Grewtice a eae = 0 


We can now establish a quantitative relationship between free energy and 
the value of the equilibrium constant. We have seen that 


AG = AG° + RT In(Q) 


and at equilibrium AG equals 0 and O equals K. So 
AG = 0 = AG° + RT In(K) 


or AG° = —RT In(K) 


We must note the following characteristics of this very important equation: 


Case 1: AG° = 0. When AG° equals zero for a particular reaction, the free en- 
ergies of the reactants and products are equal when all components are in the 
standard states (1 atm for gases). The system is at equilibrium when the pres- 
sures of all reactants and products are 1 atm, which means that K equals 1. 


3 ; , ; 
produce re Gea) Is negative, which 


Case 2: AG° <0. In this case AG® ( 
means that 


° ° 
G products S Cr eateanes 


If a flask contains the reactants and products, all at 1 atm, the system is not at 
equilibrium. Since Ghroducts 18 less than Gteactantss the system adjusts to the right 
to reach equilibrium. In this case K is greater than 1, since the pressures of the 
products at equilibrium are greater than 1 atm and the pressures of the reac- 
tants at equilibrium are less than 1 atm. 


Case 3: AG° >.0. Since AG® (Gireduers > 
Gi casen = Gierodices 


If a flask contains the reactants and products, all at 1 atm, the system is ot at 
equilibrium. In this case the system adjusts to the left (toward the reactants, 
which have a lower free energy) to reach equilibrium. The value of K is less 
than 1, since at equilibrium the pressures of the reactants are greater than 
1 atm and the pressures of the products are less than 1 atm. 


° : soe 
Gregus positive, 


These results are summarized in Table 10.7. The value of K for a specific 
reaction can be calculated from the equation 


AG° = —RT In(K) 
as is shown in Examples 10.13 and 10.14. 





> > 
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Fraction of A reacted Fraction of A reacted 
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oe 


The units of AG, AG°, and AT In(Q) are 
all per “mole of reaction,” although the 
“per mole” is indicated only for R (as is 
customary). 





Rusted warships in Micronesia. 
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EXAMPLE 10.13 _ 





Consider the ammonia synthesis reaction 
N2(g) + 3H2(g) 2NH3(g) 


where AG®° = —33.3 kJ per mole of Nj consumed at 25°C. For each of the fol- 
lowing mixtures of reactants and products at 25°C, predict the direction in 
which the system will shift to reach equilibrium. 

a. Pyy, = 1.00 atm, Py, = 1.47 atm, and Py, = 1.00 x 107? atm 

b. Pyu, = 1.00 atm, Py, = 1.00 atm, and Py, = 1.00 atm 








Solution 


a. We can predict the direction of the shift to equilibrium by calculating the 
value of AG using the equation 


AG = AG° + RT In(Q) 


7 Px, s (1.00)? _ 5 
where O = (Py) (Px) = (1.41.00 x 102°] = 6.80 X 10 


Ti 25 273 = 298 Kk 
R = 8.3145 JK“! mol“! 
and AG*==33.3 kj/mol= —=3.33"* 10? Jimol 
Thus 
AG = (—3.33 X 104 J/mol) + (8.3145 J K~! mol7!)(298 K) In(6.80 x 10°) 
= (—3.33 X 10? J/mol) + (3.33 x 104 J/mol) = 0 





Since AG = 0, the reactants and products have the same free energies 
at the given partial pressures. The system is already at equilibrium, and no 
shift occurs. 


b. The partial pressures given here are all 1.00 atm, indicating that the system 
is in the standard state. That is, 


(1.00)? 
(1.00)(1.00)° 
= AG° + RT In(1.00) = AG° + 0 = AG® 
For this reaction at 25°C, 
AG° = —33.3 kJ/mol 


The negative value for AG° means that in their standard states the products 
have a lower free energy than the reactants. Thus the system moves to the 
right to reach equilibrium. That is, K is greater than 1. 


AG = AG° + RT In(Q) = AG° + RT In 


OWL INTERACTIVE EXAMPLE 10.14 
The overall reaction for the corrosion (rusting) of iron by oxygen is 
4Fe(s) + 302(g) == 2Fe,03(s) 


Using the following data, calculate the equilibrium constant for this reaction 
at 25°C. 





Substance AH? (kJ/mol) S° (J K~! mol!) 





Fe,O3(s) —826 90 
Fe(s) 0 27 
O,(g) 0 205 
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The units of AG, AG°, and AT In(Q) are 
all per “mole of reaction,” although the 
“oer mole” is indicated only for A (as Is 
customary). 





Solution To calculate K for this reaction, we will use the equation 
AG? = —RT \n(K) 
We must first calculate AG° from 
AG° = AH® — TAS” 
where AH? = 2AH} re,0,9) ~ 34H? fog — 440% pres) 
= 2 mol(—826 kJ/mol) — 0 — 0 
= 1652 kJ = —1.652 X10] 
AS? = 2 Ste, 350, 2 tone 
= 2 mol(90 J K~! mol!) — 3 mol(205 J K7™! mol?) 
— 4 mol(27 J K“! mol!) 


= —$43 J/K 
and T= 275 25 = 296 
Then AG’ = AH? — TAS? =(=1.652 % 10° Jh=-1298, RK) (= S43K) 
= —1.490 x 10°J 
and AG° = —RT In(K) = —1.490 x 10° J 
= —(8.3145 J K7! mol“!)(298 K) In(K) 
Thus In(K) = eae oe = 601 and K = e® 
In terms of base = 10, K=O" 


This is a very large equilibrium constant. The rusting of iron is clearly very 
favorable from a thermodynamic point of view. 


The Temperature Dependence of K 


In Chapter 6 we used Le Chatelier’s principle to predict qualitatively how the 
value of K for a given reaction would change with a change in temperature. 
Now we can specify the quantitative dependence of the equilibrium constant 
on temperature from the relationship 


AG° = —RT In(K) = AH® — TAS? 


We can rearrange this equation to give 











pee ARES AS ae (4) _ AS 


+ 
RT R Rae R 


Note that this is a linear equation of the form y = mx + b, where y = In(K), 
m = —AH’/R = slope, x = 1/T, and b = AS°/R = intercept. This means that if 
values of K for a given reaction are determined at various temperatures, a plot 
of In(K) versus 1/T will be linear, with slope -AH°/R and intercept AS°/R. This 
result assumes that both AH® and AS° are independent of temperature over the 
temperature range considered. This assumption is valid only over a relatively 
small temperature range. 

An important conclusion that can be drawn from this equation is that the 
sign of the slope of the plot of In(K) versus 1/T depends on the sign of AH? for 
the reaction. Note that an exothermic reaction (AH®° < 0) will show a positive 
slope (AH? is negative, so —AH/R is positive) for the In(K) versus 1/T plot. In 
this case In(K) will increase as 1/T increases (T decreases). Thus K increases as 
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T is decreased or, conversely, K decreases as T is increased. This is exactly the 
temperature dependence of K predicted for an exothermic reaction by Le 
Chatelier’s principle (see Section 6.8). This effect can be shown quantitatively 
by examining how the value of K for the ammonia synthesis reaction 


N3(g) + 3Ha(g) == 2NH3(g) 





depends on temperature. Figure 10.16 shows a plot of In(K) versus 1/T for this 





/ exothermic reaction (AH° = —92 kJ for the reaction as written). Note that In(K) 

: % increases as 1/T increases, meaning that K increases as T is decreased, as ex- 

-28 af — pected. Of course, the reverse applies for the equilibrium constant for an endo- 
32 i thermic reaction: The value of K increases as the temperature is increased. 

0 OG 12 18 24 Once the temperature dependence of K for a given reaction is known, this 

10° x ; relationship can be used to predict the value of K at any temperature (assuming 


AH?® is constant with T). This can be seen most easily as follows. Assuming that 
K, and Kj are the equilibrium constants for a given reaction at temperatures T, 
and T>, we can write 


Figure 10.16 
Experimental data showing the depen- 
dence of K on T (in kelvins) for the 











ammonia synthesis reaction. In this Abo ONS: 
case, as 7 decreases, K increases. In(K)) a freer tae 
RT, R 
Nid Ao 
a KS oer 


Subtracting the second equation from the first gives the combined equation: 


ba) sau ee | 
nl — |] = 
K, Re dee 
This is called the van’t Hoff equation after Dutch chemist Jacobus van’t 
Hoff. This equation can be used to calculate K at any temperature once 
AH® and K are known at a given temperature. The accuracy of this calculation 


depends on whether AH® and AS° are constant over the temperature range 
considered. 








/ EXAMPLE 10.15 _ 


The value of K, is 3.7 X 10° at 900. K for the ammonia synthesis reaction. 
Assuming the value of AH® for this reaction is — 92 kJ, calculate the value of K, 
AEOOU, K- 


Solution We use the van’t Hoff equation 
| (2) Sa 1 1 ) 
ae Ret 
where Ki =o. ~ 10%. 7, = 900. Ko and 15°=550.K. 


I Ke _ ( =92,000 J/mol ( Lea lil ) 
sae li lw J 550. 900. 


3145 —— 
HE 


Inge) nae 10 = LT X10 K (18 108 = Ti 102) 











Solving this equation gives 
In(K2) = —4.8 
K, = 8.2 X 10-3 = K, at 550. K 


Notice that the value of K, increased as the temperature decreased, as expected 
for an exothermic reaction. 
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10.12 | Free Energy and Work 


One of the main reasons we are interested in physical and chemical processes 
is that we want to use them to do work for us, and we want this work done as 
efficiently and economically as possible. We have already seen that at constant 
temperature and pressure the sign of the change in free energy tells us whether 
a given process is spontaneous. This information is very useful because it pre- 
vents us from wasting effort on a process that has no inherent tendency to oc- 
cur. Although a thermodynamically favorable chemical reaction may not occur 
to any appreciable extent at a given temperature because it is too slow, finding 
a catalyst to speed up the reaction makes sense in this case. On the other hand, 
if the reaction is prevented from occurring by its thermodynamic characteris- 
tics, we would be wasting our time looking for a catalyst. 

In addition to being important qualitatively (telling us whether a process is 
spontaneous), the change in free energy is important quantitatively because it 
can tell us how much work can be done through a given process. In fact, as we 
will show, the maximum possible useful work obtainable from a process at 
constant temperature and pressure is equal to the change in free energy: 


max 
Wraseful — AG 


This relationship explains why this function is called the free energy. Under 
certain conditions AG for a spontaneous process represents the energy that is 
free to do useful work. On the other hand, for a process that is not spontane- 
ous, the value of AG tells us the minimum amount of work that must be ex- 
pended to make the process occur. 

Recall that the maximum work would occur only along the hypothetical 
reversible pathway and is thus unattainable (although it can be approached 
closely in some situations). In any case, knowing the maximum work for a 
process is still important because then we can evaluate the efficiency of any 
machine that might be based on the process. 

We will now prove the preceding relationship between AG and w™X). 
First, we define the total work w: 


W — Wrseful a Wruseless — Wuseful 5 Wy 
PV work 


Note that PV work is related to the expansion or contraction of the system and 
is not counted as useful work. From the definition of AE, and assuming con- 
stant P and T, we have 


AE Gy t= Gece oy 
= (Git Wiser LAV, 
From the definition of enthalpy, 
H= bev 
we have AH = AE PAV 
=) tetas A AV a 
he 
= dp F Waseful 
Next, from the definition of free energy, 


Ge Haas 


10.13 Reversible and Irreversible Processes: A Summary 455 


we have 


AG = ATT TAS = Gs taser LAS 


Se 





AH 


For the reversible pathway 


max rev 


Wruseful — Wuseful and dp = Ap 
Thus for the reversible pathway 
AG = ian) pen LAS 


useful 


rev 


Ip 
and sinc Gres ale 
nd since T 
then Ge ey LAS 

So we have 


AG =TAS+w™%,-TAS or AG= wy 


useful useful 


Thus we have shown that at constant temperature and pressure the change in free 
energy for a process gives the maximum useful work available from that process. 

Let’s consider a few more points in connection with these relationships. If 
a process is carried out so that Wysefu) = 0, then the expression 


AG Ap + Wuseful — TAS 
becomes AG = q, — TAS 
And since AG = AH — TAS, we have 

AH — TAS = q, — TAS 

Me es 

This relationship between AH and q, is used frequently in thermochemical 
studies. We bring it up again to emphasize that AH = q, only at constant pres- 
sure and when no useful work is done (only PV work is allowed). This last 
condition is often neglected. 


If a process is carried out so that Wyseful IS at a Maximum (the hypothetical 
reversible pathway where AG = wWycefui), then from the expression 


AG = Ap ar Wraseful — TAS 
we have dp = TAS 


Thus gp, which is pathway-dependent, varies between AH (when wisefui = 0) 
and TAS (when Wysefu) = Wir2k,). The quantity TAS represents the minimum heat 
flow that must accompany the process under consideration. That is, TAS repre- 
sents the minimum energy that must be “wasted” through heat flow as the pro- 
cess occurs. 


In summary, at constant T and P, 


dp = AH if Wrseful = 0 


Ip = TAS if Wuseful = Wrrcetal 





10.13 | 


Reversible and Irreversible Processes: 
A Summary 


As we demonstrated in the analysis of the isothermal expansion—compression 
of an ideal gas in Section 10.2, the amount of work we actually obtain from a 
spontaneous process is always less than the maximum possible amount. 
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Figure 10.17 

A battery can do work by sending 
current to a starter motor. The battery 
can then be recharged by forcing 
Current through it. If the current flow in 
both processes is infinitesimally small, 


|w;| = |w2]. This is a reversible process. 


But if the current flow is finite, as it 
would be in any real case, |wa| > |W]. 
This is an irreversible process (the 
universe is different after the cyclic 
process occurs). All real processes are 
irreversible. 


To explore this idea more fully in a more realistic context than that of an 
ideal gas, let’s consider an electric current flowing through the starter motor of 
a car. The current is generated from a chemical change in a battery. Since we 
can calculate AG for the battery reaction, we can determine the energy avail- 
able to do work. Can we use all of this energy to do work? No, because a cur- 
rent flowing through a wire causes frictional heating, and the greater the cur- 
rent, the greater the heat. This heat represents wasted energy—it is not useful 
for running the starter motor. We can minimize this energy waste by running 
very low currents through the motor circuit. However, zero current flow would 
be necessary to eliminate frictional heating entirely, and we cannot derive any 
work from the motor if no current flows. This example shows the difficulty 
nature places us in. Using a process to do work requires that some of the en- 
ergy be wasted, and usually, the faster we run the process, the more energy we 
waste. 

Achieving the maximum work available from a spontaneous process can 
occur only via a hypothetical pathway. Any real pathway wastes energy in the 
sense that the maximum work is not obtained. If we could discharge the bat- 
tery infinitely slowly by an infinitesimally small current flow, we could achieve 
the maximum useful work. Also, if we could then recharge the battery by using 
an infinitesimally small current, exactly the same amount of energy would be 
used to return the battery to its original state as was obtained in the infinitesi- 
mally slow discharge. After we cycle the battery in this way, the universe (the 
system and surroundings) is exactly the same as it was before the cyclic pro- 
cess. Therefore this is a reversible process (Fig. 10.17). 

However, if the battery is discharged to run the starter motor and then 
recharged by using a finite current flow, as is actually the case, more work will 
always be required to recharge the battery than the battery produces as it dis- 
charges. Thus, even though the battery (the system) has returned to its original 
state, the surroundings have not because the surroundings had to furnish a net 
amount of work as the battery was cycled. The universe is different after this 
cyclic process is performed, and this process is irreversible. All real processes 
are irreversible. 

Recall that after any real cyclic process is carried out in a system, the sur- 
roundings have less ability to do work and contain more thermal energy. In 
other words, in any real cyclic process, work is changed to heat in the sur- 
roundings, and the entropy of the universe increases. This is another way of 
stating the second law of thermodynamics. 


Alternator 





i ae motor 







Battery is charged 
(energy flows into 


the be i i 
e battery) Discharge of battery 


(energy flows out of 
the battery) 


Battery 


Work (w,) flows 
to starter 


Work (w>) flows 
to battery 





When energy is used to do work, it 
becomes less organized and less 
concentrated and thus less useful. 
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Thus thermodynamics tells us the work potential of a process and then 
tells us that we can never achieve this potential. In this spirit, thermodynami- 
cist Henry Bent paraphrased the first two laws of thermodynamics as follows: 


First law: You can’t win; you can only break even. 


Second law: You can’t break even. 


The ideas we have discussed in this section are applicable to the energy 
crisis that will probably increase in severity over the next 25 years. The crisis is 
obviously not one of supply; the first law tells us that the universe contains a 
constant supply of energy. The problem is the availability of useful energy. As 
we use energy, we degrade its usefulness. For example, when gasoline reacts 
with oxygen in the combustion reaction to run our cars, the change in potential 
energy results in heat flow. Thus the energy concentrated in the bonds of the 
gasoline and oxygen molecules ends up spread over the surroundings as ther- 
mal energy, where it is much more difficult to harness for useful work. In this 
way the entropy of the universe increases: Concentrated energy becomes spread 
out—more disordered and less useful. Therefore, the crux of the energy prob- 
lem is that we are rapidly consuming the concentrated energy found in fossil 
fuels. It took millions of years to concentrate the sun’s energy in these fuels, 
which we will consume in a few hundred years. Thus we must use these energy 
sources as wisely as possible. 
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Insulation 


Figure 10.18 

An ideal gas confined in an insulated 
container with a movable piston. No 
heat flow with the surroundings can 

occur. 


Adiabatic Processes 


So far in this chapter we have focused on isothermal (constant-temperature) 
processes for ideal gases. In this section we introduce the adiabatic process—a 
process in which no energy as heat flows into or out of the system. That is, an 
adiabatic process occurs when the system is thermally isolated (insulated) from 
the surroundings. For an adiabatic process 


da 
and AE=qt+w=w 
Consider an ideal gas confined to a cylinder with a movable piston, as shown 
in Fig. 10.18. Initially, the pressure of the gas (P,,,) equals the external pressure 
(P.x:) and the piston is stationary. If Px, is decreased, the gas will expand by 


doing PV work. What will happen to the temperature of the gas? (Remember 
that g = 0.) Because the expanding gas does work on the surroundings, 


j= =P AV 
and energy flows out of the system: 
AE = w = —P.,,AV 


What is the source of this energy? In an isothermal expansion, energy as 
heat enters the system to just balance the outflow of energy as work (see Sec- 
tion 10.2). Since g = 0 for an adiabatic process, the energy to do the work 
must come from the thermal energy of the gas. That is, in an adiabatic expan- 
sion, the temperature of the gas decreases (the average kinetic energy of sample 
decreases) to furnish the energy to do the work. 

Recall that the energy of an ideal gas depends only on its temperature: 


E =nC,T 
So for an adiabatic process, 


AE =w = —P...AV = nC,AT 
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For an infinitesimal adiabatic change, 
dE = —=P..dV = nC,al 


Assume that the adiabatic expansion or compression is carried out revers- 
ibly. That is, P... is only infinitesimally different from Pas (Pext ~ Peas). Then 


nRT 





fee a Bes am 


Thus, for a reversible, adiabatic expansion—compression, we have 


nRT 








dE=nCdil Ped = —-P 0 V dV 
and aif Bl dV = nC,dT 
V 
which can be rearranged to 
C R 
dt — —gV 
ah z V 


We can derive an expression for a reversible, adiabatic change from V; to 
V, and from T; to T> by summing (integrating) the infinitesimal changes 
required: 
Vy 


Tad 1 
a2 P= -R| =v 
Gl. 7? vow 


where C, is assumed to be independent of temperature over the interval T; to 
T>. Evaluating the integrals gives 


at V V 
Gai a) =-R (=) - (#4) 
: n( In v, Rln V; 


Taking the antilog of each side, we have 


(r) - (a) 


Since C, = C, +.R, we can write 


aur ae aka 





G 
where ewe 
aie? 
a 
Thus ie — pS 
ey? 
Or ie = TVee 


Using the ideal gas law, we can also express this result in terms of pressure. 
Since in this case, 
PV Eo 


Ty qT, 





10.14 Adiabatic Processes 459 


iby ee 
ey eV 


and P, Vj = P,V3 


then 





We can use these equations to calculate the changes in various properties 
of an ideal gas undergoing a reversible, adiabatic expansion or compression. 
This is illustrated in Example 10.16. 


EXAMPLE 10.16 


Consider a sample containing 5.00 moles of a monatomic ideal gas at 25.0°C 
and an initial pressure of 10.0 atm. Suppose the external pressure is lowered to 
1.00 atm in a reversible manner. Calculate the final pressure and volume of the 
gas sample and compute the work for the process. 


Solution In this case we know the initial and final pressures, so we will use the 
equation 





PV = PY 
a) 
aR 
C2 5 
where em eS 
reek 
2 


for a monatomic gas. Thus we have 
P, vie = P,V3? 
We can calculate V, from the ideal gas law: 


atm 


mol 





(5.00 mol) (0.08206 : Jess K) 





= = 122 0 
P, 10.0 atm 


Now we can solve for V>: 


Vii3 = Pv? (10.0 atm) (12.2,)>* 
é P, 1.00 atm 


V> = 48.6 L 





Thus the final volume is 48.6 L. We can calculate the work from the 
expression 


3 
AE = w =nC,AT = .00)( 5 )(r, = 1) 


but first we must compute T) from the ideal gas law: 





T, = fats = (1.00 amlt8 St aerate 
n atm 
(5.00 mod (0.08206, = 
So 
3 J 
ANE = (6.00imol) = (08.3145 — (118 K — 298 K) = —11,200 J 
2 K mol 


Note that AE and w have negative signs because energy as work flows out of 
the system in the expansion. 
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Figure 10.19 

Comparison of the adiabatic and iso- 
thermal expansions for ideal gas 
samples in which n = 5, P; = 10.0 atm, 
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Notice for the reversible adiabatic expansion considered in Example 10.16 
that the temperature of the sample changed from 298 K to 118 K—a very dra- 
matic temperature decrease. Because of this significant temperature decrease, 
the final volume of the gas is much smaller than if the expansion were carried 
out isothermally, where the temperature would remain at 298 K. For a revers- 
ible isothermal expansion at 298 K from P; = 10.0 atm and V; = 12.2 L to 
P, = 1.00 atm, the final volume is 











V, = Fi V, - (10.0 mol)(12.2 L) = 1991 
P, 1.00 atm 
For this expansion the work is 
Vy J ) (= ) 
= = se) Sas 3145 
w nkTIn( 2) (5.00 mod( 8.3 Sy — ( ) In 23L 


~28,500 J 


As expected from the much greater volume change, the work delivered to the 
surroundings in the reversible isothermal expansion is much greater than for 
the reversible adiabatic expansion. The two types of expansions starting at 
P, = 10.0 atm and V, = 12.2 L are compared in Fig. 10.19. Note that for re- 
versible isothermal expansion 


EV = Eve 
or PV = constant 
On the other hand, for the reversible adiabatic expansion 


P,Vi = P,Vz 
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a States that the energy of the universe is constant 

= Provides a way to keep track of energy as it changes form 

= Gives no information about why a particular process occurs in a given 
direction 


Second law of thermodynamics 

= States that for any spontaneous process there is always an increase in 
the entropy of the universe 

a Entropy(S) is a thermodynamic function that describes the number of 
arrangements (positions and/or energy levels) available to a system ex- 
isting in a given state 
a AS = dee 

T 


= Nature spontaneously proceeds toward states that have the highest 
probability of occurring 


For Review 
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= Using entropy, thermodynamics can predict the direction in which a 
process will occur spontaneously: 


Sante a AS.y¢ rte Soe 


= For a spontaneous process, AS,,;y must be positive 
= For a process at constant temperature and pressure: 
a AS,,, is dominated by “positional” entropy 
# For a chemical reaction, AS,,, is dominated by changes in the num- 
ber of gaseous molecules 
w AS,..+; is determined by heat: 


ae 
surr iP 


w AS,.+; is positive for an exothermic process (AH is negative) 
a Because AS,,,, depends inversely on T, exothermicity becomes a 
more important driving force at low temperatures 
ae Thermodynamics cannot predict the rate at which a system will spon- 
taneously change; the principles of kinetics are necessary to do this 


Third law of thermodynamics 
w States that the entropy of a perfect crystal at 0 K is zero 


Free energy (G) 
a Free energy is a state function: 


Ge TTS 


a A process occurring at constant temperature and pressure is spontane- 
ous in the direction in which its free energy decreases (AG < 0) 

w For a reaction the standard free energy change (AG°) is the change in 
free energy that occurs when reactants in their standard states are con- 
verted to products in their standard states 

m The standard free energy change for a reaction can be determined from 
the standard free energies of formation (AG?) of the reactants and 
products: 


AG®° = Xn, AG*(products) — X,AG4(reactants) 
u Free energy depends on temperature and pressure: 
G=G°+RTInP 


us This relationship can be used to derive the relationship between AG° 
for a reaction and the value of its equilibrium constant K: 


AG° = —RTInK 


s For AG° =0,K=1 
ge rocaG <0,K > 1 
a For AG°>0,K<1 
a The maximum possible useful work obtainable from a process at con- 
stant temperature and pressure is equal to the change in free energy: 


Wax ras A G 


a In any real process, w << Wimax 
m When energy is used to do work in a real process, the energy of the 
universe remains constant but the usefulness of the energy decreases 
= Concentrated energy is spread out in the surroundings as thermal 
energy 
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Adiabatic process 


(g= 0) 





Discussion Questions 


wp AEF =w = —PexyAV 


» A process in which no energy as heat flows into or out of the system 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


f 


For the process A(/) — A(g), which direction is favored 
by changes in energy probability? Positional probability? 
Explain your answer. If you wanted to favor the process 
as written, would you raise or lower the temperature of 
the system? Explain. 


. For a liquid, which would you expect to be larger: 


(NS fasten or NSevaporaton® Why? 


. Gas A) reacts with gas B, to form gas AB at constant 


temperature. The bond energy of AB is much greater 
than that of either reactant. What can be said about the 
sign of AH? AS,..,? AS? Explain how potential energy 
changes for this process. Explain how random kinetic 
energy changes during the process. 


. What types of experiments can be carried out to deter- 


mine if a reaction is spontaneous? Does spontaneity have 
any relationship to the final equilibrium position of a 
reaction? Explain. 


. A friend tells you “Free energy G and pressure P are di- 


rectly related by the equation G = G° + RT In(P). Also, 
G is related to the equilibrium constant K in that when 
Gproducts = Greactantss the system is at equilibrium. There- 
fore it must be true that a system is at equilibrium when 
all pressures are equal.” Do you agree with this friend? 
Explain. 


Exercises 


10. 


Lil 


. You remember that AG° is related to RT In(K) but can’t 


remember if it is RT In(K) or —RT In(K). Realizing what 
AG° and K mean, how can you figure out the correct 
sign? 


. Predict the sign of AS for each of the following and 


explain. 

a. the evaporation of alcohol 

b. the freezing of water 

c. compressing an ideal gas at constant temperature 
d. heating an ideal gas at constant pressure 

e. dissolving NaCl in water 


. Which is larger: AS at constant pressure or AS at con- 


stant volume? Provide a conceptual rationale. 


. Is AS ur favorable or unfavorable for exothermic reac- 


tions? endothermic reactions? Explain. 


At 1 atm, liquid water is heated above 100°C. For this 
process which of the following choices (i-iv) is correct 
for AS,urr? AS? ASyniy? Explain each answer. 

i. greater than zero 

ii. less than zero 
ili. equal to zero 
iv. cannot be determined 


High temperatures are favorable to a reaction kinetically 
but may be unfavorable to a reaction thermodynami- 
cally. Explain. 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Spontaneity and Entropy 


I, 


iN 


Define the following. 


a. spontaneous process d. system 
b. entropy e. surroundings 
c. positional probability f. universe 


Table 10.1 shows the possible arrangements of four mol- 
ecules in a two-bulbed flask. What are the possible ar- 
rangements if there is one molecule in this two-bulbed 
flask or two molecules or three molecules? For each, 
what arrangement is most likely? 


14. 


Consider the following illustration of six molecules of 
gas in a two-bulbed flask 





a. What is the most likely arrangement of molecules? 
How many microstates are there for this 
arrangement? 

b. Determine the probability of finding the gas in its 
most likely arrangement. 


1Se 


16. 


18. 


19. 


20. 


dpe 


Consider the following energy levels, each capable of 
holding two objects: 


E=2kJ 
E=1kJ 
[g= XX 


Draw all the possible arrangements of the two identical 
particles (represented by X) in the three energy levels. 
What total energy is most likely, that is, occurs the great- 
est number of times? Assume that the particles are indis- 
tinguishable from each other. 


Do Exercise 15 with two particles A and B that can be 
distinguished from each other. 


. Which of the following processes require energy as they 


occur? 

a. Salt dissolves in H,O. 

b. A clear solution becomes a uniform color after a few 
drops of dye are added. 

A cell produces proteins from amino acids. 

. Iron rusts. 

A house is built. 

A satellite is launched into orbit. 

A satellite falls back to earth. 


OSs tes Spaeika © 


Which of the following involve an increase in the en- 
tropy of the system under consideration? 

a. melting of a solid e. mixing 

b. evaporation of a liquid f. separation 

c. sublimation g. diffusion 

d. freezing 

Describe how the following changes affect the positional 
probability of a substance. 

a. increase in volume of a gas at constant T 

b. increase in temperature of a gas at constant V 

c. increase in pressure of a gas at constant T 


Choose the substance with the larger positional proba- 
bility in each case. 
a. 1 mole of H; (at STP) or 1 mole of H) (at 100°C, 
0.5 atm) 
b. 1 mole of N> (at STP) or 1 mole of N> (at 100 K, 
2.0 atm) 
c. 1 mole of H,O(s) (at 0°C) or 1 mole of H,O(/) 
(at 20°C) 


_ In the roll of two dice, what total number is the most 


likely to occur? Is there an energy reason why this num- 
ber is favored? Would energy have to be spent to in- 
crease the probability of getting a particular number 
(that is, to cheat)? 


Entropy can be calculated by a relationship proposed by 
Ludwig Boltzmann: 


S=kpglnQ 


where kg = 1.38 X 10-3 J/K and Q is the number of 
ways a particular state can be obtained. (This equation is 
engraved on Boltzmann’s tombstone.) Calculate S for 
the three arrangements of particles in Table 10.1. 
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Energy, Enthalpy, and Entropy Changes Involving 
ideal Gases and Physical Changes 


23) 


24. 


he 
n 


26. 


28. 


Calculate the energy required to change the temperature 
of 1.00 kg of ethane (C,H) from 25.0°C to 73.4°C in a 
rigid vessel. (C, for C,H¢ is 44.60 J K~! mol7!.) Calcu- 
late the energy required for this same temperature change 
at constant pressure. Calculate the change in internal en- 
ergy of the gas in each of these processes. 


For nitrogen gas the values of C, and C, at 25°C are 
20.8 J K7! mol"! and 29.1 J K~! mol“, respectively. 
When a sample of nitrogen is heated at constant pres- 
sure, what fraction of the energy is used to increase the 
internal energy of the gas? How is the remainder of the 
energy used? How much energy is required to raise the 
temperature of 100.0 g N) from 25.0°C to 85.0°C in a 
vessel having a constant volume? 


. Consider a rigid, insulated box containing 0.400 mole of 


He(g) at 20.0°C and 1.00 atm in one compartment and 
0.600 mole of N2(g) at 100.0°C and 2.00 atm in the other 
compartment. These compartments are connected by a 
partition that transmits heat. What is the final tempera- 
ture in the box at thermal equilibrium? [For He(g), 
C, = 12.5 JK™ mol“; for N2(g), C, = 20.7 JK71 mol"}.] 
One mole of an ideal gas is contained in a cylinder with 
a movable piston. The temperature is constant at 77°C. 
Weights are removed suddenly from the piston to give 
the following sequence of three pressures: 

a. P,; = 5.00 atm (initial state) 

b. P, = 2.24 atm 

c. P; = 1.00 atm (final state) 


What is the total work (in joules) in going from the ini- 
tial to the final state by way of the preceding two steps? 
What would be the total work if the process were carried 
out reversibly? 


7. One mole of an ideal gas with a volume of 1.0 L and a 


pressure of 5.0 atm is allowed to expand isothermally into 
an evacuated bulb to give a total volume of 2.0 L. Calcu- 
late w and q. Also calculate q,e, for this change of state. 


A cylinder with an initial volume of 10.0 L is fitted with 
a frictionless piston and is filled with 1.00 mole of an 
ideal gas at 25°C. Assume that the surroundings are 
large enough so that if heat is withdrawn from or added 
to it, the temperature does not change. 

a. The gas expands isothermally and reversibly from 
10.0 L to 20.0 L. Calculate the work and the heat. 

b. The gas expands isothermally and irreversibly from 
10.0 L to 20.0 L as the external pressure changes 
instantaneously from 2.46 atm to 1.23 atm. Calcu- 
late the work and the heat. 


29. The molar heat capacities for carbon dioxide at 298.0 K 


are 
Cy = 28.95] Knol = 
C, = 37.27 JK“! mol"! 


The molar entropy of carbon dioxide gas at 298.0 K and 

1.000 atm is 213.64 J K7! mol"!. 

a. Calculate the energy required to change the tempera- 
ture of 1.000 mole of carbon dioxide gas from 
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298.0 K to 350.0 K, both at constant volume and at 
constant pressure. 

b. Calculate the molar entropy of CO2(g) at 350.0 K 
and 1.000 atm. 

c. Calculate the molar entropy of CO(g) at 350.0 K 
and 1.174 atm. 


The molar entropy of helium gas at 25°C and 1.00 atm 
is 126.1 J K~! mol~!. Assuming ideal behavior, calculate 
the entropy of the following. 

a. 0.100 mole of He(g) at 25°C and a volume of 5.00 L 
b. 3.00 moles of He(g) at 25°C and a volume of 3000.0 L 


Consider the process 


A(!) —> A(g) 
To ‘ssc 

which is carried out at constant pressure. The total 
AS for this process is known to be 75.0 J K~! mol7!. For 
A(l) and A(g), the C, values are 75.0 J K~! mol”! and 
29.0 J K~! mol, respectively, and are not dependent on 
temperature. Calculate AH vaporization for A(/) at 125°C (its 
boiling point). 

A sample of ice weighing 18.02 g, initially at —30.0°C, is 
heated to 140.0°C at a constant pressure of 1.00 atm. Cal- 
culate g, w, AE, AH, and AS for this process. The molar 
heat capacities (C,) for solid, liquid, and gaseous water— 
Se M0l* 475.9). K- mols, and 36.4 | K aamol:, 
respectively—are assumed to be temperature-independent. 
The enthalpies of fusion and vaporization are 6.01 kJ/mol 
and 40.7 kJ/mol, respectively. Assume ideal gas behavior. 


Calculate the entropy change for a process in which 
3.00 moles of liquid water at 0°C is mixed with 1.00 mole 
of water at 100.°C in a perfectly insulated container. (As- 
sume that the molar heat capacity of water is constant at 
Tmo) eel a) 

Calculate the change in entropy that occurs when 
18.02 g of ice at —10.0°C is placed in 54.05 g of water 
at 100.0°C in a perfectly insulated vessel. Assume that 
the molar heat capacities for H,O(s) and H,O(/) are 
37.5 \K + mol and 75.3] K * mol, respectively, and 
the molar enthalpy of fusion for ice is 6.01 kJ/mol. 


Entropy and the Second Law of Thermodynamics: 
Free Energy 


3131 


36. 


The synthesis of glucose directly from CO, and H;O and 
the synthesis of proteins directly from amino acids are 
both nonspontaneous processes under standard condi- 
tions. Yet these processes must occur for life to exist. In 
light of the second law of thermodynamics, how can life 
exist? 


A green plant synthesizes glucose by photosynthesis as 
shown in the reaction 


6CO)(g) ca 6H,O(/) ——> C6Hy2O¢(s) ST 60)(g) 
Animals use glucose as a source of energy: 
C6H120¢(s) + 602(g) —> 6CO2(g) + 6H20(/) 


If we were to assume that both of these processes occur 
to the same extent in a cyclic process, what thermody- 
namic property must have a nonzero value? 


38. 
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What determines ASwur, for a process? To calculate AS ur: 
at constant pressure and temperature, we use the follow- 
ing equation: AS,.,, = —AH/T. Why does a minus sign 
appear in the equation, and why is AS,.,, inversely pro- 
portional to temperature? 


Predict the sign of AS,,,, for the following processes. 
a. H,O(!) —> H,O(g) 
b.: hig) ==>, lels) 
Calculate AS,,,, for the following reactions at 25°C and 
Pati 
a. C3Hs(g) + 5O2(g) —> 3COz(g) + 4H,O(1) 
AH? = —2221 kJ 


b. 2NO,(g) ——> 2NO(g) + On(g) AH? = 112 kJ 


For each of the following pairs of substances, which sub- 
stance has the greater value of S° at 25°C and 1 atm? 
Ceraphite\S) or Cgiamond($) 

. C,H;OH(/) or CzH;OH(g) 

. CO ,(s) or COz(g) 

_ N,0(g) or He(g) 

. HF(g) or HCl(g) 


Predict the sign of AS° for each of the following changes. 


O Cu G ior ® 





. AgCl(s) —~> Ag*(aq) + Cl-(aq) 

2H,(g) + O2(g) —> 2H20(/) 

a Nasi $Cla(g) ——— NAGI S} 

HCl(g) —~ H*(aq) + Cl (aq) 

KBr(s) —~> K*(aq) + Br (aq) 

Predict the sign of AS° and then calculate AS° for each of 
the following reactions. 

a. 2H2S(g) a $O3(g) camer SS thombie(S) as 2H30(g) 
bi62SO3(2) => 2502) -- Onle) 

c. Fe2O3(s) + 3Ho(g) ——~ 2Fe(s) + 3H2O(g) 


Fg? ier (eh oe 


. For the reaction 


C,Hp(g) + 4F2(g) —> 2CF,(g) + Ah/(g) 
AS® is equal to —358 J/K. Use this value and data from 
Appendix 4 to calculate the value of S° for CF4(g). 


Using Appendix 4 and the following data, determine S° 
for Fe(CO);(g). 


Fe(s) + SCO(g) —> Fe(CO);(g) AS? =? 
Fe(CO);(2) —> Fe(CO);(g) AS° = 107 J/K 
Fe(s) + SCO(g) —> Fe(CO);(/) AS? == 677 JiK 


. For the reaction 


2Al(s) + 3Br2(/) —~ 2AIBr;3(s) 


AS® is equal to —144 J/K. Use this value and data from 
Appendix 4 to calculate the value of S° for solid alumi- 
num bromide. 


Ethanethiol (C,HsSH; also called ethyl mercaptan) is 
commonly added to natural gas to provide the “rotten 
egg” smell of a gas leak. The boiling point of ethanethiol 
is 35°C and its heat of vaporization is 27.5 kJ/mol. What 
is the entropy of vaporization for this substance? 


47. 
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For mercury at 1 atm, the enthalpy of vaporization is 
58.51 kJ/mol and the entropy of vaporization is 92.92 J 
K~! mol~!. What is the boiling point of mercury? 


The enthalpy of vaporization of ethanol is 38.7 kJ/mol at 
its boiling point (78°C). Determine ASsysy) ASsurs and 
ASuniv When 1.00 mole of ethanol is vaporized at 78°C 
and 1.00 atm. 


For ammonia (NH3) the enthalpy of fusion is 5.65 kJ/mol, 
and the entropy of fusion is 28.9 J K~! mol}. 

a. Will NH;(s) spontaneously melt at 200. K? 

b. What is the approximate melting point of ammonia? 


It is quite common for a solid to change from one struc- 

ture to another at a temperature below its melting point. 

For example, sulfur undergoes a phase change from the 

rhombic crystal structure to the monoclinic crystal form 

at temperatures above 95°C. 

a. Predict the signs of AH and AS for the process 
shame [aa Denonocianes 

b. Which form of sulfur has the more ordered crystal- 
line structure (has the smaller positional probability)? 


. As O3(/) is cooled at 1 atm, it freezes at 54.5 K to form 


solid I. At a lower temperature, solid I rearranges to 
solid I, which has a different crystal structure. Thermal 
measurements show that AH for the I —-~ II phase 
transition is —743.1 J/mol, and AS for the same transi- 
tion is —17.0 J K~! mol~!. At what temperature are sol- 
ids I and II in equilibrium? 


Free Energy and Chemical Reactions 
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From data in Appendix 4, calculate AH°, AS°, and AG® 

for each of the following reactions at 25°C. 

a. CHa(g) + 202(g) —~> CO2(g) + 2H2O(g) 

b. 6CO2(g) “F 6H>0(/) SSD Ce6H120¢(s) a6 602(g) 
Glucose 

c. PsOj0(s) + 6H2O(/) —~> 4H3PO4(s) 

d. HCl(g) + NH3(g) ——~ NH,Cl(s) 


. The value of AG® for the reaction 


2CsHj0(g) ig 1302(g) ee 8CO2(g) ale 10H,O(/) 


is —5490. kJ. Use this value and data from Appendix 4 
to calculate the standard free energy of formation for 
C4Ai0(g). 

Of the functions AH°, AS°, and AG°, which depends 
most strongly on temperature? When AG* is calculated 
at temperatures other than 25°C, what assumptions are 
generally made concerning AH® and AS°? 


. For the reaction at 298 K, 


2NO,(g) == N204(g) 


the values of AH® and AS° are — 58.03 kJ and —176.6 J/K, 
respectively. What is the value of AG® at 298 K? Assum- 
ing that AH° and AS° do not depend on temperature, at 
what temperature is AG° = 0? Is AG® negative above or 
below this temperature? 


Acrylonitrile is the starting material used in the manufac- 
ture of acrylic fibers (U.S. annual production capacity is 
more than 2 million pounds). Three industrial processes 
for the production of acrylonitrile are given below. Us- 


58. 


nea 


60. 
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ing data from Appendix 4, calculate AS°, AH°, and AG° 
for each process. For part a, assume that T = 25°C; for 
part b, T = 70.°C; and for part c, T = 700.°C. Assume 
that AH® and AS° do not depend on temperature. 


. CH,—CH,(g) + HCN 
ey 2(g) CN(g) 


Ethylene oxide 


—> CH,=CHCN(g) + H,0(/) 
Acrylonitrile 
CaCl, - HC 


| 
—_—; CH, =CHCN(g) 


b. HC=CH(g) + HCN(g) 70°C-90°C 


c. 4CH,—CHCH;(g) + 6NO(g) 


700°C 


img! 4CH,=CHCN(g) + 6H2O0(g) + Na(g) 


. Consider the reaction 


2POCI;(g) —> 2PCl3(g) + O2(g) 


a. Calculate AG® for this reaction. The AG? values 
for POCI3(g) and PCl;(g) are —502 kJ/mol and 
—270. kJ/mol, respectively. 

b. Is this reaction spontaneous under standard condi- 
tions at 298 K? 

c. The value of AS° for this reaction is 179 J/K. At 
what temperatures is this reaction spontaneous at 
standard conditions? Assume that AH® and AS° do 
not depend on temperature. 


Consider two reactions for the production of ethanol: 
C,H,(g) + H,O(g) —~ CH3CH,OH(/) 
C)He(g) + H:O(g) —> CH;CH,OH()) + Hol(g) 
Which would be more thermodynamically feasible? 


Why? Assume standard conditions and assume that AH° 
and AS° are temperature-independent. 


Using data from Appendix 4, calculate AH°, AS°, and 
AG*° for the following reactions that produce acetic acid: 


O 
| 

CH,(g) + CO.(g) —> CH;C—OH(I) 
1 

CH;OH(g) + CO(g) —> CH;C—OH(/) 


Which reaction would you choose as a commercial 
method for producing acetic acid (CH;CO2H)? What 
temperature conditions would you choose for the reac- 
tion? Assume standard conditions and assume that AH® 
and AS° are temperature-independent. 


Given the following data: 


2C6H,() + 1502(g) —> 12CO2(g) + 6H,O()) 


AG° = —6399 kJ 
C(s) + Ox(g) —~ COz/(g) AG? = —394 kJ 
H,(g) + 302(g) —> H,0()) AG? = -237 kJ 


calculate AG° for the reaction 


6C(s) + 3H2(g) —> CeHg(!) 
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When most biological enzymes are heated, they lose their 69. 


catalytic activity. The change 
Original enzyme ——> new form 


that occurs upon heating is endothermic and spontane- 
ous. Is the structure of the original enzyme or its new 
form more ordered (has the smaller positional probabil- 
ity)? Explain your answer. 


For the reaction 
20(g) —> O2/(g) 


a. predict the signs of AH and AS. 
b. would the reaction be more spontaneous at high or 
low temperatures? 


Hydrogen cyanide is produced industrially by the fol- 
lowing exothermic reaction: 


2NH3(g) + 3O2(g) + 2CHa(g) 

1000°C 

——> 2HCN(g) + 6H20(s) 
Is the high temperature needed for thermodynamic or for 
kinetic reasons? 


Free Energy: Pressure Dependence and Equilibrium 
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A reaction at constant T and P is spontaneous as long as 
AG is negative; that is, reactions always proceed as long 
as the products have a lower free energy than the reac- 


tants. What is so special about equilibrium? Why don’t 72, 


reactions move away from equilibrium? 

AG predicts spontaneity for a reaction at constant T and 
P, whereas AG° predicts the equilibrium position. Explain 
what this statement means. Under what conditions can 
you use AG*® to determine the spontaneity of a reaction? 


Using thermodynamic data from Appendix 4, calculate 
AG* at 25°C for the process 


2SO2(g) + O2(g) —> 2SO3(g) 


where all gases are at 1.00 atm pressure. Also calculate TA 


AG® at 25°C for this same reaction but with all gases at 
10.0 atm pressure. 


Consider the reaction 
2NO2(g) == N204(g) 


For each of the following mixtures of reactants and 
products at 25°C, predict the direction in which the reac- 
tion will shift to reach equilibrium. Use thermodynamic 
data in Appendix 4. 

a. Pyo, = Pyoo, = 1.0 atm 

b. Pyo, = 0.21 atm, PNCO, = 0.50 atm 

c. Pyo, = 0.29 atm, Py,o, = 1.6 atm 


Using data from Appendix 4, calculate AG for the 
reaction 


2H,S(g) + SO2(g) == 3S(s) + 2H,O(g) 
for the following conditions at 25°C: 
Py,s = 1.0 X 1074 atm 
Pso, = 1.0. < 1052 atm 
Pio = 3.0 X 107>* atm 


70. 
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Using data from Appendix 4, calculate AH®, AS°, and K 
(at 298 K) for the synthesis of ammonia by the Haber 
process: 


No(g) + 3H2(g) == 2NH3(g) 


Calculate AG for this reaction under the following con- 
ditions (assume an uncertainty of +1 in all quantities): 
a. T = 298 K, Py, = Py, = 200 atm, Pyy, = 50 atm 
b. T = 298 K, Py, = 200 atm, Py, = 600 atm, 

Pyu, = 200 atm 
c. T= 100K, Py, = 50 atm, Py, = 200 atm, 

Pyu, = 10 atm 
d. T= 700 K, Py, = 50 atm, Py, = 200 atm, 

Pyy, = 10 atm 
Assume that AH° and AS° do not depend on temperature. 
One of the reactions that destroys ozone in the upper 
atmosphere is 


NO(g) + O3(g) == NOz(g) + O2(g) 
Using data from Appendix 4, calculate AG° and K (at 
298 K) for this reaction. 


Hydrogen sulfide can be removed from natural gas by 
the reaction 


2H,S(g) + SO2(g) == 3S(s) + 2HO(g) 
Calculate AG° and K (at 298 K) for this reaction. Would 
this reaction be favored at a high or low temperature? 
Consider the autoionization of water at 25°C: 
H,0()) —= H+(aq) + OH-(aq) Ky = 1.00 x 1074 


a. Calculate AG® for this process at 25°C. 
b. At 40.°C, K, = 2.92 X 10-**. Calculate AG° at 
40.°C. 


. How can one estimate the value of K at temperatures 


other than 25°C for a reaction? How can one estimate 
the temperature where K = 1 fora reaction? Do all reac- 
tions have a specific temperature where K = 1? 

The standard free energies of formation and the stan- 
dard enthalpies of formation at 298 K for difluoroacety- 
lene (C,F) and hexafluorobenzene (C,F«) are 


AG# (kJ/mol) AH? (kJ/mol) 
C3F>(g) ID 241.3 
CoF¢(g) 78.2 132.8 
For the following reaction: 
C.F.(g) === 3C,F,(g) 


. calculate AS° at 298 K. 

b. calculate K at 298 K. 

c. estimate K at 3000. K, assuming AH® and AS° do not 
depend on temperature. 


~ 


Consider the reaction 
Fe,O3(s) + 3H2(g) ——> 2Fe(s) + 3H,0(g) 


Assuming AH® and AS° do not depend on temperature, 
calculate the temperature where K = 1.00 for this 
reaction. 
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The Ostwald process for the commercial production of 
nitric acid involves three steps: 


P 
4NH43(g) + 5O2(g) => 4NO(g) + 6H20(g) 


2NO(g) + O2(g) ———> 2NO0,(g) 
3NO,(g) + H,O(!) ———> 2HNO(I) + NO(g) 


a. Calculate AH®°, AS°, AG®, and K (at 298 K) for each 
of the three steps in the Ostwald process (see 
Appendix 4). 

b. Calculate the equilibrium constant for the first 
step at 825°C. Assume that AH® and AS? are 
temperature-independent. 

c. Is there a thermodynamic reason for the high temper- 
ature in the first step assuming standard conditions? 


. Consider the following reaction at 800. K: 


N2(g) + 3F2(g) —> 2NF;(g) 


An equilibrium mixture contains the following partial 
pressures: Py, = 0.021 atm, Pr, = 0.063 atm, and Pyp, = 
0.48 atm. Calculate AG® for the reaction at 800. K. 


Consider the following reaction at 298 K: 
2SO2(g) + O2(g) —> 2S03(g) 


An equilibrium mixture contains O2(g) and SO;(g) at 
partial pressures of 0.50 atm and 2.0 atm, respectively. 
Using data from Appendix 4, determine the equilibrium 
partial pressure of SO) in the mixture. Will this reaction 
be most favored at a high or a low temperature, assum- 
ing standard conditions? 


For the reaction 
Alig) a 2Blg) i= Clg) 


the initial partial pressures of gases A, B, and C are all 
0.100 atm. Once equilibrium has been established, it is 
found that [C] = 0.040 atm. What is AG® for this reac- 
tion at 25°C? 


Consider the following diagram of free energy (G) versus 
fraction of A reacted in terms of moles for the reaction 
2A(g) — B(g). 





1.00 


0.67 
Fraction of A reacted 


0 0.33 


Before any A has reacted, P, = 3.0 atm and Px, = 0. Deter- 
mine the sign of AG° and the value of K for this reaction. 


Calculate AG° for H,O(g) + $O2(g) == H2Or(g) at 
600. K, using the following data: 

H)(g) + Ox(g) == H2Or(g) K = 2.3 x 10° at 600. K 
2H(g) + Oo(g) == 2H2,O(g) K = 1.8 x 10°” at 600. K 
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82. Cells use the hydrolysis of adenosine triphosphate, ab- 


83. 


84. 


85. 


86. 


breviated ATP, as a source of energy. Symbolically, this 
reaction can be represented as 


ATP(aq) + H,O(/) —> ADP(aq) + H,PO4" (aq) 


where ADP represents adenosine diphosphate. For this 

reaction AG° = —30.5 kJ/mol. 

ae Calculate K at:25°G; 

b. If all the free energy from the metabolism of glucose 
C6H420¢(s) ote 602(g) 4 6CO,(g) ae 6H,O(/) 


goes into the production of ATP, how many ATP 
molecules can be produced for every molecule of 
glucose? 


Carbon monoxide is toxic because it bonds much more 
strongly to the iron in hemoglobin (Hgb) than does O). 
Consider the following reactions and approximate stan- 
dard free energy changes: 


Hgb + O, —> HgbO, AG° = -70 kJ 
Hgb + CO — > HgbCO AG°=-—80kJ 


Using these data, estimate the equilibrium constant value 
at 25°C for the following reaction: 


HgbO, + CO == HgbCO + O, 


One reaction that occurs in human metabolism is 
HO,CCH,CH2,CHCO;H (aq) + NH3(aq) —— 
NH 
Glutamic acid 
O 
HyNCCH)CH,CHCO,Hiaq) + H,0(/) 
NH 


Glutamine 


For this reaction AG° = 14 kJ at 25°C. 

a. Calculate K for this reaction at 25°C. 

b. In a living cell this reaction is coupled with the 
hydrolysis of ATP. (See Exercise 82.) Calculate AG® 
and K at 25°C for the following reaction: 


Glutamic acid(aq) + ATP(aq) + NH3;(aq) 
== Glutamine(aq) + ADP(aq) + H2PO, (aq) 


At 25.0°C, for the reaction 
2NO,(g) == N20,(g) 


the values of AH° and AS° are —58.03 kJ/mol and 
—176.6 J K"! mol“, respectively. Calculate the value 
of K at 25.0°C. Assuming AH® and AS° are temperature- 
independent, estimate the value of K at 100.0°C. 


Consider the relationship 
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The equilibrium constant for some hypothetical process 
was determined as a function of temperature (in kelvins) 
with the results plotted below. 
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From the plot, determine the values of AH®° and AS° for 
this process. What would be the major difference in the 
In(K) versus 1/T plot for an endothermic process as com- 
pared to an exothermic process? 


a. Use the equation in Exercise 86 to determine AH® 
and AS° for the autoionization of water: 


ELOOi—— Hi(aq) OE (aq) 


T (°C) K 
0 1.14 x 1071 
25 1.00 x 10-14 
35 2.09 x 10-44 
40. 2.92 x 10-4 
50. 5.47 x 10714 


b. Estimate the value of AG® for the autoionization of 
water at its critical temperature, 374°C. 


The equilibrium constant K for the reaction 
2Clig) == Clh(g) 


was measured as a function of temperature (in kelvins). 
A graph of In(K) versus 1/T for this reaction gives a 
straight line with a slope of 1.352 X 10* K and a y inter- 
cept of —14.51. Determine the values of AH® and AS? for 
this reaction. (See Exercise 86.) 


Additional Exercises 


89. 


The equilibrium constant for a certain reaction decreases 
from 8.84 to 3.25 x 10-* when the temperature in- 
creases from 25°C to 75°C. Estimate the temperature 
where K = 1.00 for this reaction. Estimate the value of 
AS° for this reaction. (Hint: Manipulate the equation 
given in Exercise 86.) 


Adiabatic Processes 


90. 


Ne 
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A sample of a monatomic ideal gas at 1.00 atm and 25°C 
expands adiabatically and reversibly from 5.00 L to 
12.5 L. Calculate the final temperature and pressure of 
the gas, the work associated with this process, and the 
change in internal energy. 


A sample of 1.75 moles of H; (C, = 20.5 J K~! mol!) at 
21°C and 1.50 atm undergoes a reversible adiabatic com- 
pression until the final pressure is 4.50 atm. Calculate the 
final volume of the gas sample and the work associated 
with this process. Assume that the gas behaves ideally. 


A 1.50-mole sample of an ideal gas is allowed to expand 
adiabatically and reversibly to twice its original volume. 
In the expansion the temperature dropped from 296 K to 
239 K. Calculate AE and AH for the gas expansion. 


Consider 1.00 mole of CO2(g) at 300. K and 5.00 atm. 

The gas expands until the final pressure is 1.00 atm. For 

each of the following conditions describing the expan- 

sion, calculate g, w, and AE. C, for CO) is 37.1 J K~! 

mol!, and assume that the gas behaves ideally. 

a. The expansion occurs isothermally and reversibly. 

b. The expansion occurs isothermally against a con- 
stant external pressure of 1.00 atm. 

c. The expansion occurs adiabatically and reversibly. 


Consider 1.00 mole of CO2(g) at 300. K and 5.00 atm. 

The gas expands until the final pressure is 1.00 atm. For 

each of the following conditions describing the expansion, 

calculate AS, AS.unr, and ASyniv. Cp for CO2 is 37.1 JK“ 

mol~!, and assume that the gas behaves ideally. 

a. The expansion occurs isothermally and reversibly. 

b. The expansion occurs isothermally against a con- 
stant external pressure of 1.00 atm. 

c. The expansion occurs adiabatically and reversibly. 
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Monochloroethane (C,HsCl) can be produced by the di- 
rect reaction of ethane gas (C,H¢) with chlorine gas or 
by the reaction of ethylene gas (C,H4) with hydrogen 
chloride gas. The second reaction gives almost a 100% 
yield of pure C)HsCl at a rapid rate without catalysis. 
The first method requires light as an energy source or the 
reaction would not occur. Yet AG® for the first reaction 
is considerably more negative than AG° for the second 
reaction. Explain how this can be so. 


Given the following illustration, what can be said about 
the sign of AS for the process of solid NaCl dissolving in 
water? What can be said for AH about this process? 






| NaCl(s) 
dissolves 
| 
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Some water is placed in a coffee cup calorimeter. When 
1.0 g of an ionic solid is added, the temperature of the 
solution increases from 21.5°C to 24.2°C as the solid dis- 
solves. For the dissolving process, what are the signs for 
ASS AS ah and Aine 


Entropy has been described as “time’s arrow.” Interpret 
this view of entropy. 


Discuss the relationship between wax and the magni- 
tude and sign of the free energy change for a reaction. 
Also discuss Wmax for real processes. 


Human DNA contains almost twice as much information 
as is needed to code for all the substances produced in the 
body. Likewise, the digital data sent from Voyager 2 con- 
tain one redundant bit out of every two bits of informa- 
tion. The Hubble space telescope transmits three redun- 
dant bits for every bit of information. How is entropy 
related to the transmission of information? What do you 
think is accomplished by having so many redundant bits 
of information in both DNA and the space probes? 


The enthalpy of vaporization of chloroform (CHCI,) is 
31.4 kJ/mol at its boiling point (61.7°C). Determine 
AS.) ASgurrs aNd ASyniy When 1.00 mole of chloroform is 
vaporized at 61.7°C and 1.00 atm. 


. Two crystalline forms of white phosphorus are known. 


Both forms contain Ps molecules, but the molecules are 
packed together in different ways. The a form is always 
obtained when the liquid freezes. However, below 
—76.9°C, the a form spontaneously converts to the B 
form: 


P4(s, a) ——> P,(s, B) 


a. Predict the signs of AH and AS for this process. 

b. Predict which form of phosphorus has the more 
ordered crystalline structure (has the smaller posi- 
tional probability). 


In the text the equation 
AG = AG? + RT In(Q) 


was derived for gaseous reactions where the quantities in 
O were expressed in units of pressure. We also can use 
units of mol/L for the quantities in O—specifically for 
aqueous reactions. With this in mind, consider the 
reaction 


HF(aq) == H*(aq) + F (aq) 


for which K, = 7.2 X 1074 at 25°C. Calculate AG for 
the reaction under the following conditions at 25°C: 

a. [HF] = [H*] = [F-] = 1.0 M 

b. [HF] = 0.98 M, [H*] = [F-] = 2.7 x 10°? M 

c. [HF] = [H*] = [F-] =1.0 x 10° M 

d. [HF] = [F-] = 0.27 M, [H+] = 7.2 x 10-*M 

e. [HF] = 0.52 M, [F-] = 0.67 M, [H*] = 1.0 x 10-3 M 
Based on the calculated AG values, in which direction 
will the reaction shift to reach equilibrium for each of 
the five sets of conditions? 


Many biochemical reactions that occur in cells require 
relatively high concentrations of potassium ion (K*). The 
concentration of K* in muscle cells is about 0.15 M. The 
concentration of K* in blood plasma is about 0.0050 M. 
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The high internal concentration in cells is maintained by 
pumping K* from the plasma. How much work must be 
done to transport 1.0 mole of Kt from the blood to the 
inside of a muscle cell at 37°C (normal body tempera- 
ture)? When 1.0 mole of K* is transferred from blood to 
the cells, do any other ions have to be transported? Why 
or why not? Much of the ATP (see Exercise 82) formed 
from metabolic processes is used to provide energy for 
transport of cellular components. How much ATP must 
be hydrolyzed to provide the energy for the transport of 
1.0 mole of K*? 


Consider the following system at equilibrium at 25°C: 
PCl3(g) + Cl(g) == PCl;(g) AG® = —92.50 kJ 


What will happen to the ratio of partial pressure of PCI; 
to partial pressure of PCI, if the temperature is raised? 
Explain completely. 


Consider the reaction 
H)(g) + Bro(g) == 2HBr(g) 


where AH° = —103.8 kJ. In a particular experiment, 
1.00 atm of H2(g) and 1.00 atm of Br2(g) were mixed in 
a 1.00-L flask at 25°C and allowed to reach equilibrium. 
Then the molecules of H) were counted by using a very 
sensitive technique, and 1.10 X 10! molecules were 
found. For this reaction, calculate the values of K, AG®, 
and AS°. 


At 1500 K the process 


L(g) = + 21(g) 


10 atm 10 atm 


is not spontaneous. However, the process 


L(g) e218) 


0.10 atm 0.10 atm 


is spontaneous at 1500 K. Explain. 

Using the following data, calculate the value of K,, for 
Ba(NO3),, one of the least soluble of the common nitrate 
salts. 


Species AG? 

Ba** (aq) —561 kJ/mol 
NO3- (aq) ~109 kJ/mol 
Ba(NO3)>(s) —797 kJ/mol 


Sodium chloride is added to water (at 25°C) until it is satu- 
rated. Calculate the Cl” concentration in such a solution. 





Species AG*(kJ/mol) 
NaCl(s) —384 
Na*(aq) 3262 
Cl (aq) = 11311 


What is the pH of a 0.125 M solution of the weak base 
B if AH° = —28.0 kJ and AS° = —175 J/K for the follow- 
ing equilibrium reaction at 25°C? 


B(aq) + H,O(l) == BH*(aq) + OH“ (aq) 
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Consider the reactions 
Ni?*(aq) + 6NH3(aq) —> Ni(NHs3)o’*(aq) 
Ni2*(aq) + 3en(aq) —> Ni(en);?*(aq) 
where 
en = H,N—CH,—CH,—NH, 
The AH values for the two reactions are quite similar, 


yet I eopestigs 2 > I eachon 1- Explain. 


The deciding factor on why HF is a weak acid and not a 
strong acid like the other hydrogen halides is entropy. 
What occurs when HF dissociates in water as compared 
to the other hydrogen halides? 

The third law of thermodynamics states that the entropy 
of a perfect crystal at 0 K is zero. In Appendix 4, F (aq), 
OH (aq), and S*" (aq) all have negative standard entropy 
values. How can S° values be less than zero? 


Calculate the entropy change for the vaporization of liq- 
uid methane and hexane using the following data: 


Boiling Point 


(1 atm) AH ap 
Methane 112K 8.20 kJ/mol 
Hexane 342K 28.9 kJ/mol 


Compare the molar volume of gaseous methane at 112 K 
with that of gaseous hexane at 342 K. How do the differ- 
ences in molar volume affect the values of AS,,,, for these 
liquids? 

The standard entropy values (S°) for H,O(/) and H,O(g) 
are 70. JK"! mol“! and 189 J K~! mol", respectively. 
Calculate the ratio of 0, to Q, for water using Boltzmann’s 
equation. (See Exercise 22.) 


Challenge Problems 
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Calculate the values of AS and AG for each of the fol- 
lowing processes at 298 K: 


H,O(I, 298 K) —> H,O(g, V = 1000. L/mol) 
H,O(/, 298 K) —~> H,O(g, V = 100. L/mol) 


The standard enthalpy of vaporization for water at 
298 K is 44.02 kJ/mol. Does either of these processes 
occur spontaneously? 


Calculate the changes in free energy, enthalpy, and en- 
tropy when 1.00 mole of Ar(g) at 27°C is compressed 
isothermally from 100.0 L to 1.00 L. 


Consider the isothermal expansion of 1.00 mole of ideal 
gas at 27°C. The volume increases from 30.0 L to 40.0 L. 
Calculate g, w, AE, AH, AS, and AG for two situations: 
a. a free expansion 

b. a reversible expansion 


A 1.00-mole sample of an ideal gas in a vessel with a 
movable piston initially occupies a volume of 5.00 L at 
an external pressure of 5.00 atm. 

a. If P., is suddenly lowered to 2.00 atm and the gas is 
allowed to expand isothermally, calculate the fol- 
lowing quantities for the system: AE, AH, AS, AG, 
w, and q. 

b. Show by the second law that this process will occur 
spontaneously. 


One mole of an ideal gas with a volume of 6.67 L and a 
pressure of 1.50 atm is contained in a vessel with a mov- 
able piston. The external pressure is suddenly increased 
to 5.00 atm and the gas is compressed isothermally 
(T= 122 K).Caleulate AP. AHA AS. w. a. Boe 
and AG. 





Consider a 2.00-mole sample of Ar at 2.00 atm and 

298 K. 

a. If the gas sample expands adiabatically and reversibly 
to a pressure of 1.00 atm, calculate the final tempera- 
ture of the gas sample assuming ideal gas behavior. 

b. If the gas sample expands adiabatically and irrevers- 
ibly against a constant 1.00 atm pressure, calculate 
the final temperature of the gas sample assuming 
ideal gas behavior. 


Consider 1.0 mole of a monatomic ideal gas in a con- 

tainer fitted with a piston. The initial conditions are 

5.0 L and P = 5.0 atm at some constant T. 

a. If the external pressure is suddenly changed to 
2.0 atm, show that expansion of the gas is 
spontaneous. 

b. If the external pressure suddenly changes back to 
5.0 atm, show that compression of the gas is 
spontaneous. 

c. Calculate and compare signs of AG for each case 
(parts a and b) and discuss why this sign cannot be 
used to predict spontaneity. 
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. One mole of an ideal gas undergoes an isothermal revers- 


ible expansion at 25°C. During this process, the system 
absorbs 855 J of heat from the surroundings. When this 
gas is compressed to the original state in one step (iso- 
thermally), twice as much work is done on the system as 
was performed on the surroundings in the expansion. 

a. What is AS for the one-step isothermal compression? 
b. What is AS, ni, for the overall process (expansion and 

compression)? 


At least some of what is in the following quoted state- 
ment is false. Change the incorrect statements so that 
they are correct and defend your answer. What is correct 
in the statements? What is wrong? Discuss a real-world 
situation that supports your position. 

“The magnitude of AS is always larger than the 
magnitude of AS,,,,. This is so because AS is related to 
rev) Whereas AS,,,, is related to actuals and the magnitude 
of Grey is always larger than the magnitude of qactual-” 


You have a 1.00-L sample of hot water (90.°C) sitting 
open in a 25°C room. Eventually the water cools to 25°C, 
whereas the temperature of the room remains unchanged. 
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Calculate AS,,;, for this process. Assume the density of 
water is 1.00 g/mL over this temperature range and that 
the heat capacity of water is constant over this tempera- 
ture range and equal to 75.3 J K~! mol"!. 


Consider two perfectly insulated vessels. Vessel 1 ini- 

tially contains an ice cube at 0°C and water at 0°C. Ves- 

sel 2 initially contains an ice cube at 0°C and a saltwater 

solution at 0°C. Consider the process H)O(s) > H)O(I). 

a. Determine the sign of AS, AS,,,,, and ASyniy for the 
process in vessel 1. 

b. Determine the sign of AS, AS,,,,, and AS,niy for the 
process in vessel 2. 


(Hint: Think about the effect that a salt has on the freez- 
ing point of a solvent.) 


. If wet silver carbonate is dried in a stream of hot air, the 


air must have a certain concentration level of carbon di- 
oxide to prevent silver carbonate from decomposing by 
the reaction 


Ag,CO3(s) === Ag ,O(s) + CO2(g) 


AH*® for this reaction is 79.14 kJ/mol in the temperature 
range of 25°C-125°C. Given that the partial pressure of 
carbon dioxide in equilibrium with pure solid silver car- 
bonate is 6.23 X 10-3 torr at 25°C, calculate the partial 
pressure of CO) necessary to prevent decomposition of 
AgoCO3 Ze NOEL. 

Consider a weak acid HX. If a 0.10 M solution of HX 
has a pH of 5.83 at 25°C, what is AG® for the acid’s dis- 
sociation reaction at 25°C? 


. Using data from Appendix 4, calculate AH°, AG®°, and K 


(at 298 K) for the production of ozone from oxygen: 
302(g) == 203(g) 


At 30 km above the surface of the earth, the temperature 
is about 230. K and the partial pressure of oxygen is 
about 1.0 X 1073 atm. Estimate the partial pressure of 
ozone in equilibrium with oxygen at 30 km above the 
earth’s surface. Is it reasonable to assume that the equi- 
librium between oxygen and ozone is maintained under 
these conditions? Explain. 


One mole of a monatomic ideal gas (for which S° = 
8.00 J K-! mol~! at —73.0°C) was heated at a constant 
pressure of 2.00 atm from —73.0°C to 27.0°C. Calculate 
AH, AE, w, q, AS due to the change in volume, AS due to 
the change in temperature, and AG. 


Consider the system 
Ale] >" Big) 


at. 25°C. 

a. Assuming that GA = 8996 J/mol and G3 = 
11,718 J/mol, calculate the value of the equilibrium 
constant for this reaction. 

b. Calculate the equilibrium pressures that result if 
1.00 mole of A(g) at 1.00 atm and 1.00 mole of 
B(g) at 1.00 atm are mixed at 25°C. 

c. Show by calculations that AG = 0 at equilibrium. 


Liquid water at 25°C is introduced into an evacuated, 
insulated vessel. Identify the signs of the following ther- 
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modynamic functions for the process that occurs: AH, 
AS, AG, meses, AS se ASiciy: 


Consider 1.00 mole of an ideal gas that is expanded iso- 
thermally at 25°C from 2.45 X 10~* atm to 2.45 x 
1073 atm in the following three irreversible steps: 


Step 1: from 2.45 X 10-2 atm to 9.87 X 10-3 atm 
Step 2: from 9.87 X 10-3 atm to 4.93 X 1073 atm 
Step 3: from 4.93 X 10-3 atm to 2.45 X 1073 atm 


Calculate g, w, AE, AS, AH, and AG for each step and 
for the overall process. 


Consider 1.00 mole of an ideal gas at 25°C. 

a. Calculate g, w, AE, AS, AH, and AG for the expan- 
sion of this gas isothermally and irreversibly from 
2.45 X 10~? atm to 2.45 X 107? atm in one step. 

b. Calculate g, w, AE, AS, AH, and AG for the same 
change of pressure as in part a but performed iso- 
thermally and reversibly. 

c. Calculate q, w, AE, AS, AH, and AG for the one-step 
isothermal, irreversible compression of 1.00 mole of 
an ideal gas at 25°C from 2.45 X 107? atm to 
2.45 X 10-2 atm. 

d. Construct the PV diagrams for the processes 
described in parts a, b, and c. 

e. Calculate the entropy change in the surroundings for 
the processes described in parts a, b, and c. 


5. Consider the reaction 


2CO(g) + Ox(g) — > 2.CO2(g) 


a. Using data from Appendix 4, calculate K at 298 K. 
b. What is AS for this reaction at T = 298 K if the reac- 
tants, each at 10.0 atm, are changed to products at 
10.0 atm? (Hint: Construct a thermodynamic cycle 

and consider how entropy depends on pressure.) 


Calculate AH® and AS° at 25°C for the reaction 
2SO2(g) + O2(g) —> 2S03(g) 


at a constant pressure of 1.00 atm using thermodynamic 
data in Appendix 4. Also calculate AH® and AS° at 227°C 
and 1.00 atm, assuming that the constant-pressure molar 
heat capacities for SO2(g), O2(g), and SO3(g) are 39.9 J K~! 
mols’, 29:4 | K mols* and 50:7 J K-> mols respec: 
tively. (Hint: Construct a thermodynamic cycle, and con- 
sider how enthalpy and entropy depend on temperature.) 


Although we often assume that the heat capacity of a 
substance is not temperature-dependent, this is not 
strictly true, as shown by the following data for ice: 


Temperature (°C) Coy Ke mol*) 





=200, 12 
—180. 1S 
—=160. iW, 
—140. iy 
=1.00, 24 
= 60, 29 
=o. 33 
Spl O: 36 
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Use these data to calculate graphically the change in en- 
tropy for heating ice from —200.°C to 0°C. (Hint: Recall 
that 

e _ fs Coal. 
Tie WE 


T, 


and that integration from T; to T; sums the area under the 


Assume that C, can be expressed in the form 
CREM eal 


Estimate the value of C, for No(g) at 900. K. Assuming 
that C, shows this temperature dependence over the 
range 100 K to 900 K, calculate AS for heating 1.00 mole 
of N»(g) from 100. K to 900. K. 





139. Benzene (CsH,g) has a melting point of 5.5°C and an en- 
ale a eee i Os Ona eee thalpy of fusion of 10.04 kJ/mol at 25.0°C. The molar 
138. Consider the following C, values for N2(g): heat capacities at constant pressure for solid and liquid 
benzene are 100.4 J K~! mol™! and 133.0 J K"! mol", 
C, (J Kt mol“*) T (Kk) respectively. For the reaction 
28.7262 300.0 C.H,(/) == CH<(s) 
DEY 400.0 : 
29.8545 500.0 calculate AS,,, and AS.u, at 10.0°C. 
Marathon Problems 
140. Impure nickel, refined by smelting sulfide ores in a blast that can be attained before the gas will liquefy at 
furnace, can be converted into metal from 99.90% to 152°C. The boiling point for Ni(CO), is 42°C, and 
99.99% purity by the Mond process. The primary reac- the enthalpy of vaporization is 29.0 kJ/mol. [Hint: 
tion involved in the Mond process is The phase-change reaction and the corresponding 
Ni(s) + 4CO(g) Ni(CO),(g) equilibrium expression are 
Ni(CO),(/) == Ni(CO K = Pico) 
a. Without referring to Appendix 4, predict the sign of HCO) (CO)A(8) ait 
AS° for the preceding reaction. Explain. Ni(CO)4(g) will liquefy when the pressure of 
b. The spontaneity of the preceding reaction is temper- Ni(CO), is greater than the K value.] 
ature-dependent. Predict the sign of AS,,,. for this 141. The initial state of an ideal gas is 2.00 atm, 2.00 L. The 


reaction. Explain. 

c. For Ni(CO)4(g), AH? = —607 kJ/mol and S° = 
417 JK“! mol"! at 298 K. Using these values and 
data in Appendix 4, calculate AH® and AS° for the 
preceding reaction. 

d. Calculate the temperature at which AG® = 0 (K = 1) 
for the preceding reaction, assuming that AH®° and 
AS° do not depend on temperature. 

e. The first step of the Mond process involves equili- 
brating impure nickel with CO(g) and Ni(CO),4(g) at 
about 50°C. The purpose of this step is to convert as 
much nickel as possible into the gas phase. Calculate 
the equilibrium constant for the preceding reaction 
apo0nG: 

f. In the second step of the Mond process, the gaseous 
Ni(CO), is isolated and heated at 227°C. The 
purpose of this step is to deposit as much nickel as 
possible as pure solid (the reverse of the preceding 
reaction). Calculate the equilibrium constant for the 
preceding reaction at 227°C. 

g. Why is temperature increased for the second step of 
the Mond process? 

h. The Mond process relies on the volatility of Ni(CO), 
for its success. Only pressures and temperatures at 
which Ni(CO), is a gas are useful. A recently devel- 
oped variation of the Mond process carries out the 
first step at higher pressures and a temperature of 
152°C. Estimate the maximum pressure of Ni(CO)4(g) 


final state is 1.00 atm, 4.00 L. The expansion is accom- 

plished isothermally. 

a. If the expansion is a free expansion, calculate w, q, 
AE, and AH. 

b. If the expansion is done in one step, calculate w, q, 
AE, and AH. 

c. If the expansion is done in two steps (with V = 
3.00 L as the intermediate step), calculate w, g, AE, 
and AH. 

d. If the expansion is reversible, calculate w, g, AE, 
and AH. 

You have the new state of an ideal gas at 1.00 atm, 

4.00 L. You take the gas back to conditions of 2.00 atm, 

2.00 L. The compression is accomplished isothermally. 

e. If the compression is done in one step, calculate w, 
q, AE, and AH. 

f. If the compression is done in two steps (with V = 
3.00 L as the intermediate step), calculate w, q, AE, 
and AH. 

g. If the compression is reversible, calculate w, q, AE, 
and AH. Explain. 


Compare your answers for the expansion and compres- 
sion. Discuss the implications, especially considering the 
changes to the system and the changes to the surround- 
ings that have occurred even though the system was 
brought back to its initial state. 
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OWL 


Sign in to OWL at www.cengage.com/owl 
to view tutorials and simulations, develop 
problem-solving skills, and complete online 
homework assigned by your professor. 


Fe} Chemistry 


Download mini lecture videos for 
key concept review and exam prep 
from OWL or purchase them 

from www.cengagebrain.com. 


lectrochemistry constitutes one of the most important interfaces be- 

tween chemistry and everyday life. Every time you start your car, turn 

on your calculator, look at your digital watch, or listen to a radio at 

the beach, you are depending on electrochemical reactions. Our soci- 
ety sometimes seems to run almost entirely on batteries. Certainly, the advent 
of small, dependable batteries along with silicon chip technology has made 
possible the tiny calculators, tape recorders, and clocks that we take for 
granted. 

Electrochemistry is important in other less obvious ways. For example, the 
corrosion of iron, which has tremendous economic implications, is an electro- 
chemical process. In addition, many important industrial materials such as 
aluminum, chlorine, and sodium hydroxide are prepared by electrolytic pro- 
cesses. In analytical chemistry, electrochemical techniques use electrodes that 
are specific for a given molecule or ion, including H* (pH meters), F~, Cl-, and 
many others. These increasingly important methods are used to analyze for 
trace pollutants in natural waters or for the tiny quantities of chemicals in hu- 
man blood that may signal the development of a specific disease. 

Electrochemistry is best defined as the study of the interchange of chemical 
and electrical energy. It is primarily concerned with two processes that involve 
oxidation-reduction reactions: the generation of an electric current from a 
chemical reaction and the opposite process, the use of a current to produce 
chemical change. 





11.1 | 


Balancing half-reactions is discussed in 
Section 4.11. 


Galvanic Cells 


Recall from Chapter 4 that an oxidation-reduction (redox) reaction involves a 
transfer of electrons from the reducing agent to the oxidizing agent and that 
oxidation involves a loss of electrons (an increase in oxidation number) and 
reduction involves a gain of electrons (a decrease in oxidation number). 

To understand how a redox reaction can be used to generate a current, we 
will consider the reaction between MnO,~ and Fe?*: 


8H* (aq) + MnO, (aq) + SFe?*(aq) — Mn?*(aq) + SFe**(aq) + 4H2O(I) 


In this reaction Fe** is oxidized and MnO,~ is reduced; electrons are trans- 
ferred from Fe** (the reducing agent) to MnO, (the oxidizing agent). 

It is useful to break a redox reaction into two half-reactions, one involving 
oxidation and the other involving reduction. For the preceding reaction, the 
half-reactions are 


8H* + MnO, + Se~ — > Mn?t + 4HLO 
S(ke" => he= tres) 


Note that the second half-reaction must occur five times for each time the first 
reaction occurs. The balanced overall reaction is the sum of the half-reactions. 

When MnO, and Fe?* are present in the same solution, the electrons are 
transferred directly as the reactants collide. Under these conditions, no useful 
work is obtained from the chemical energy associated with the reaction, which 
instead is released as heat. How can we harness this energy? The key is to sepa- 
rate the oxidizing agent from the reducing agent, thus requiring the electron 
transfer to occur through a wire. The current produced in the wire by the elec- 
tron flow can then be directed through a device, such as an electric motor, to 
provide useful work. 

For example, consider the system illustrated in Fig. 11.1. If our reasoning 
has been correct, electrons should flow through the wire from Fe2*+ to MnQ,7. 
However, when we construct the apparatus as shown, no electron flow is ap- 
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Dental Resistance 


Chemical Insights 





A trip to the dentist is a necessary but often disqui- 
eting event. Because dealing with dental cavities 
can be expensive and unpleasant, dentists are 
searching for ways to find budding cavities at the 
very earliest stages of their development, well 
before they can be detected by X rays. One such 
method is being developed by Chris Longbottom, 
a dentist at the University of Dundee Dental 
School in Scotland. Longbottom is experimenting 
with measuring the electrical resistance of teeth 
using tiny, 10-millivolt currents. This approach 
takes advantage of the changes in a tooth that 
occur as a cavity begins to form. Bacteria in the 
mouth produce acids that dissolve tooth mineral, 
a process that starts in the pores of the teeth. As a 





given pore is enlarged by the action of acid, the 
electrical resistance of the tooth changes because 
the electrolyte solution that collects in the enlarged 
pore is a better electrical conductor than the tooth 
mineral. Using special electrodes that fit over the 
teeth at points where the teeth touch (and are thus 
most vulnerable to trapped food that stimulates 
bacterial growth), Longbottom and his colleagues 
have noted changes in resistance as cavities start to 
form. This method of detection is so sensitive that 
the tiny cavities can be treated with fluoride or 
antibiotics, thus checking the growth of cavities 
long before drilling is necessary. Although the 
technique needs further development, Longbottom 
hopes it will join dentists’ arsenal of tools soon. 











parent. Why? Careful observation would show that when we connect the wires 
from the two compartments, current flows for an instant and then ceases. The 
current stops flowing because of charge buildups in the two compartments. If 
electrons flowed from the right to the left compartment in the apparatus as 
shown, the left compartment (receiving electrons) would become negatively 
charged, and the right compartment (losing electrons) would become posi- 
tively charged. Creating a charge separation of this type requires a large amount 
of energy. Thus sustained electron flow cannot occur under these conditions. 

We can, however, solve this problem very simply. The solutions must be 
connected so that ions can flow to maintain the net charge of zero in each 
compartment. This connection might involve a salt bridge (a U-tube filled with 
an electrolyte) or a porous disk in a tube connecting the two solutions (Fig. 
11.2). Either of these devices allows ion flow without extensive mixing of the 
solutions. When we make the provision for ion flow, the circuit is complete. 
Electrons flow through the wire from reducing agent to oxidizing agent, and 
ions flow between the compartments to keep the net charge zero in each. 


Figure 11.1 

Schematic of a method to separate the 
oxidizing and reducing agents of a 
redox reaction. (The solutions also 
contain counter ions to balance the 
charge.) 
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Figure 11.2 

Galvanic cells can contain a salt bridge 
as in (a) or a porous-disk connection as 
in (b). A salt bridge contains a strong 
electrolyte held in a Jello-like matrix. 

A porous disk contains tiny passages 
that allow hindered flow of ions. 


A galvanic cell uses a spontaneous 
redox reaction to produce a current 
that can be used to do work. 


Oxidation occurs at the anode. Reduc- 
tion occurs at the cathode. 


A volt is 1 joule of work per coulomb of 
charge transferred: 1 V = 1 J/C. 


Figure 11.3 

An electrochemical process involves 
electron transfer at the interface 
between the electrode and the solu- 
tion. (a) The species in the solution 
acting as the reducing agent supplies 
electrons to the anode. (b) The species 
in the solution acting as the oxidizing 
agent receives electrons from the 
cathode. 
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We now have covered all the essential characteristics of a galvanic cell, a 
device in which chemical energy is changed to electrical energy. (The opposite 
process, electrolysis, will be considered in Section 11.7.) 

The reaction in an electrochemical cell occurs at the interface between an 
electrode and the solution where the electron transfer occurs. The electrode at 
which oxidation occurs is called the anode; the electrode at which reduction 
occurs is called the cathode (Fig. 11.3). 


Cell Potential 


A galvanic cell consists of an oxidizing agent in one compartment that pulls 
electrons through a wire from a reducing agent in the other compartment. The 
“pull,” or driving force, on the electrons is called the cell potential (€..),), or the 
electromotive force (emf), of the cell. The unit of electrical potential is the volt 
(abbreviated V), which is defined as 1 joule of work per coulomb of charge 
transferred. 

How can we measure the cell potential? One possible instrument is a crude 
voltmeter, which works by drawing current through a known resistance. How- 
ever, when current flows through a wire, the frictional heating that occurs 
wastes some of the useful energy of the cell. A traditional voltmeter will there- 
fore measure a potential that is lower than the maximum cell potential. The 
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Figure 11.4 
Digital voltmeters draw only a negligible 
current and are convenient to use. 
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Digital 
voltmeter 





key to determining the maximum potential is to perform the measurement 
under conditions of zero current so that no energy is wasted. Traditionally, this 
measurement has been accomplished by inserting a variable-voltage device 
(powered from an external source) in opposition to the cell potential. The volt- 
age on this instrument, called a potentiometer, is adjusted until no current 
flows in the cell circuit. Under such conditions the cell potential is equal in 
magnitude and opposite in sign to the voltage setting of the potentiometer. 
This value represents the maximum cell potential, since no energy is wasted 
heating the wire. Advances in electronic technology have allowed the design of 
digital voltmeters that draw only a negligible amount of current (Fig. 11.4). 
Since these instruments are more convenient to use, they have replaced poten- 
tiometers in the modern laboratory. 





11.2, 


The name galvanic cell honors Luigi 
Galvani (1737-1798), an Italian scien- 
tist generally credited with the discov- 
ery of electricity. Galvanic cells are 
sometimes called voltaic cells after 
Alessandro Volta (1745-1827), another 
Italian, who first constructed cells of 
this type around 1800. 


Standard Reduction Potentials 


The reaction in a galvanic cell is always an oxidation-reduction reaction that 
can be broken down into half-reactions. It would be convenient to assign a 
potential to each half-reaction so that when we construct a cell from a given 
pair of half-reactions, we can obtain the cell potential by summing the half-cell 
potentials. For example, the observed potential for the cell shown in Fig. 
11.5(a) is 0.76 volt, and the cell reaction* is 


2H*(aq) + Zn(s) —~ Zn**(aq) + Hi(g) 


For this cell the anode compartment contains a zinc metal electrode with Zn** 
and S$O,?~ ions in an aqueous solution that bathes the electrode. The anode 
reaction is the oxidation half-reaction: 


Zn ——s Zn2* + 2e- 


Each zinc atom loses two electrons to produce a Zn?* ion that enters the solu- 
tion. The electrons flow through the wire. For now we will assume that all cell 





*In this text we will follow the convention of indicating the physical states of the reactants and 
products only in the overall redox reaction. For simplicity, half-reactions will not include the 
physical states. 
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Figure 11.5 

(a) A galvanic cell involving the reac- 
tions Zn ——> Zn?* + 2e7 (at the 
anode) and 2H* + 2e— ——> Hb (at the 
cathode) has a potential of 0.76 V. 


Digital 
voltmeter 



















(b) The standard hydrogen electrode 
where H.(g) at 1 atm is passed over 
a platinum electrode in contact with B = H,(g) in 
1 M H* ions. This electrode process i 
(assuming ideal behavior) is arbitrarily Abe 
assigned a value of exactly zero volts. __ fi <a H,(g) 
hed 
: | Pt 
aut | - pt (electrode) 
SO7= Poe els | 
a tn 
1.0.M ZnSO, | ee 1 MH? ions 
: ee | _ (for example, 
solution \ MHC). 4 $ = 0.000 volt 
Anode Cathode 
(a) (b) 


components are in their standard states, so in this case the solution in the an- 
ode compartment will contain 1 M Zn?*. The cathode reaction of this cell is 


2H* +2e ——> H, 


The standard hydrogen potential is the The cathode consists of a platinum electrode (used because it is a chemically 

reference potential against which all inert conductor) in contact with 1 M H* ions and bathed by hydrogen gas at 

half-reaction potentials are assigned. 1 atm. Such an electrode, called the standard hydrogen electrode, is shown in 
Fig. 11.5(b). 


Although we can measure the total potential of this cell (0.76 volt), there 
is no way to measure the potentials of the individual electrodes. Thus, if we 
desire potentials for half-reactions (half-cells), we must arbitrarily divide up 
the total cell potential. For example, if we assign the reaction 


2H* + 2e° —> H, 
where 
[Ht] =1M and Py, = 1 atm 
as having a potential of exactly 0 volts, then the reaction 
Zn ——> Zn?* + 2e7 
will have a potential of 0.76 volt, since 


° —— ° ie} 
Seell > Chit H, + 6 Fn >Zn2* 


t t t 
0.76V OV 0.76 V 
Standard states were discussed in Recall that the superscript ° indicates that standard states are used. 
Section 9.6. By setting the standard potential for the half-reaction 2H* + 2e7 > H, 


equal to zero, we can assign values to all other half-reactions. For example, 
the measured potential for the cell shown in Fig. 11.6 is 1.10 volt. The cell 
reaction is 


Zn(s) + Cu**(aqg) —~> Zn**(aq) + Cu(s) 
which can be divided into the half-reactions 
Anode: Pie 7 ne + oe 


Cathode: Cuwe* + 2e> ==5 Ga 


Richard Megna/Fundamental Photographs 
© Cengage Learning. All rights reserved 


Figure 11.6 

A galvanic cell involving the half- 
reactions Zn ——» Zn** + 2e7 (anode) 
and Cu?+ + 2e~ ——> Cu (cathode), 
with Sgey = 1.10 V. 





Copper being plated onto the copper 
metal cathode on the right, and zinc 
dissolving from the zinc metal anode 
on the left. Note the porous disk in the 
tube connecting the two solutions, 
which allows the ion flow to balance 
the electron flow through the wire. 


All half-reactions are given as reduction 
processes in standard tables. 
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Thus 


Since €3,-57n2+ 18 assigned a value of 0.76 volt, the value of €2,2+.c, must be 
0.34 volt: 


O. = Cae ° 
Gell 7 E2n->Zn2* a8 SOu+>Cu 


1.10 V = 0.76 V + 0.34 V 


The scientific community has universally accepted the values for half- 
reaction potentials based on the assignment of 0 volts to the process 
2H* + 2e— — H), (under standard conditions where ideal behavior is as- 
sumed). However, before we can use these values, we need to understand sev- 
eral essential characteristics of half-cell potentials. 

The accepted convention is to give the potentials of half-reactions as re- 
duction processes. For example, 


Qh, 26. ——> > 
Gist =.2e° => Cu 
Lie 2 ——> Fn 


The €° values corresponding to these half-reactions are called standard re- 
duction potentials. Standard reduction potentials for the most common half- 
reactions are given in Table 11.1 and Appendix AS.5. 
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Table 11.1 
Standard Reduction Potentials at 25°C (298 K) for Many Common Half-reactions 


When a half-reaction is reversed, the 
sign of 6° is reversed. 
When a half-reaction is multiplied by an De 


in 





Half-reaction 





[hy ap WET Se Ur 

Age* +e —> Ag™ 

Co3* + e& — Co** 

labOy 42 QE se Der =o DelO 
Ce** +e7 — Ce3t 


PbO, ap Ayer ae SOvan ap ME? PbSO, WF 2H,O 
MnO,” + 4H*t + 3e° — MnO, + 2H,O 


lOje Ohi en — > Oren) © 
MnO, + 8H*+ + Se> — Mn?*t + 4H,O 
Au3* + 3e° — Au 

PbO, oth Zen > Pb2* + 2H,O 
Gl cum) Cle 


GrOye + 14H" +'6e— > 2Cre* + 7H,O 


O, + 4H* + 4e— — 2H,O 

MnO, + 4H*t + 2e7 > Mn?* + 2H,O 
10; + 6H* + 5e~ — 351, + 3H,O 
Bint Ome Diam 

VO, -2hiee = VO2. + 1,0 
AuCl= +3es — Au-- 4Cls 

INOse GE ieee cma NO + 2H,0 
ClO Catan | Orn 

Qe eos 

pe se => AN 

Heo?" + 265 > 2He¢e 

Fe?* +e" — Fe** 

OQ; + 2H +2e5 > 10> 

MnO,- + e — MnO,27 

ote eee ee 

Cir ae E> = Ga 








€° (V) Half-reaction €° (V) 
M7 O, + 2H,O + 4e — 40H™ 0.40 
ee Gite en Cu 0.34 
1.82 eC ies > ie er 0.27 
1.78 AgCl+e-t> Ag+ Gl 0.22 
1.70 SO,2- + 4H* + 2e7 — H,SO;3 + H,O 0.20 
1.69 Cu2* -pes, "Cut 0.16 
1.68 DA BVe Ae iS — ay 0.00 
1.60 Fe3* + 3e° — Fe —0.036 
ilnsyl Pb2+ + 2e° — Pb =—0.13 
1e50 Sn2+ + 2e° — Sn —0.14 
1.46 Ni2t + 2e° — Ni —()23 
1.36 PbSO, + 2e—7 — Pb + SO,27 —0.35 
1538 Gd2= = 2ew — Cd —0.40 
1143) Fe2+ + 2e- — Fe —0.44 
(| il Cr3+ +e — Cr*t —0.50 
E20 Cr3* + 3e— — Cr —Oeio 
1.09 Zn2*+ + 2e— — Zn O76 
1.00 DELO es > Eo 2OnMs Orso 
0.99 Mn2* + 2e~7 — Mn eS 
0.96 Ab*+ + 3e7 > Al =e 
0.954 labs ae WE” > BT —2.23 
0.91 Meg** + 2e — Mg = 27 
0.80 La?*.+ 3e° — La —2.37 
0.80 Na* es — Na a 
Ona, Ca**+ + 2e—- — Ca —2.76 
0.68 Ba** + 2e° — Ba —2.90 
0.56 Ke iem —> K SP! 
0.54 igen > le = S505 
OD2 


Combining two half-reactions to obtain a balanced oxidation—reduction 


reaction often requires two manipulations: 


Ae 


teger, 6° remains the same. 


One of the reduction half-reactions must be reversed (since redox reactions 
must involve a substance being oxidized and a substance being reduced). 
The half-reaction with the largest positive potential will run as written (as 
a reduction), and the other half-reaction will be forced to run in reverse 
(will be the oxidation reaction). The net potential of the cell will be the 
difference between the two. Since the reduction process occurs at the cath- 
ode and the oxidation process occurs at the anode, we can write 


Ea = €° (cathode) — E° (anode) 


Because subtraction means “change the sign and add,” in the examples 
done here we will change the sign of the oxidation (anode) reaction when 
we reverse it and add it to the reduction (cathode) reaction. 


Since the number of electrons lost must equal the number gained, the half- 
reactions must be multiplied by integers as necessary to achieve electron 
balance. However, the value of €° is not changed when a half-reaction is 
multiplied by an integer. Since a standard reduction potential is an inten- 
sive property (it does not depend on how many times the reaction occurs), 
the potential is not multiplied by the integer required to balance the cell 
reaction. 


2Fe?*+ + 2e- ——» 2Fe2+ 


Cell reaction: 


A galvanic cell runs spontaneously in 
the direction that gives a positive value 
for Seo. 














| 1 M Mn?* 
B 1M MnO, 
Anode Cathode 
Figure 11.7 


The schematic of a galvanic cell based 
on the half-reactions 


Fe —— Fe** + 2e7 


MnO,” + 5e7 + 8H* —> 
Mn2* + 4H,O 


Cu(s) + 2Fe?*(aq) ——> Cu2+(aq) + 2Fe?*(aq) 
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Consider a galvanic cell based on the redox reaction 
Fe3+(aq) + Cu(s) —> Cu**(aq) + Fe?*(aq) 
The pertinent half-reactions are 
Fe?* + e> —— Fe?* €° = 0.77 V (1) 
Cu?" 4+ 2e= == ' Cu €° = 0.34 V (2) 


Since the Cu?*/Cu half-reaction has the lower positive €° value, it will be 
forced to run in reverse: 


eu ——=> Cuct Qe 


It is the anode reaction. 
Then, since each Cu atom produces two electrons but each Fe** ion ac- 
cepts only one electron, reaction (1) must be multiplied by 2: 


2Fe?+ + 2e— — > 2Fe?+ 


Now we can obtain the balanced cell reaction by summing the appropri- 
ately modified half-reactions: 


% (cathode) = 0.77 V 
— (anode) = —0.34 V 
cell = 6° (cathode) — €° (anode) 
= 0.77 V — 0.34 V = 0.43 V 


Gy = —s (Cue ae De 


Next, we want to consider how to describe a galvanic cell fully, given just 
its half-reactions. This description will include the cell reaction, the cell poten- 
tial, and the physical setup of the cell. Let’s consider a galvanic cell based on 
the following half-reactions: 


€° = -0.44V 
€°= 1.51V 


Fe2* + 2e—- ——> Fe 


MnO, + Se + 8H* —> Mn** +4HZO 


In a working galvanic cell, one of these reactions must run in reverse—the one 
with the least positive potential. 

This will lead to a positive overall cell potential: A cell will always run 
spontaneously in the direction that produces a positive cell potential. Thus in 
the present case the half-reaction involving iron must be reversed. 


Fe ——> Fe?* + 2e7 Anode reaction 
MnO, + Se~ + 8H* —~> Mn?** + 4H,O Cathode reaction 
where 
Ee = S° (cathode) — 6° (anode) = 1.51 V — 0.44 V 
The balanced cell reaction is obtained as follows: 
5(FE -——>  Fe* 2 Je") 
2(MnO,- + 5e~ + 8H* ——> Mn?t + 4H,0O) 


2MnO," (aq) + 5Fe(s) + 16H*(aq) —~> 5Fe**(aq) + 2Mn?*(aq) + 8H2O(/) 





Now consider the physical setup of the cell, shown schematically in Fig. 
11.7. In the left compartment, the active components in their standard states 
are pure metallic iron (Fe) and 1.0 M Fe**. The anion present depends on the 
iron salt used. In this compartment the anion does not participate in the reac- 
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tion but simply balances the charge. The half-reaction that takes place at this 
electrode is 


Fe ——> Fe2* + 2e7 


which is an oxidation reaction, so this compartment is the anode. The elec- 
trode consists of pure iron metal. 

In the right compartment, the active components in their standard states 
are 1.0 M MnO,-, 1.0 M Ht, and 1.0 M Mn?*, with appropriate unreacting 
ions (often called counter ions) to balance the charge. The half-reaction in this 
compartment 1s 


MnO,” + Se~ + 8H* —> Mn?* + 4H,O 


which is a reduction reaction, so this compartment is the cathode. Since neither 
MnO,°7 nor Mn?* ion can serve as the electrode, a nonreacting conductor must 
be used. The usual choice is platinum. 

The next step is to determine the direction of electron flow. In the left 
compartment, the half-reaction is the oxidation of iron: 


Fe —— Fe*t + 2e7 
In the right compartment, the half-reaction is the reduction of MnO, ’: 
MnO, + Se” + 8H* —> Mn** + 4H,0 


Thus the electrons flow from Fe to MnQ,~ in this cell, or from the anode to the 
cathode, as is always the case. 


Items Needed for a Description of a Galvanic Cell 


1. The cell potential (always positive for a galvanic cell) and the balanced cell 
reaction. 


2. The direction of electron flow, obtained by inspecting the half-reactions and using 
the directions that give a positive 6¢.). 


3. Designation of the anode and the cathode. 


4, The nature of each electrode and the ions present in each compartment. A chemi- 
cally inert conductor is required if none of the substances participating in the 
half-reaction is a conducting solid. 





Describe completely the galvanic cell based on the following half-reactions 
under standard conditions: 


Agt +e ——> Ag €° = 0.80 V (1) 
Feo? + e ——> Fee" €° =0.77 V (2) 


Solution Since a positive €2. value is required, reaction (2) must run in 
reverse: 





Agt +e ——> Ag €° (cathode) = 0.80 V 
Fe?+ ——» Fe3+ + e —€° (anode) = —0.77 V 
Cell reaction: Ag*(aq) + Fe?*(aqg) —— Fe?*+(aq) + Ag(s) a = ONOSAY: 


Since Ag” receives electrons and Fe?* loses electrons in the cell reaction, 
the electrons flow from the compartment containing Fe2+ to the compartment 
containing Ag*. 


Figure 11.8 
Schematic diagram for the galvanic cell 
based on the half-reactions 


Ag* +e —=> Ag 


Fe®+ —_» FeS* + em 
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Oxidation occurs in the compartment containing Fe**. Hence this com- 
partment functions as the anode. Reduction occurs in the compartment con- 
taining Ag*, so this compartment is the cathode. 

The electrode in the Ag/Ag* compartment is silver metal, and an inert 
conductor, such as platinum, must be used in the Fe**/Fe** compartment. Ap- 
propriate counter ions are assumed to be present. The diagram for this cell is 
shown in Fig. 11.8. 





11.3 





Cell Potential, Electrical Work, 
and Free Energy 


So far we have considered electrochemical cells in a very practical manner 
without much theoretical background. The next step will be to explore the 
relationship between thermodynamics and electrochemistry. 

The work that can be accomplished when electrons are transferred through 
a wire depends on the “push” (the thermodynamic driving force) behind the 
electrons. This driving force (the emf) is defined in terms of a potential differ- 
ence (in volts) between two points in the circuit. Recall that a volt represents a 
joule of work per coulomb of charge transferred: 


a work (J) 
emf = potential difference (V) Pe 
Thus 1 joule of work is produced or required (depending on the direction) 
when 1 coulomb of charge is transferred between two points in the circuit that 
differ by a potential of 1 volt. 

In this book work is viewed from the point of view of the system. Thus 
work flowing out of the system is indicated by a minus sign. When a cell pro- 
duces a current, the cell potential is positive, and the current can be used to do 
work—to run a motor, for instance. Thus the cell potential (€) and the work 
(w) have opposite signs: 


U Work 
ww 
pee) Se 
q 
Ne harge 


Thus —w = gé 
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The work is never the maximum possi- 
ble if any current is flowing. 





Michael Faraday lecturing at the Royal 
Institution before Prince Albert and 
others (1855). 


From this equation we can see that the maximum work in a cell is obtained 
at the maximum cell potential: 


—Wmax — Geman or Wimax — Gras 


However, there is a problem. For the system to perform electrical work, 
current must flow. When current flows, some energy is inevitably wasted 
through frictional heating, so the maximum work is not obtained. This obser- 
vation reflects the important general principle introduced in Section 10.12: In 
any real, spontaneous process, some energy is always wasted—the actual work 
realized is always less than the calculated maximum. This principle is a conse- 
quence of the fact that the entropy of the universe must increase in any spon- 
taneous process. Recall from Section 10.12 that the only process from which 
maximum work could be realized is the hypothetical reversible process. For a 
galvanic cell, this would involve an infinitesimally small current flow and thus 
an infinite amount of time to do the work. Even though we can never achieve 
the maximum work through the actual discharge of a galvanic cell, we can 
measure the maximum potential. There is negligible current flow when a cell 
potential is measured with a potentiometer or an efficient digital voltmeter. No 
current flow implies no waste of energy, so the measured potential is the 
maximum. 

Although we can never actually realize the maximum work from a cell 
reaction, its value is still useful for evaluating the efficiency of a real process 
based on the cell reaction. For example, suppose a certain galvanic cell has a 
maximum potential of 2.50 V. In a particular experiment, 1.33 moles of elec- 
trons pass through this cell at an average actual potential of 2.10 V. The actual 
work done is 


w = —gé 


where © represents the actual potential difference at which the current flowed 
(2.10 V or 2.10 J/C) and q is the quantity of charge transferred (in coulombs). 
The charge on 1 mole of electrons is called the faraday (abbreviated F): 96,485 
coulombs of charge per mole of electrons. Thus g equals the number of moles 
of electrons times the charge per mole of electrons: 


q=nF=1.33 mole” X 96,485 C/mol e~ 


For the experiment above, the actual work is 





w = —gé = -(1.33 mole X 96,485 = -) x (2.105) 
mole © 


II 


~2.69 X 105J 


For the maximum possible work, the calculation is similar, except that the 
maximum potential is used: 





Wmax = —~WEmax = -(1.33 mole X 96,485 2 -)(2.504) 
mole G 





Se S215 10° J 
Thus, in its actual operation, the efficiency of this cell is 
ae =2G7e lO] 
—— X 100% = ; ve @ 
Wn ~3.21 X 10°] xX 100% = 83.8% 


Next we want to relate the potential of a galvanic cell to free energy. In 
Section 10.12 we saw that for a process carried out at constant temperature 
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and pressure, the change in free energy equals the maximum useful work ob- 
tainable from that process: 


Wmax = AG 
For a galvanic cell, 
Wmax = —emax = AG 
Since g = nF 
we have AG = —GEmax = THE Gay 


From now on the subscript on € ax will be deleted, with the understanding 
that any potential given in this book is the maximum potential. Thus 


KG = —nF¢S 
For standard conditions 
AG® = —nFE° 


This equation states that the maximum cell potential is directly related to the 
free energy difference between the reactants and the products in the cell. This 
relationship is important because it provides an experimental means of obtain- 
ing AG for a reaction. It also confirms that a galvanic cell runs in the direction 
that gives a positive value for €..)3 a positive €,.)) value corresponds to a nega- 
tive AG value, which is the condition for spontaneity. 


WWL INTERACTIVE EXAMPLE 11.2 

Using the data in Table 11.1, calculate AG° for the reaction 
Cu2*(aq) + Fe(s) ——> Cu(s) + Fe?*(aq) 

Is this reaction spontaneous? 


Solution 


= What are we trying to solve? 


We want to know if the reaction is spontaneous. Which leads to the question: 
What do we mean by spontaneous? 

The reaction is spontaneous if it proceeds without outside intervention, 
and we can tell this by looking at the signs of both €8.. (positive for a spontane- 
ous process) and AG® (negative for a spontaneous process). 

The half-reactions are 








Cua ene CU €° (cathode) = 0.34 V 
Fe,——> . Fe** + 26" —€° (anode) = 0.44 V 
Cu2* + Fe —> Fe?* + Cu Ee = 0.78 V 


We can calculate AG® from the equation 
AG° = —nF€° 


Since two electrons are transferred in the reaction, 2 moles of electrons are 
required per mole of reactants and products. Thus » = 2 moles of e-, F = 
96,485 C/mol e~, and €° = 0.78 V = 0.78 J/C. Therefore, 


Z C ae 
—(2 mole \( 96.485 =)(0.78%) 


-1.5 x 10°J 





II 


AGe 
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A gold ring does not dissolve in nitric 


acid. 
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The process is spontaneous, as indicated both by the negative sign of AG° and 
by the positive sign of €2u1. 

This reaction is used industrially to deposit copper metal from solutions 
containing dissolved copper ores. 





Using the data from Table 11.1, predict whether 1 M HNO; will dissolve gold 
metal to form a 1 M Au?* solution. 


Solution 


= What are we trying to solve? 


We want to determine if gold will dissolve in 1 M nitric acid (HNO3) to form a 

1 M Au** solution. To make this determination, we need to see if the reaction 

between Au and HNO; to form Au** is spontaneous or has a standard potential 

greater than zero. We must use the appropriate half-reactions. For this process 

to occur, gold would be oxidized, so the HNO3 would act as an oxidizing agent. 
The half-reaction for HNO; acting as an oxidizing agent is 


NO; + 4H’. + 3e- —> NO + 2H,0 6° (cathode) = 0.96 V 
The reaction for the oxidation of solid gold to Au** ions is 
Au —> Au** + 3e7 —€° (anode) = —1.50 V 
The sum of these half-reactions gives the required reaction: 
Au(s) + NO3~(aq) + 4H*(aqg) —> Au3+(aq) + NO(g) + 2H,O(I) 
and 
cell = 0.96 V — 1.50 V = —0.54 V 


Since the €° value is negative, the process will mot occur under standard 
conditions. That is, gold will not dissolve in 1 M HNO; to give 1 M Au?*. In 
fact, a mixture (1:3 by volume) of concentrated nitric and hydrochloric acid, 
called aqua regia, is required to dissolve gold. 








11.4 





Dependence of the Cell Potential 
on Concentration 


So far we have described cells under standard conditions. In this section we 
consider the dependence of the cell potential on concentration. For example, 
under standard conditions (all concentrations 1 M), the cell with the reaction 


Cu(s) + 2Ce**(aq) ——> Cu?*(aq) + 2Ce3*(aq) 


has a potential of 1.36 V. What will the cell potential be if [Ce**] is greater than 

1.0 M? This question can be answered qualitatively in terms of Le Chatelier’s 

principle. An increase in the concentration of Ce** will favor the forward reac- 

tion and thus increase the driving force on the electrons. The cell potential will 

increase. On the other hand, an increase in the concentration of a product (Cu2* 

or Ce**) will oppose the forward reaction, thus decreasing the cell potential. 
These ideas are illustrated in Example 11.4. 






For the cell reaction 
2Al(s) + 3Mn?*(aq) —~> 2Al5+(aq) + 3Mn(s) ‘Coa = OAS V 


predict whether ©..1, will be larger or smaller than $2. for the following cases. 


Photo by Trans-Ocean, courtesy AIP Emilio Segre Visual Archives, 


Sawyer Collection 





Professor Walter Hermann von 
Nernst (1864-1941) was one of the 
pioneers in the development of electro- 
chemical theory and is generally given 
credit for first stating the third law of 
thermodynamics. He won the Nobel 
Prize in chemistry in 1920 for his con- 
tributions to our understanding of 
thermodynamics. 
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a. [A+] = 2.0 M, [Mn2*] = 1.0 M 
b. [A+] = 1.0 M, [Mn2*] = 3.0 M 





Solution 


a. A product concentration has been raised above 1.0 M. This will oppose the 
cell reaction, causing 6.1) to be less than €2.)) (Gee < 0.48 V). 


b. A reactant concentration has been increased above 1.0 M, and €,.i, will be 
greater than 6e.1 (Gee, > 0.48 V). 


The Nernst Equation 


The dependence of the cell potential on concentration results directly from the 
dependence of free energy on concentration. Recall from Chapter 10 that the 
equation 


AG = AG° + RT In(Q) 


where O is the reaction quotient, was used to calculate the effect of concentra- 
tion on AG. Since AG = —nF€ and AG°® = —nF€°, the equation becomes 


—nFE = —nF€° + RT In(Q) 


Dividing each side of the equation by —nF gives 


MeV 


ee) 


aS nF 


(11.1) 


Equation (11.1), which gives the relationship between the cell potential and the 
concentrations of the cell components, is commonly called the Nernst equation 
after German chemist Walter Hermann von Nernst. 

The Nernst equation is often given in terms of a log (base-10) form that is 
valid at 25°C: 


ey ole ea 0.0591 
nN 


log(Q) 


Using this relationship we can calculate the potential of a cell in which some or 
all of the components are not in their standard states. 
For example, €@.\ is 0.48 V for the galvanic cell based on the reaction 


2Al(s) + 3Mn?*(aq) —~ 2Al*(aq) + 3Mn(s) 
Consider a cell in which 
[Mn2*] = 0.50 M 


and ——[Al3+] = 1.50 M 


The cell potential at 25°C for these concentrations must be calculated using the 
Nernst equation: 


0.0591 








Gell = % cell -— log(Q) 
We know that 
PAIA* 2 = es0i2 

cell = O. = 7 = as 

cell = 0.48 V and O [Mn > .50)3 
Since the half-reactions are 

2Al ——> 2Al* + 6e- and 3Mn2* + 6€> —> 3Mn 

we know that n=6 
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Thus 
0.0591 





See) = 0.48 — log(18) = 0.47 V 
Note that the cell voltage decreases slightly because of the nonstandard concen- 
trations. This change is consistent with the predictions of Le Chatelier’s principle 
(see Example 11.4). In this case, since the reactant concentration is lower than 
1.0 M and the product concentration is higher than 1.0 M, @.ci) is less than 6.1). 
The potential calculated from the Nernst equation is the maximum potential 
before any current flow occurs. As the cell discharges and current flows from 
anode to cathode, the concentrations change; as a result, €,. changes. In fact, 
the cell will spontaneously discharge until it reaches equilibrium, at which point 


O = K (the equilibrium constant) and = Sey = O 


A “dead” battery is one in which the cell reaction has reached equilibrium; 
there is no longer any chemical driving force to push electrons through the 
wire. In other words, at equilibrium the components in the two cell compart- 
ments have the same free energy; that is, AG = 0 for the cell reaction at the 
equilibrium concentrations. The cell no longer has the ability to do work. 


Describe the cell based on the following half-reactions: 
VO,* + 2H* +e —~> VO*t + H,O é° = 1.00 V (1) 
Zn**+ + 2e° —> Zn €° = —0.76 V (2) 
where 
T=25°C [VO,*] = 2.0 M [VO2t] = 1.0 x 107M 
[H*]=0.50M  [Zn2+] =1.0X 10-1M 


Solution The balanced cell reaction is obtained by reversing reaction (2) and 
multiplying reaction (1) by 2: 
2 X reaction (1) 


2VO,* + 4H* + 2e° —> 2VO2* + 2H50 €° (cathode) = 1.00 V 


Reaction (2) reversed 


Zines ane Dee —€° (anode) = 0.76 V 





Cell 
reaction: 2VO,*(aq) + 4H*(aq) + Zn(s) 
—+ 2V0O?+(aq) + 2H,O(]) + Zn2+(aq) 62, = 1.76 V 
Since the cell contains components at concentrations other than 1 M, we 


must use the Nernst equation, where 7 = 2 (since two electrons are transferred), 
to calculate the cell potential. At 25°C we can use the equation in the form 


bape Seberang 





log(Q) 
Thus 








i" 2010591 Lane VOLO P 
2176 — bo os FD) 











-1 -2)2 
176 0.0590 ik as x 10 ey ~e10e. 
2 2.0)? (0.50) 
0.0591 
= 1.76 — log(4 X 107°) = 1.76 + 0.13 = 1.89 V 


The cell diagram is given in Fig. 11.9. 


Figure 11.9 
Schematic diagram of the cell 
described in Example 11.5. 
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Figure 11.10 

A glass electrode contains a reference 
solution of dilute hydrochloric acid in 
contact with a thin glass membrane, in 
which a silver wire coated with silver 
chloride has been embedded. When 
the electrode is dipped into a solution 
containing H* ions, the electrode 
potential is determined by the differ- 
ence in [H*] between the two solutions. 
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lon-Selective Electrodes 


Because the cell potential is sensitive to the concentrations of the reactants and 
products involved in the cell reaction, measured potentials can be used to deter- 
mine the concentration of an ion. A pH meter is a familiar example of an instru- 
ment that measures concentration from an observed potential. The pH meter has 
three main components: a standard electrode of known potential, a special glass 
electrode that changes potential depending on the concentration of H* ion in the 
solution into which it is dipped, and a potentiometer that measures the potential 
between the two electrodes. The potentiometer reading is automatically con- 
verted electronically to a direct reading of the pH of the solution being tested. 

The glass electrode (Fig. 11.10) contains a reference solution of dilute hy- 
drochloric acid in contact with a thin glass membrane. The electrical potential 
of the glass electrode depends on the difference in [H*] between the reference 
solution and the solution into which the electrode is dipped. Thus the electrical 
potential varies with the pH of the solution being tested. 

Electrodes that are sensitive to the concentration of a particular ion are 
called ion-selective electrodes, of which the glass electrode for pH measure- 
ment is just one example. Glass electrodes can be made sensitive to ions such 
as Na*, K*, or NH,* by changing the composition of the glass. Other ions can 
be detected if an appropriate crystalline solid replaces the glass membrane. For 
example, a crystal of lanthanum(III) fluoride (LaF3) can be used in an electrode 
to measure [F ]. Solid silver sulfide (Ag)S) can be used to measure [Ag*] and 
[S*-]. Some of the ions that can be detected by ion-selective electrodes are listed 
in Table 11,2: 


Table 11.2 


Some lons Whose Concentrations Can 
Be Detected by lon-Selective Electrodes 








Cations Anions 
IL Bos 
Cd2* Cis 
Ca2t GN 
Cu2* F- 

Kea NO37 
Agt S2- 
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The blue solution contains Cr2* ions, 
and the green solution contains 
Cr$* ions. 





Anode 


Cathode 


Figure 11.11 

A concentration cell that contains a 
silver electrode and aqueous silver 
nitrate in both compartments. Because 
the right compartment contains 1M 
Ag* and the left compartment contains 
0.1 M Ag*, there will be a driving force 
to transfer electrons from left to right. 
Silver will be deposited on the right elec- 
trode, thus lowering the concentration 
of Ag* in the right compartment. In the 
left compartment, the silver electrode 
dissolves (producing Ag* ions) to raise 
the concentration of Ag* in solution. 





. 


Calculation of Equilibrium Constants for Redox Reactions 


The quantitative relationship between €° and AG® allows the calculation of 
equilibrium constants for redox reactions. For a cell at equilibrium, 











See = 0 and O=K 
Applying these conditions to the form of the Nernst equation valid at 25°C, 
0.0591 
OS log(Q) 
0.0591 
gives 0= eS — log(K) 
eho; Se pre 
of "Ee 10591 


EXAMPLE 11.6 


For the oxidation-reduction reaction 
$406?" (aq) + Cr?*(aq) —> Cr?*(aq) + S.03*" (aq) 

the appropriate half-reactions are 
Si0-> + 2e5, — 9 25,037- 


Cr+ + e- — > Crt 


rae 
ee 


0.17 V 
65077 


(1) 
(2) 


Balance the redox reaction and calculate €° and K (at 25°C). 


Solution To obtain the balanced reaction, we must reverse reaction (2), multi- 
ply it by 2, and add it to reaction (1): 


SOM? 6 = 5 Oe 6° (cathode) = 0.17 V 


2 (Gtk = — > Ci wate) —€° (anode) = —(—0.50) V 
Cell 
reaction: 2Cr?*(aq) + S40,2~ (aq) 
—> 2Cr3*(aq) + 28,037 (aq) S- = 0.67 V 


In this reaction 2 moles of electrons are transferred for every unit of 
reaction—that is, for every 2 moles of Cr** reacting with 1 mole of $40,2~ to 
form 2 moles of Cr?* and 2 moles of $;03*~. Thus n = 2. Then 


cost Oo 210.67) 
0.0591 0.0591 


K = 1026 = 4 x 102 





log(K) = 226 


This very large equilibrium constant is not unusual for a redox reaction. 


Concentration Cells 


Because cell potentials depend on concentration, we can construct galvanic 
cells in which both compartments contain the same components but at differ- 
ent concentrations. For example, in the cell in Fig. 11.11, both compartments 
contain aqueous AgNO3, but with different molarities. Let’s consider the po- 
tential of this cell and the direction of electron flow. The half-reaction relevant 
to both compartments of this cell is 


Ag* +e — > Ag €° = 0.80 V 
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If the cell had 1 M Ag* in both compartments, 
cell = 0.80 V-— 0.80 V=0V 


However, in the cell shown in Fig. 11.11, the concentrations of Ag* in the two 
compartments are 1 M and 0.1 M. Because the concentrations of Ag* are un- 
equal, the actual half-cell potentials will not be identical. Thus the cell will 
exhibit a positive voltage. In which direction will the electrons flow in this cell? 
The best way to think about this question is to recognize that nature will try to 
equalize the concentrations of Ag* in the two compartments. This can be done 
by transferring electrons from the compartment containing 0.1 M Ag* to the 
one containing 1 M Ag* (left to right in Fig. 11.11). This electron transfer will 
produce Ag* in the left compartment and consume Ag* (to form Ag) in the 
right compartment. 

To calculate the potential at 25°C for the cell shown in Fig. 11.11, we use 
the Nernst equation in the form 


0591 
¢=¢ 2 





log(Q) 


In this case 2 = 1 because the reaction in both compartments is Ag* + e — Ag 
but running in opposite directions. What is €° for this cell? Because €° refers to 
standard conditions, this corresponds to a cell like the one in Fig. 11.11, except 
that [Ag*] = 1 M in both compartments. Such a cell has a potential of zero. 
That is, 6° = 0 for this cell, as noted previously. Next, we need to consider the 
form of O. Recall that O is a ratio of product to reactant concentrations. We 
can represent the process taking place in this cell as 


Ag*(1. M) —> Ag*(0.1 M) 


Thus we can write the Nernst equation for this case: 


050591 0.0591 0.10 
C= e°= ; log(Q) = 0 - j lel | 








= SSE (-1.00) = 0.0591 V 
Thus the cell potential is 0.0591 V. 

A cell in which both compartments have the same components but at dif- 
ferent concentrations is called a concentration cell. The difference in concen- 
tration is the only factor that produces a cell potential in this case, and the 
voltages are typically small. 








EXAMPLE 11.7. | 


Determine the direction of electron flow, designate the anode and cathode, and 
calculate the potential at 25°C for the cell represented in Fig. 11.12. 


Solution The concentrations of Fe?* ion in the compartments can eventually 
be equalized by transferring electrons from the left compartment to the right. 
This will cause Fe** to be formed in the left compartment, and iron metal will 
be deposited on the right electrode, thus consuming Fe** ions. Therefore, elec- 
tron flow is from left to right, oxidation occurs in the left compartment (the 








Anode BAS anode), and reduction occurs in the right compartment (the cathode). 
Figure 11.12 To calculate the cell potential, we use the Nernst equation in the form 
A concentration ce!l containing Iron 0.0591 
electrodes and different concentrations S=$$°- log(Q) 





of Fe2* ion in the two compartments. 
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This calculation neglects any complica- 
tions from complex ions and ion pairs. 








where 1 = 2 because the cell half-reaction is Fe** + 2e~ — Fe or its opposite. 
Also, €° = 0 (as always) for a concentration cell, and Q = 0.01/0.10 because 
Fe2* is being formed in the compartment with the lower concentration. Thus 





€é=0- et loe( 55) = —0.0296(—1.00) = 0.0296 V 


Because the potential of an electrochemical cell depends on the concentra- 
tions of the participating ions, the observed potential can be used as a sensitive 
method for measuring ion concentrations in solution. We have already men- 
tioned the ion-selective electrodes that work by this principle. Another applica- 
tion of the relationship between cell potential and concentration is the determi- 
nation of equilibrium constants for reactions that are not redox reactions. For 
example, consider a modified version of the silver concentration cell shown in 
Fig. 11.11. If the 0.10 M AgNO; solution in the left-hand compartment is re- 
placed by 1.0 M NaCl and an excess of solid AgCl is added to the cell, the 
observed cell potential can be used to determine the concentration of Ag~ in 
equilibrium with the AgCl(s). In other words, at 25°C we can write the Nernst 
equation as 





Ag* in 
equilibrium 
with AgCl(s) 

[ z* 

0.0591 Ag 
=0- 
Sons 1 os( a) 


Note that the measurement of € for the cell allows the [Ag*] in equilibrium 
with AgCl(s) to be calculated, which, in turn, allows the K,, for AgCl to be 
calculated: 

Ky = [Ag*][Cl] 


In this case [Cl-] = 1.0 M from the 1.0 M NaCl, and [Ag*] can be obtained 
from the measured value for €. We will illustrate this process in Example 11.8. 


EXAMPLE 11.8 


A silver concentration cell similar to the one shown in Fig. 11.11 is set up at 
25°C with 1.0 M AgNO; in the left compartment and 1.0 M NaCl along with 
excess AgCl(s) in the right compartment. The measured cell potential is 0.58 V. 
Calculate the K,, value for AgCl at 25°C. 


Solution In this case at 25°C 


PPT Gy ae loe( 8 ‘) 





1 1.0 


where [Ag*] represents the equilibrium concentration of Ag* in the compart- 
ment containing 1.0 M NaCl and AgCl(s). We calculate [Ag*] as follows: 





logi/Ag*] = — =-980 and [Ag*t]=1.6 x 10719 M 


Thus 
Ky, = [Ag*][Cl-] = (1.6 x 10-19)(1.0) = 1.6 x 10-10 


Because the measured potential of an electrochemical cell provides a very 
sensitive method for the experimental determination of equilibrium concentra- 
tions, the values of equilibrium constants are often determined from electro- 
chemical measurements. 
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11.5 | Batteries 





electrolyte | 
solution 


Anode (lead 
grid filled with 
spongy lead) 


Cathode (lead 
grid filled with 
spongy PbO,) 


Figure 11.13 

One of the six cells in a 12-V lead 
storage battery. The anode consists of 
a lead grid filled with spongy lead, and 
the cathode is a lead grid filled with 
lead dioxide. The cell also contains 
38% (by mass) sulfuric acid. 


A battery is a galvanic cell or, more commonly, a group of galvanic cells con- 
nected in series, where the potentials of the individual cells add to give the total 
battery potential. Batteries are a source of direct current and have become an 
essential source of portable power in our society. In this section we examine 
the most common types of batteries. Some new batteries currently being devel- 
oped are described at the end of the chapter. 


Lead Storage Battery 


Since about 1912 when self-starters were first used in automobiles, the lead 
storage battery has been a major factor in making the automobile a practical 
means of transportation. This type of battery can function for several years 
under temperature extremes from —30°F to 100°F and under incessant punish- 
ment from rough roads. 

In this battery, lead serves as the anode, and lead coated with lead dioxide 
serves as the cathode. The electrodes dip into an electrolyte solution of sulfuric 
acid. The electrode reactions are as follows: 


Pb + HSO,- —> PbSO, + H* + 2e7 
Cathode reaction: PbO, + HSO,- + 3H* + 2e- —~> PbSO, + 2H,O 


Pb(s) + PbO (s) + 2H*(aq) + ZHSO4- (aq) 
—+ 2PbSO,(s) + 2H,O(I) 


Anode reaction: 





Cell reaction: 


The typical automobile lead storage battery has six cells connected in se- 
ries. Each cell contains multiple electrodes in the form of grids (Fig. 11.13) and 
produces about 2 volts, to give a total battery potential of about 12 volts. Note 
from the cell reaction that sulfuric acid is consumed as the battery discharges, 
which lowers the density of the electrolyte solution from its initial value of 
about 1.28 g/cm? in the fully charged battery. As a result, the condition of the 
battery can be monitored by measuring the density of the sulfuric acid solu- 
tion. The solid lead sulfate formed in the cell reaction during discharge adheres 
to the grid surfaces of the electrodes. The battery is recharged by forcing cur- 
rent through the battery in the opposite direction to reverse the cell reaction. A 
car’s battery is continuously charged by an alternator driven by the automo- 
bile’s engine. 

An automobile with a dead battery can be jump-started by connecting its 
battery to the battery in a running automobile. This process can be dangerous, 
however, because the resulting flow of current causes electrolysis of water in 
the dead battery, producing hydrogen and oxygen gases (see Section 11.7 for 
details). Disconnecting the jumper cables after the disabled car starts causes an 
arc that can ignite the gaseous mixture. If this happens, the battery may ex- 
plode, ejecting corrosive sulfuric acid. This problem can be averted by connect- 
ing the ground jumper cable to a part of the engine remote from the battery. 
Any arc produced when this cable is disconnected will then be harmless. 

Traditional types of storage batteries require periodic “topping off” be- 
cause the water in the electrolyte solution is depleted by the electrolysis that 
accompanies the charging process. Recent types of batteries have electrodes 
made of an alloy of calcium and lead that inhibits the electrolysis of water. 
These batteries can be sealed since they require no addition of water. 

It is rather amazing that in the 8S years that lead storage batteries have 
been used, no better system has been found. Although a lead storage battery 
does provide excellent service, it has a useful lifetime of oniy 3-5 years in an 
automobile. Although it might seem that the battery could undergo an indefi- 
nite number of discharge-charge cycles, physical damage from road shock, 
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Figure 11.14 
A common dry cell battery. 
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Electrochemical Window Shades 





Everybody likes large windows in their homes and 
workplaces. However, windows present major 
problems in making buildings energy efficient— 
they admit sunlight in the summer, increasing air- 
conditioning demands, and they allow heat to flow 
out of the building in the winter. To combat these 
problems, researchers from Electro-Optics Tech- 
nology Center at Tufts University are developing a 
“smart” window that uses a short pulse of electric- 
ity to vary the transparency of the window in 
response to changing climate conditions. 

The Tufts smart window consists of seven thin 
layers as shown in the accompanying illustration. 
Production of the incredibly thin layers (the seven 
layers have a total thickness of about 107* mm) 
has a lot in common with the manufacture of com- 
puter chips and has proved to be very difficult. The 
center layer of the window contains an electrolyte 
that allows ion flow to both of the surrounding 
layers. One of the sandwiching layers contains 
tungsten(VI) oxide (WO3;) and the other contains 
lithium cobalt(III) oxide (LiCoO;). Because the 
transparency and reflectivity of these compounds 
change in response to electron and ion flow, they 
can be used to regulate the passage of light 





through the window. Depending on the size of the 
current pulse delivered across the window layers, a 
continuum of optical properties can be produced 
ranging from completely transparent to opaque. 

A somewhat simpler electrochemical system is 
being developed by Claes-Goran Granquist and 
coworkers at the University of Uppsala in Sweden. 
This system involves two transparent polyester foils 
that are first coated with a conductive indium-tin 
oxide layer. One of the foils is then coated with 
tungsten oxide and the other with nickel oxide. An 
ion-conducting polymer is then sandwiched between 
the foils. The system works similar to a battery, 
with the foils acting as the anode and the cathode 
with the sandwiched polymer acting as the electro- 
lyte. When 1.4 V is applied to the system, the direc- 
tion that charges the tungsten oxide coating (turns 
dark) and discharges the nickel oxide coating (turns 
dark as it discharges) causes the system to block the 
passage of light. When the voltage is reversed, both 
oxides become transparent. The voltage can be con- 
trolled with a common switch, photo detector, or 
voice-sensitive switch. The product is projected to 
be useful in motorcycle helmets, face shields, ski 
goggles, and windows in buildings. 
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(graphite rod) 
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proximated as follows: 
Anode reaction: 


Cathode reaction: 


which tends to shake the solid PbSO, from the electrodes, and chemical side 
reactions eventually cause it to fail. 


The calculators, electronic watches, portable radios, and portable audio play- 
ers that are so familiar to us are all powered by small, efficient dry cell batter- 
ies. The common dry cell battery was invented more than 100 years ago by 
George Leclanché (1839-1882), a French chemist. In its acid version the dry 
cell battery contains a zinc inner case that acts as the anode and a carbon rod 
in contact with a moist paste of solid MnO3, solid NH4Cl, and carbon that acts 
as the cathode (Fig. 11.14). The half-cell reactions are complex but can be ap- 


Zn — ss. Cnateen 


2NH,* + 2Min@)s Fe: MnO; + JNH; + H,0 


This cell produces a potential of about 1.5 volts. 
In the alkaline version of the dry cell battery, the solid NH,4Cl is replaced 
with KOH or NaOH. In this case the half-reactions can be approximated as 


follows: 
Anode reaction: 


Cathode reaction: 


Zn + 20H” — > ZnO + HO + 2e7 


2MnO, + H,O + 2e°9 — > Mn,O; + 20H- 


11.5 Batteries 








Although many practical problems remain to 
be solved, there is real hope that smart windows 
will be available for buildings and cars in the near 
future. This could lead to a significant change in 


Light rays admitted 


In cooler weather, heat and light 
are both admitted and retained. 
Electrical conductor (+) 


aterials that change color in 
response to voltage change 





the energy demands of our society—it is estimated 
that smart windows can reduce a building’s energy 
usage by as much as 50%. 


In a “smart building, 

and sensors would measure 

light striking windows and th 

room temperature and adjust 

the electrical current to the 
electrochromatic windows. Huge 
energy savings are envisioned 
because of reduced demand for 
electricity to run air conditioners or | 
for heating fuels. 








The alkaline dry cell lasts longer than the acidic cell mainly because the zinc anode 
corrodes less rapidly under basic conditions than under acidic conditions. 

Other types of dry cell batteries include the silver cell, which has a Zn an- 
ode. Its cathode uses Ag>O as the oxidizing agent in a basic environment. Mer- 
cury cells, often used in calculators, also have a Zn anode. The cathode uses 
Hg0O as the oxidizing agent in a basic medium (Fig. 11.15). 

An especially important type of dry cell is the nickel-cadmium battery, in 
which the electrode reactions are as follows: 


Anode reaction: Cd 20H” — > GdiOH), +2e4 
Cathode reaction: NiO, + 2H,O + 2e~7 ——> Ni(OH), + 20H- 


As in the lead storage battery, the products adhere to the electrodes. Therefore, 
a nickel-cadmium battery can be recharged an indefinite number of times. 


Figure 11.15 Cathode (steel) 


A mercury battery of the type used in 
calculators. 





Insulation 


Anode (zinc container) 


Paste of HgO (oxidizing 
agent) in a basic medium 
of KOH and Zn(OH), 





Chemical Insights 


Chapter 11. Electrochemistry 








Fuel Cells—Portable Energy 





The promise of an energy-efficient, environmen- 
tally sound source of electrical power has spurred 
an intense interest in fuel cells in recent years. 
Although fuel cells have long been used in the U.S. 
space program, no practical fuel cell for powering 
automobiles has been developed. However, we are 
now on the verge of practical fuel-cell-powered 
cars. For example, DaimlerChrysler’s NECAR 5 
was driven across the United States, a 3000-mile 
trip that took 16 days. NECAR 5S is powered by a 
H,/O, fuel cell that generates its Hy from decom- 
position of methanol (CH;OH). 

General Motors, which has also been experi- 
menting with H)/O, fuel cells, in 2005 introduced 
the Chevrolet Sequel, which can go from 0 to 
60 mph in 10 seconds with a range of 300 miles. 
The car has composite tanks for storage of 8 kg of 
liquid hydrogen. GM’s goal is to build a fuel-cell 
system by 2010 that can compete with the current 
internal combustion engine. 

In reality, fuel cells have a long way to go 
before they can be economically viable in auto- 
mobiles. The main problem is the membrane that 
separates the hydrogen electrode from the oxygen 
electrode. This membrane must prevent H) mole- 
cules from passing through and still allow ions to 
pass between the electrodes. Current membranes 
cost over $3000 for an automobile-size fuel cell. 
The hope is to reduce this by a factor of 10 in the 
next few years. 

Besides providing power for automobiles, fuel 
cells are being considered for powering small elec- 
tronic devices such as cameras, cell phones, and 
laptop computers. Many of these micro fuel cells 
currently use methanol as the fuel (reducing agent) 
rather than H>. However, these direct-methanol 
fuel cells are rife with problems. A major difficulty 
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The Chevrolet Sequel car. 


is water management. Water is needed at the 
anode to react with the methanol and is produced 
at the cathode. Water is also needed to moisten the 
electrolyte to promote charge migration. 

Although the direct-methanol fuel cell is cur- 
rently the leader among micro fuel-cell designs, its 
drawbacks have encouraged the development of 
other designs. For example, Richard Masel at the 
University of Illinois at Urbana-Champaign has 
designed a micro fuel cell that uses formic acid as 
the fuel. Masel and others are also experimenting 
with mini hot chambers external to the fuel cell 
that break down hydrogen-rich fuels into hydrogen 
gas, which is then fed into the tiny fuel cells. 

To replace batteries, fuel cells must be demon- 
strated to be economically feasible, safe, and 
dependable. Today, rapid progress is being made to 
overcome the current problems. A recent estimate 
indicates that by late in this decade annual sales of 
the little power plants may reach 200 million units 
per year. It appears that after years of hype about 
the virtues of fuel cells, we are finally going to 
realize their potential. 





Lithium-ion batteries involve the migration of Li* ions from the cathode 
to the anode, where they intercolate (enter the interior) as the battery is 
charged. At the same time, charge-balancing electrons travel to the anode 
through the external circuit in the charger. On discharge, the opposite process 
occurs. The cathode of the first successful lithium-ion batteries originally con- 
tained LiCoO) and a lithium-intercolated carbon (LiC,) anode. More recently 
manufacturers have included transition metals such as nickel and manganese 
in the cathode in addition to cobalt. The mixed-metal cathodes have greater 
charge capacity and power output and shorter recharge times. 








Porous carbon 
electrodes containing 
catalysts 


Figure 11.16 
Schematic of the hydrogen—oxygen 
fuel cell. 
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Lithium-ion batteries are used in a wide variety of applications, including 
cell phones, laptop computers, power tools, and even electric drive systems in 
automobiles and motorcycles. 


Fuel Cells 


A fuel cell is a galvanic cell in which the reactants are continuously supplied. 
To illustrate the principles of fuel cells, we will consider the exothermic redox 
reaction of methane with oxygen: 


CHy4(g) + 202(g) —~> CO (g) + 2H,O(g) + energy 


Usually, the energy from this reaction is released as heat to warm homes and 
to run machines. However, in a fuel cell designed to use this reaction, the en- 
ergy is used to produce an electric current; the electrons flow from the reducing 
agent (CH,) to the oxidizing agent (O) through a conductor. 

The U.S. space program has supported extensive research to develop fuel 
cells. The space shuttle missions use a fuel cell based on the reaction of hydro- 
gen and oxygen to form water: 


2H2(g) + O2(g) —> 2H20(/) 


A schematic of a fuel cell that uses this reaction is shown in Fig. 11.16. The 
half-cell reactions are as follows: 


Anode reaction: 2H, + 40H” —— 4H,0 + 4e7 
Cathode reaction: 4e—° + O, + 2H,0 ——> 40H- 


Fuel cells are finding use as permanent power sources. A power plant built 
in New York City contains stacks of hydrogen—oxygen fuel cells, which can be 
rapidly put online in response to fluctuating power demands. The hydrogen 
gas is obtained by decomposing the methane in natural gas. A plant of this type 
has also been constructed in Tokyo. 

Although the H;/O; fuel cells developed for the U.S. space program are too 
expensive for commercial use, progress is being made toward achieving more 
widespread use of fuel cells for transportation. For example, the cities of 
Chicago and Vancouver (Canada) each have three city buses that are powered 
by H2/O; fuel cells. These buses are more powerful and much quieter than their 
diesel-powered counterparts and emit only water in their exhausts. The major 
problem with these buses is their prohibitive cost—$1.4 million each. The 
large automobile manufacturers are also working on a fuel-cell-powered ve- 
hicle. DaimlerChrysler is now experimenting with a fourth-generation fuel-cell 
car and expects to have a practical version of this car available to the public 
very soon. 

Because of the problems associated with the storage of hydrogen gas, sci- 
entists are also working to develop fuel cells that use gasoline or methanol to 
generate the H) needed for the fuel cell. 





11.6 | 


Some metals, such as copper, gold, 
silver, and platinum, are relatively diffi- 
cult to oxidize. They are often called 
noble metals. 


Corrosion 


Corrosion can be viewed as the process of returning metals to their natural 
state—the ores from which they were originally obtained. Corrosion involves 
oxidation of the metal. Since corroded metal often loses its structural integrity 
and attractiveness, this spontaneous process has great economic impact. About 
one-fifth of the iron and steel produced annually is used to replace rusted metal. 

Metals corrode because they oxidize easily. Table 11.i shows that, with 
the exception of gold, metals commonly used for structural and decorative 
purposes all have standard reduction potentials less positive than that of oxy- 
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Refurbishing the Lady 





The restoration of the Statue of Liberty in New 
York harbor more than 30 years ago represents a 
fascinating blend of science, technology, and art. 
The statue consists of copper sheets attached to a 
framework of iron, which had become so weak- 
ened by corrosion during its 100 years of exposure 
to the elements that it was in danger of collapsing. 

Gustave Eiffel, the French engineer who 
designed the ingenious support structure, knew 
from experience that if the copper touched the iron 
framework, the more active iron would corrode 
very rapidly. Why does this happen? It is apparent 
from the reduction potentials 


Guest es > Cu S° 
Fe2* + 2e° ——> Fe S° 


that Cu** will spontaneously oxidize iron. 
However, as with many electrochemical processes, 
the situation is more complex than it first appears. 
Since we are talking about two metal strips touch- 
ing each other, the question is: Where do the Cu** 
ions (the oxidizing agents) come from? In fact, 
research on this process suggests that the copper 
simply acts as a conductor for electrons and that 
the oxidizing agent is not Cu? at all but probably 
O, or oxides of N or S. 

Whatever the mechanism, Eiffel attempted to 
combat the corrosion problem by inserting asbestos 
pads between the copper sheets and the frame. 
However, this idea did not work, probably because 
copper is such a good conductor that any contact 
between the two metals anywhere on the statue 
totally thwarted the effect of the insulation. In fact, 


0.34 V 
—0.44 V 








workers found that the iron framework was so cor- 
roded it had to be completely replaced with stain- 
less steel, which is much more corrosion-resistant. 

Stainless steel has its own problems, however. 
In being bent to achieve the intricate shapes needed, 
the steel bars often became brittle. Flexibility was 
restored by heating each bar to a very high temper- 
ature, using a current of 30,000 amperes, and then 
cooling the bar suddenly. Unfortunately, this 
process also destroyed the corrosion resistance of 
the stainless steel. That resistance had to be 
restored by soaking the bars in nitric acid, an oxi- 
dizing acid that re-forms the protective oxide 
coating removed by heating. 

Another problem faced by the restorers was the 
removal of layers of coal tar and paint that had 
been applied in vain attempts to protect the statue’s 
interior. Although the iron could be cleaned by 
blasting with aluminum oxide powder, the more 
fragile copper sheets required a gentler treatment. 
The restorers discovered that liquid nitrogen (77 K) 
cracked the paint and caused it to peel away. The 
coal-tar layer under the paint was removed by 
blasting with baking soda (NaHCOQ3), a substance 
sometimes used by museum curators for polishing 
dinosaur bones. Although this treatment worked 
very well, it created another chemical problem: 
Where the baking soda seeped between the seams 
in the copper plates onto the exterior, the statue 
turned from green to light blue when it rained. 
After this phenomenon was observed for the first 
time, workers stationed on the exterior scaffolding 
immediately cleaned off any leaking NaHCO3. 





gen gas. When any one of these half-reactions is reversed (to show oxidation 
of the metal) and combined with the reduction half-reaction for oxygen, the 
result is a positive €° value. Thus the oxidation of most metals by oxygen is 
spontaneous (although we cannot tell from the potential how fast it will 
occur). 

In view of the large differences in the reduction potentials between oxygen 
and most metals, it is surprising that the problem of corrosion does not prevent 
the use of metals in air. However, most metals develop a thin oxide coating 
that tends to protect their internal atoms against further oxidation. The metal 
that best demonstrates this phenomenon is aluminum. With a reduction poten- 
tial of —1.7 volts, aluminum should be easily oxidized by O2. According to the 
apparent thermodynamics of the reaction, an aluminum airplane could dis- 
solve in a rainstorm. This very active metal can be used as a structural material 
because the formation of a thin, adherent layer of aluminum oxide [Al,O3, 
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One of the most interesting aspects of the 
chemistry of the Statue of Liberty is the green 
patina on its surface. Copper metal exposed to the 
atmosphere changes from its bright reddish brown 
metallic luster first to an almost black color and 
then to the familiar green patina. The initial black- 
ening is mainly caused by formation of copper 
oxide and copper sulfide. The green patina that 
forms consists of thin layers of two types of basic 
copper sulfates: brochantite, CuSO, + 3Cu(OH)), 
and antlerite, CuSO, - 2Cu(OH),. Crystals of these 
compounds seem to be cemented onto the copper 
surface by organic molecules from the air. 

In recent years large areas of the statue’s left 
side have been observed to darken as if the patina 
were being removed. Scientists speculated that this 
darkening may be the result of acid rain, which 
converts brochantite to the more soluble antlerite, 
which is then washed off by rainwater. 

To make any new copper sheets look like the 
old ones, the restorers transplanted the patina 
from a weathered piece of copper to the new 
surface. Applying acetone, an organic solvent, to 
the weathered surface and scraping with an abra- 
sive cloth caused tiny flakes of patina to fall off. 
These flakes, applied to the new copper, attached 
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The restored Statue of Liberty in New York harbor. 


themselves permanently in one to three weeks of lems faced by chemists as they pursue their 
exposure to the atmosphere. profession. 

The restoration of the Statue of Liberty made 
use of the latest advances in chemistry as well as Suggested Reading 
facts known to most general chemistry students. Ivars Peterson, “Lessons Learned from a Lady,” Science 
It’s an example of the fascinating and varied prob- News 130 (1986): 392. 














more properly represented as Al,(OH)¢] greatly inhibits further corrosion. The 
potential of the “passive,” oxide-coated aluminum is —0.6 volt, a value that 
causes it to behave much like a noble metal. 

Iron can also form a protective oxide coating. This coating is not an infal- 
lible shield against corrosion, however; when steel is exposed to oxygen in 
moist air, the oxide that forms tends to scale off, exposing new metal surfaces 
to corrosion. 

The corrosion products of noble metals such as copper and silver are com- 
plex and affect the use of these metals as decorative materials. Under normal 
atmospheric conditions, copper forms an external layer of greenish copper car- 
bonate called patina. Silver tarnish is silver sulfide (Ag)S), which in thin layers 
gives the silver surface a richer appearance. Gold, with a positive standard reduc- 
tion potential (1.50 volts) significantly larger than that for oxygen (1.23 volts), 
shows no appreciable corrosion in air. 
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Figure 11.17 
The electrochemical corrosion of iron. 


Corrosion of Iron 


Since steel is the main structural material for bridges, buildings, and automo- 
biles, controlling its corrosion is extremely important. To do so, we must un- 
derstand the corrosion mechanism. Instead of being a direct oxidation process, 
as we might expect, the corrosion of iron is an electrochemical reaction, as il- 
lustrated in Fig. 11.17. 

Steel has a nonuniform surface because its chemical composition is not 
completely homogeneous. In addition, physical strains leave stress points in the 
metal. These nonuniformities produce areas where the iron is more easily oxi- 
dized (anodic regions) than it is at others (cathodic regions). In the anodic re- 
gions, each iron atom gives up two electrons to form the Fe?* ion: 


Fe — > Fe2* + 2e— 


The electrons that are released flow through the steel, as they do through the 
wire of a galvanic cell, to a cathodic region where they react with oxygen: 


O, aig 2H,O + 4e— ——> 40H- 


The Fe?* ions formed in the anodic regions travel to the cathodic regions 
through the moisture on the surface of the steel, just as ions travel through a 
salt bridge in a galvanic cell. In the cathodic regions, Fe** ions react with oxy- 
gen to form rust, which is hydrated iron(II) oxide of variable composition: 


4Fe** (aq) + On(g) + (4 + 2n)H,O(!) —~> 2Fe,03 - nH2O(s) + 8H*(aq) 
Rust 


Because of the migration of ions and electrons, rust often forms at sites 
that are remote from those where the iron dissolved to form pits in the steel. 
Also the degree of hydration of the iron oxide affects the color of the rust, 
which may vary from black to yellow to the familiar reddish brown. 

The electrochemical nature of the rusting of iron explains the importance of 
moisture in the corrosion process. Moisture must be present to act as a “salt 
bridge” between anodic and cathodic regions. Steel does not rust in dry air, a fact 
that explains why cars last much longer in the arid Southwest than in the rela- 
tively humid Midwest. Salt also accelerates rusting, a fact all too easily recognized 
by car owners in the colder parts of the United States, where salt is used on roads 
to melt snow and ice. The severity of rusting is greatly increased because the dis- 
solved salt on the moist steel surface increases the conductivity of the aqueous 
solution formed there and thus accelerates the electrochemical corrosion process. 
Chloride ions also form very stable complex ions with Fe**, and this factor tends 
to encourage the dissolving of the iron, further accelerating the corrosion. 


Prevention of Corrosion 


Prevention of corrosion is an important way of conserving our natural re- 
sources of energy and metals. The primary means of protection is the applica- 
tion of a coating, most commonly paint or metal plating, to protect the metal 
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(Anode reaction: Fe ——>Fe* + 2e7 ) (Cathode reaction: O, + 2H,O + 4e° —— 40H) 
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Traditionally, paint has provided the most eco- 
nomical method for protecting steel against corro- 
sion. However, as people who live in the Midwest 
know well, paint cannot prevent a car from rusting 
indefinitely. Eventually, flaws develop in the paint 
that allow the ravages of rusting to take place. 

This situation may soon change. Chemists at 
Glidden Research Center in Ohio have developed a 
paint called Rustmaster Pro that worked so well to 
prevent rusting in its initial tests that the scientists 
did not believe their results. Steel coated with the 
new paint showed no signs of rusting after an 
astonishing 10,000 hours of exposure in a salt 
spray chamber at 38°C. 

Rustmaster is a water-based polymer formula- 
tion that prevents corrosion in two different ways. 
First, the polymer layer that cures in air forms a 
barrier impenetrable to both oxygen and water 
vapor. Second, the chemicals in the coating react 
with the steel surface to produce an interlayer 
between the metal and the polymer coating. This 
interlayer is a complex mineral called pyroaurite 
that contains cations of the form [M,_,Z,(OH),|**, 








where M is a 2+ ion (Mg?*, Fe**, Zn*+, Co**, or 
INGA) Zs aio ion. (AlS*, Feet, Mn°*, Co2*, or 
Ni3*), and x is a number between 0 and 1. The 
anions in pyroaurite are typically CO37-, Cl-, 
and/or SO,?7. 

This pyroaurite interlayer is the real secret of 
the paint’s effectiveness. Because the corrosion of 
steel has an electrochemical mechanism, motion of 
ions must be possible between the cathodic and 
anodic areas on the surface of the steel for rusting 
to occur. However, the pyroaurite interlayer grows 
into the neighboring polymer layer, thus prevent- 
ing this crucial movement of ions. In effect, this 
layer prevents corrosion in the same way that 
removing the salt bridge prevents current from 
flowing in a galvanic cell. 

In addition to having an extraordinary 
corrosion-fighting ability, Rustmaster yields an 
unusually small quantity of volatile solvents as it 
dries. A typical paint can produce from 1 to 5 kg 
of volatiles per gallon; Rustmaster produces only 
0.05 kg. This paint may signal a new era in corro- 
sion prevention. 





from oxygen and moisture. Chromium and tin are often used to plate steel (see 
Section 11.8) because they react with oxygen to form a durable, effective oxide 
coating. Zinc, also used to coat steel in a process called galvanizing, does not 
form an oxide coating. However, since it is a more active metal than iron, as 
the potentials for the oxidation half-reactions show, 


—€° = 0.44V 
—€° = 0.76 V 


Fe —> Fe?* + 2e7 
Zn — > Zn2* + 2e7 


any oxidation that occurs dissolves zinc rather than iron. Recall that the reac- 
tion with the most positive standard potential has the greatest thermodynamic 
tendency to occur. Thus zinc acts as a “sacrificial” coating on steel. 

Alloying is also used to prevent corrosion. Stainless steel contains chro- 
mium and nickel, both of which form oxide coatings that change steel’s reduc- 
tion potential to one characteristic of the noble metals. A new technology is 
now being developed to create surface alloys. Instead of forming a metal alloy 
such as stainless steel, which has the same composition throughout, a cheaper 
carbon steel is treated by ion bombardment to produce a thin layer of stainless 
steel or other desirable alloy on the surface. In this process a “plasma” or “ion 
gas” of the alloying ions is formed at high temperatures and is then directed 
onto the surface of the metal. 

Cathodic protection is a method most often used to protect steel in buried 
fuel tanks and pipelines. An active metal, such as magnesium, is connected by 
a wire to the pipeline or tank to be protected (Fig. 11.18). Because magnesium 
is a better reducing agent than iron, electrons are furnished by the magnesium, 
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Figure 11.18 


Cathodic protection of an underground 


pipe. 


Connecting 
insulated wire ———| 


Anode 
(magnesium) 


Ground level 






oO “ Electrolyte 
“ (moist:soil) 


keeping the iron from being oxidized. As oxidation occurs, the magnesium 
anode dissolves, and so it must be replaced periodically. 





11.7 | Electrolysis 


A galvanic cell produces current when an oxidation—reduction reaction pro- 
ceeds spontaneously. A similar apparatus, an electrolytic cell, uses electrical 
energy to produce chemical change. The process of electrolysis involves forcing 
a current through a cell to produce a chemical change for which the cell poten- 
tial is negative; that is, electrical work causes an otherwise nonspontaneous 
chemical reaction to occur. Electrolysis has great practical importance; for ex- 
ample, charging a battery, producing aluminum metal, and chrome plating an 
object are all done electrolytically. 

To illustrate the difference between a galvanic cell and an electrolytic cell, 
consider the cell shown in Fig. 11.19(a) as it runs spontaneously to produce 
1.10 volts. In this galvanic cell the reaction at the anode is 
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(a) A standard galvanic cell based on the spontane- 
ous reaction 


Zn + Cu2+ —> Zn2+ + Cu 
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(b) A standard electrolytic cell. A power source 
forces the opposite reaction 


(CU) se Za’ —=s@ue 42 Ae 


An electrolytic cell uses electrical 
energy to produce a chemical change 
that would otherwise not occur 
spontaneously. 


TASC 
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and the cathode reaction is 
Cu2* + 2e7 —> Cu 


Figure 11.19(b) shows an external power source forcing electrons through 
the cell in the opposite direction to that in (a). This requires an external poten- 
tial greater than 1.10 V, which must be applied in opposition to the natural cell 
potential. This device is an electrolytic cell. Notice that since electron flow is 
opposite in the two cases, the anode and cathode are reversed in (a) and (b). 
Also, ion flow through the salt bridge is opposite in the two cells. 

Now we will consider the stoichiometry of electrolytic processes—that is, 
how much chemical change occurs with the flow of a given current for a speci- 
fied time. Suppose we wish to determine the mass of copper that is plated out 
when a current of 10.0 amperes [an ampere (amp) is 1 coulomb of charge per 
second] is passed for 30.0 minutes through a solution containing Cu**. Plating 
means depositing the neutral metal on the electrode surface by reducing the 
metal ions in solution. In this case each Cu** ion requires two electrons to be- 
come an atom of copper metal: 


Cu** (ag) + 2e7 ——> Cu(s) 


This reduction process occurs at the cathode of the electrolytic cell. 
To solve this stoichiometry problem, we use the following steps: 


1. Since an amp is a coulomb of charge per second, we multiply the current 
by the time in seconds to obtain the total coulombs of charge passed into 
the solution at the cathode: 


| 


Coulombs of charge = amps X seconds = a Xs 


Ee H Oe ea Ol MME OOO = 
S min 


1.805¢10°C 


2. Since 1 mole of electrons carries a charge of 1 faraday, or 96,485 cou- 
lombs, we can calculate the number of moles of electrons required to carry 
1.80 X 104% coulombs of charge: 


1 mol e~ 
.80 xX 10* C x ———— = 1.87 X 107! mole” 
BO) 36 KOC 96,485 C mole 


This means that 0.187 mole of electrons flowed into the solution contain- 
ing Cue". 
3. Each Cu** ion requires two electrons to become a copper atom. Thus each 
mole of electrons produces + mole of copper metal: 
187, enOee mio lien x pulse =o 35. 0 amolenu 
2 mole 


4. Since we now know the number of moles of copper metal plated onto the 
cathode, we can calculate the mass of copper formed: 


63.546 g 


9.35 X 10-7 mol Cu X 
mol Cu 


= 5.94 ¢ Cu 


Yoav Levy/Phototake 
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Figure 11.20 

The electrolysis of water produces 
hydrogen gas at the cathode (on the 
left) and oxygen gas at the anode (on 
the right). Note that twice as much 
hydrogen gas is produced as oxygen 
gas. 


’ 


Electrolysis of Water 

We have seen that hydrogen and oxygen combine spontaneously to form water 
and that the accompanying decrease in free energy can be used to run a fuel cell 
to produce electricity. The reverse process, which is, of course, nonspontane- 
ous, can be forced by electrolysis: 





Anode reaction: 20 ———> Ons 4H 4c" se oy, 
Cathode reaction: 4H,0 + 4e° ——> 2H, + 40H- SS 053 
Net reaction: GEO. — > 2Ha + O74 4H Olds) 

4H,O 
or 2H,0 ——> 2H, + O, & =—2,06 V 


Note that these potentials assume an anode chamber with 1 M H* and a cath- 
ode chamber with 1 M OH-. In pure water, where [H*] = [OH] = 1077 M, 
the potential for the overall process is —1.23 V. 

In practice, however, if platinum electrodes connected to a 6-volt battery 
are dipped into pure water, no reaction is observed; pure water contains so few 
ions that only a negligible current can flow. However, addition of even a small 
amount of a soluble salt causes an immediate evolution of bubbles of hydrogen 
and oxygen, as illustrated in Fig. 11.20. 





Electrolysis of Mixtures of lons 


Suppose a solution in an electrolytic cell contains the ions Cu**, Ag, and 
Zn?*. If the voltage, which is initially very low, is gradually turned up, in 
which order will the metals be plated out onto the cathode? This question can 
be answered by looking at the standard reduction potentials of these ions: 


Ag’ +e — > Ag ee = 0.20 
Cur Foe —— 9 Cu eee 
Zn2* + 2e- — > Zn ee = =O576 


Remember that the more positive the 6° value, the more the reaction has a 
tendency to proceed in the direction indicated. Of the three reactions listed, the 
order of oxidizing ability is 


Age Gal snes 


This means that silver will plate out first as the potential is increased, followed 
by copper, and finally zinc. 

The principle described in this section is very useful, but it must be applied 
with some caution. For example, in the electrolysis of an aqueous solution of 
sodium chloride, we should be able to use €° values to predict which products 
are expected. Of the major species in the solution (Na*, Cl-, and H;O), only 
Cl- and H,0 can be readily oxidized. The half-reactions (written as oxidation 
processes) are 


2Cl —> Cl, + 2e7 =o S136 
2H,0 —=> O) + 4H* + 4e7 36 = = (ey 


Since water has the more positive potential, we would expect to see O) pro- 
duced at the anode. However, this does not happen. As the voltage is in- 
creased in the cell, the Cl” ion is the first to be oxidized. A much higher po- 
tential than expected is required to oxidize water. The voltage required in 
excess of the expected value (called the overvoltage) is much greater for the 
production of O) than for Cl;, which explains why chlorine is produced at the 
lower voltage. 
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The Chemistry of Sunken Treasure | Chemical Insights 








When the galleon Atocha was destroyed on a reef 
by a hurricane in 1622, it was bound for Spain 
carrying about 47 tons of copper, gold, and silver 
from the New World. The bulk of the treasure was 
silver bars and coins packed in wooden chests. 
When treasure hunter Mel Fisher salvaged the 
silver in 1985, corrosion and marine growth had 
transformed the shiny metal into something that 
looked like coral. Restoring the silver to its origi- 
nal condition required an understanding of the 
chemical changes that had occurred in 350 years of 
being submerged in the ocean. Much of this chem- 
istry we have already considered at various places 
in this text. 

As the wooden chests containing the silver 
decayed over the years, the oxygen supply was t Be ee 
depleted. This favored the growth of certain bacte- ea Bae 
ria that use the sulfate ion rather than oxygen as Anode — Cathode 
an oxidizing agent to generate energy. As these 
bacteria consume sulfate ions, they release hydro- 
gen sulfide gas that reacts with silver to form black 
silver sulfide: 








Soaking the mass of coins in a buffered acidic bath 
for several hours allowed the individual pieces to 
be separated, and the black Ag,S on the surfaces 
2Ag(s) + H,S(aqg) ——> Ag>S(s) + H:(g) was revealed. An abrasive could not have been 
used to remove this corrosion; it would have 
destroyed the details of the engraving—a very 
valuable feature of the coins to a historian or a 
collector—and it would have washed away some 
of the silver. Instead, the corrosion reaction was 
reversed through electrolytic reduction. The coins 
were connected to the cathode of an electrolytic 
cell in a dilute sodium hydroxide solution, as rep- 
resented in the figure. 


Thus over the years the surface of the silver 
became covered with a tightly adhering layer of 
corrosion, which fortunately protected the silver 
underneath, thus preventing total conversion of the 
silver to silver sulfide. 

Another change that took place as the wood 
decomposed was the formation of carbon dioxide. 
This shifted the equilibrium that is present in the 


ima As electrons flow, the Ag* ions in the silver 
CO,(aq) + H,O(/) == HCO; (aq) + H*(aq) sulfide are reduced to silver metal, 
to the right, producing higher concentrations of AgoS + 2e~7 ——> Ag + S?- 


HCO;>. In turn, the HCO;~ reacted with Ca?* ions 


As a by-product, bubbles of hydrogen gas from the 
present in the seawater to form calcium carbonate: ar Te ae 


reduction of water, 


Ca?*(aq) ae HCO; (aq) ——— CaCO;(s) ar H* (aq) 2H,O ee H, “OH 


Calcium carbonate is the main component of lime- 
stone. Thus over time the corroded silver coins and 
bars became encased in limestone. 

Both the limestone formation and the corro- 
sion had to be dealt with. Since CaCO; contains 
the basic anion CO;2-, acid dissolves limestone: 


form on the surface of the coins. 

The agitation caused by the bubbles loosens 
the flakes of metal sulfide and helps clean the 
coins. 

Using these procedures, technicians have been 
able to restore the treasure to very nearly the same 
2H*(aq) + CaCO3(s) condition it was in when the Atocha sailed many 

—=> Ca?+(aq) + CO2(g) + H20(/) years ago. 








Oberlin College Archives/Oberlin College 
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The causes of overvoltage are very complex. Basically, the phenomenon is 
caused by difficulties in transferring electrons from the species in the solution 
to the atoms on the electrode across the electrode-solution interface. Because 
of this situation, 6° values must be used cautiously in predicting the actual 
order of oxidation or reduction of species in an electrolytic cell. 
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Figure 11.21 

Charles Martin Hall (1863-1914) was 
a student at Oberlin College in Ohio 
when he first became interested in alu- 
minum. One of his professors com- 
mented that anyone who could manu- 
facture aluminum cheaply would make 
a fortune, so Hall decided to give it a 
try. The 21-year-old Hall worked in a 
wooden shed near his house with an 
iron frying pan as a container, a black- 
smith’s forge as a heat source, and 
galvanic cells constructed from fruit 
jars. Using these crude galvanic cells, 
Hall found that he could produce alu- 
minum by passing a current through a 
molten AlsO2/NasAlFe mixture. By a 
strange coincidence, Paul Heroult, a 
Frenchman who was born and died in 
the same years as Hall, made the same 
discovery at about the same time. 








Commercial Electrolytic Processes 


The chemistry of metals is characterized by their ability to donate electrons to 
form ions. Because metals are typically very good reducing agents, most are 
found in nature in ores, mixtures of ionic compounds often containing oxide, 
sulfide, and silicate anions. The noble metals, such as gold, silver, and plati- 
num, are more difficult to oxidize and are often found as pure metals. 


Production of Aluminum 


Aluminum is one of the most abundant elements on earth, ranking third be- 
hind oxygen and silicon. Since aluminum is a very active metal, it is found in 
nature as its oxide in an ore called bauxite (named after Les Baux, France, 
where it was discovered in 1821). Production of aluminum metal from its ore 
proved to be more difficult than production of most other metals. In 1782 
Lavoisier recognized aluminum as a metal “whose affinity for oxygen is so 
strong that it cannot be overcome by any known reducing agent.” As a result, 
pure aluminum metal remained unknown. Finally, in 1854 a process was 
found for producing metallic aluminum using sodium, but aluminum remained 
a very expensive rarity. In fact, it is said that Napoleon III served his most 
honored guests with aluminum forks and spoons, while the others had to settle 
for gold and silver utensils. 

The breakthrough came in 1886 when two men, Charles M. Hall (Fig. 
11.21) in the United States and Paul Heroult in France, almost simultaneously 
discovered a practical electrolytic process for producing aluminum. The key 
factor in the Hall-Heroult process is the use of molten cryolite (Na3AIF,) as the 
solvent for the aluminum oxide. 

Electrolysis is possible only if ions can move to the electrodes. A common 
method for producing ion mobility is dissolving the substance to be electro- 
lyzed in water. This method cannot be used for aluminum because water is 
more easily reduced than Al**, as the following standard reduction potentials 
show: 


Al?+ + 3e° ——> Al €° = -1.66V 
2H,0 + 2e7 — > H,) + 20H7 €° = —0.83 V 


Thus aluminum metal cannot be plated out of an aqueous solution of Al>*. 

Ion mobility can also be produced by melting the salt. But the melting 
point of solid Al,O3 is much too high (2050°C) to allow practical electrolysis 
of the molten oxide. A mixture of Al,O3 and Na3AIF,, however, has a melting 
point of 1000°C, and the resulting molten mixture can be used to obtain alu- 
minum metal electrolytically. Because of this discovery by Hall and Heroult, 
the price of aluminum plunged (Table 11.3), and its use became economically 
feasible. 

Bauxite is not pure aluminum oxide (called alumina) but also contains the 
oxides of iron, silicon, and titanium, and various silicate materials. The pure 
hydrated alumina (Al,O; + ”H,O) is obtained by treating the crude bauxite 
with aqueous sodium hydroxide. Being amphoteric, alumina dissolves in the 
basic solution: 


ALO;(s) ar 20H (aq) ————— 2AlO, (aq) =P H,O(I) 


Table 11.3 


The Price of Aluminum Over 


the Past Century 





Date 


1855 
1885 
1890 
1895 
1970 
1980 
1990 


“Note the precipitous drop in price after 


Price of Aluminum 


($/lb)* 


100,000 
100 
2 

0.50 

0.30 

0.80 

0.74 


the discovery of the Hall-Heroult 


process. 
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Figure 11.22 

A schematic diagram of an electrolytic cell for producing aluminum by the Hall—Heroult 
process. Because molten aluminum is more dense than the mixture of molten cryolite and 
alumina, it settles to the bottom of the cell and is drawn off periodically. The graphite elec- 
trodes are gradually eaten away and must be replaced from time to time. The cell operates 
at a current flow of up to 250,000 A. 


The other metal oxides, which are basic, remain as solids. The solution con- 
taining the aluminate ion (AIO, ) is separated from the sludge of other oxides 
and is acidified with carbon dioxide gas, causing the hydrated alumina to 
reprecipitate: 


2CO,(g) + 2AlO, (aq) + (x + 1)H,O(I) 
—> 2HCO; (aq) + Al,O; - nH2O(s) 
The purified alumina is then mixed with cryolite and melted, and the alu- 
minum ion is reduced to aluminum metal in an electrolytic cell of the type 
shown in Fig. 11.22. Because the electrolyte solution contains a large number 


of aluminum-containing ions, the chemistry is not completely understood. 
However, the alumina probably reacts with the cryolite anion as follows: 


Al,O; + 4AIF2- — > 3ALOF?~ + 6F- 
The electrode reactions are thought to be the following: 
Cathode reaction: AIF.2- + 3e° —— Al + 6F- 
Anode reaction: 2ALOF?Z2- + 12F- + C —> 4AlF.2- + CO, + 4e7 
The overall cell reaction can be written as 
2Al,03 + 3C —> 4Al + 3CO; 


The aluminum produced in this electrolytic process is 99.5% pure. To be 
useful as a structural material, aluminum is alloyed with metals such as zinc 
(used for trailer and aircraft construction) and manganese (used for cooking 
utensils, storage tanks, and highway signs). The production of aluminum con- 
sumes almost 5% of all electricity used in the United States. 


Electrorefining of Metals 


Purification of metals is another important application of electrolysis. For ex- 
ample, impure copper from the chemical reduction of copper ore is cast into 
large slabs that serve as the anodes for electrolytic cells. Aqueous copper sul- 
fate is the electrolyte, and thin sheets of ultrapure copper function as the cath- 
odes (Fig. 11.23). 


508 Chapter 11 Electrochemistry 


Figure 11.23 

Ultrapure copper sheets (Serving as 
cathodes) are lowered between slabs 
of impure copper (serving as anodes) 


into a tank containing an aqueous solu- 


tion of copper sulfate (CuSO,). It takes 
about four weeks for the anodes to 
dissolve and for the pure copper to be 
deposited on the cathodes. 


PSMA ES REI ETT IPED 





tS 


Anode Cathode 


Figure 11.24 

Schematic of the electroplating of a 
spoon. The item to be plated is the 
cathode, and the anode is a silver bar. 
Silver is plated out at the cathode: 


Agi +e — > Ag 


Note that a salt bridge is not needed 
here since Ag* ions are involved at 
both electrodes. 


Tom Hollyman/Photo Researchers, Inc. 





The main reaction at the anode is 


Cu -——>_Cu** 4 Je- 

Other metals such as iron and zinc are also oxidized from the impure anode: 
Zn — > Zn** + 2e~ 
Fe ——> Fe*t + 2e7 


Noble metal impurities in the anode are not oxidized at the voltage used; they 
fall to the bottom of the cell to form a sludge, which is processed to remove the 
valuable silver, gold, and platinum. 

The Cu?* ions from the solution are deposited onto the cathode, 


Cue? 42ers, Cu 


producing copper that is 99.95% pure. 


Metal Plating 


Metals that readily corrode can often be protected by the application of a thin 
coating of a metal that resists corrosion. Examples are “tin” cans, which are 
actually steel cans with a thin coating of tin, and chrome-plated steel bumpers 
for automobiles. 

An object can be plated by making it the cathode in a tank containing ions 
of the plating metal. The silver plating of a spoon is shown schematically in 
Fig. 11.24. In an actual plating process, the solution also contains ligands that 
form complexes with the silver ion. When the concentration of Ag* is lowered 
in this way, a smooth, even coating of silver is obtained. 


Electrolysis of Sodium Chloride 


Sodium metal is produced mainly by the electrolysis of molten sodium chlo- 
ride. Because solid NaCl has a rather high melting point (800°C), it is usually 
mixed with solid CaCl, to lower the melting point to about 600°C. The mix- 
ture is then electrolyzed in a Downs cell, as illustrated in Fig. 11.25, where the 
reactions are as follows: 


Anode reaction: 2Cl- — > Ch 2e- 


Cathode reaction: Na pens ——_> Na 


Figure 11.25 

The Downs cell for the electrolysis of 
molten sodium chloride. The cell is 
designed so that the sodium and 
chlorine produced cannot come into 
contact with each other to re-form 
NaCl. 
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Tron 
screen 


Iron 


screen 
Anode 


At the temperatures in the Downs cell, the sodium is liquid and can be drained 
off, cooled, and cast into blocks. Because it is so reactive, sodium must be 
stored in an inert solvent, such as mineral oil, to prevent its oxidation. 

Electrolysis of aqueous sodium chloride (brine) is an important industrial 
process for the production of chlorine and sodium hydroxide. In fact, this pro- 
cess is second only to the production of aluminum as a consumer of electricity 
in the United States. Sodium is not produced in this process under normal cir- 
cumstances because HO is more easily reduced than Na‘, as the standard re- 
duction potentials show: 


Naw ca Na eS S27 W 
2H,0 + 2e° —— H, + 20H™ S° = —0.83 V 


Hydrogen, not sodium, is produced at the cathode. 
For the reasons we discussed in Section 11.7, chlorine gas is produced at 
the anode. Thus the electrolysis of brine produces hydrogen and chlorine: 


Anode reaction: 2Cl- ——> Cl, + 2e7 
Cathode reaction: 2H,O + 2e° — > Ha + 20H> 


It leaves a solution containing dissolved NaOH and NaCl. 

The contamination of the sodium hydroxide by NaCl can be virtually 
eliminated by using a special mercury cell for electrolyzing brine (Fig. 11.26). 
In this cell mercury is the conductor at the cathode, and because hydrogen gas 
has an extremely high overvoltage with a mercury electrode, Na* is reduced 
instead of H)O. The resulting sodium metal dissolves in the mercury, forming 
a liquid alloy, which is then pumped to a chamber where the dissolved sodium 
is reacted with water to produce hydrogen: 


2Na(s) + 2H,O(/) —> 2Na*(aq) + 20H (aq) + Hi(g) 


Relatively pure solid NaOH is recovered from the aqueous solution, and the 
regenerated mercury is then pumped back to the electrolysis cell. This process, 
called the chlor-alkali process, has often resulted in significant mercury con- 
tamination of the environment; the waste solutions from this process are now 
carefully treated to remove mercury. 
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Figure 11.26 

The mercury cell for production of 
chlorine and sodium hydroxide. The 
large overvoltage required to produce 
hydrogen at a mercury electrode 
means that Na* ions are reduced 
rather than water. The sodium formed 
dissolves in the liquid mercury and is 
then pumped to a chamber, where it 
reacts with water. 


H, gas 





Because of the environmental problems associated with the mercury cell, it 
has been primarily displaced in the chlor-alkali industry by other technologies. 
In the United States nearly 75% of chlor-alkali production is now carried out 
in diaphragm cells. In a diaphragm cell the cathode and the anode are sepa- 
rated by a diaphragm that allows passage of HO molecules, Na~ ions, and, to 
a limited extent, Cl” ions. The diaphragm does not allow OH™ ions to pass 
through it. Thus the H, and OH™ formed at the cathode are kept separate from 
the Cl, formed at the anode. The major disadvantage of this process is that the 
aqueous effluent pumped from the cathode compartment contains a mixture of 
sodium hydroxide and unreacted sodium chloride, which must be separated if 
pure sodium hydroxide is a desired product. 

In the past 25 years, a new process has been developed in the chlor-alkali 
industry that uses a membrane to separate the anode and cathode compart- 
ments in brine electrolysis cells. The membrane is superior to the diaphragm 
used in diaphragm cells because the membrane is impermeable to anions. Only 
cations can flow through the membrane. Because neither Cl” nor OH™ ions 
can pass through the membrane separating the anode and cathode compart- 
ments, NaCl contamination of the NaOH formed at the cathode is not a prob- 
lem. Although membrane technology is only now becoming prominent in the 
United States, it is already the dominant method for chlor-alkali production in 


Japan. 





Key Terms For Review 

electrochemistry OWL ana Fe) Chemistry 

Section 11.1 Sign in at www.cengage.com/ow! to: 

oxidation-reduction (redox) ¢ View tutorials and simulations, develop problem-solving skills, and complete online homework 
reaction assigned by your professor. 


reducing agent 
oxidizing agent 
oxidation 
reduction 
half-reactions 





¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 

Electrochemistry 

w The study of the interchange of chemical and electrical energy 

a Employs oxidation-reduction reactions 
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salt bridge 

porous disk 

galvanic cell 

anode 

cathode 

cell potential (electromotive 
force) 

voltmeter 

potentiometer 


Section 11.2 
standard hydrogen electrode 
standard reduction potential 


Section 11.3 
faraday 


Section 11.4 

Nernst equation 

glass electrode 
ion-selective electrode 
concentration cell 


Section 11.5 
battery 

lead storage battery 
dry cell battery 

fuel cell 


Section 11.6 
corrosion 
galvanizing 
cathodic protection 
Section 11.7 
electrolytic cell 
electrolysis 

ampere 


Section 11.8 
Downs cell 
mercury cell 
chlor-alkali process 





m Galvanic cell: chemical energy is transformed into electrical energy by 
separating the oxidizing and reducing agents and forcing the electrons 
to travel through a wire 

# Electrolytic cell: electrical energy is used to produce a chemical change 


Galvanic cell 
ws Anode: the electrode where oxidation occurs 
= Cathode: the electrode where reduction occurs 
a The driving force behind the electron transfer is called the cell potential 
(G cen) 
a The potential is measured in units of volts (V), defined as a joule of 
work per coulomb of charge: 


reworks (oa — 10 
ee charge(C) 





a A system of half-reactions, called standard reduction potentials, can 
be used to calculate the potentials of various cells 
a The half-reaction 2H* + 2e~ ——> H, is arbitrarily assigned a 
potential of 0 V 


Free energy and work 
a The maximum work that a cell can perform is 


—~Wmax = Po max 


where €max represents the cell potential when no current is flowing 

a The actual work obtained from a cell is always less than the maximum 
because energy is lost through frictional heating of the wire when cur- 
rent flows 

= For a process carried out at constant temperature and pressure, the 
change in free energy equals the maximum useful work obtainable 
from that process: 


AG = Wmax = —4€max = —nF% 


where F (faraday) equals 96,485 C and n is the number of moles of 
electrons transferred in the process 


Concentration cell 

a A galvanic cell in which both compartments have the same compo- 
nents but at different concentrations 

m The electrons flow in the direction that tends to equalize the 
concentrations 


Nernst equation 
a Shows how the cell potential depends on the concentrations of the cell 
components: 


_ 0.0591 


E = $o log O atl @ 


a When a galvanic cell is at equilibrium, € = 0 and Q = K 


Batteries 
a A battery consists of a galvanic cell or group of cells connected in series 
that serve as a source of direct current 
a Lead storage battery 
a Anode: lead 
a Cathode: lead coated with PbO, 
w Electrolyte: H,SO,4(aq) 
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Fuel cells 


water 


Corrosion 


from the air 


Electrolysis 





Discussion Questions 








These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


il, 


Sketch a galvanic cell, and explain how it works. Look at 
Figs. 11.1 and 11.2. Explain what is occurring in each 
container and why the cell in Fig. 11.2 “works” but the 
one in Fig. 11.1 does not. 


. In making a specific galvanic cell, explain how one deter- 


mines which electrodes and solutions to use in the cell. 


. You want to “plate out” nickel metal from a nickel ni- 


trate solution onto a piece of metal inserted into the so- 
lution. Should you use copper or zinc (or can you use 
either)? Explain. 


. A copper penny can be dissolved in nitric acid but not in 


hydrochloric acid. Using reduction potentials given in 
the book, show why this is so. What are the products of 
the reaction? Newer pennies contain a mixture of zinc 
and copper. What happens to the zinc in the penny when 
placed in nitric acid? Hydrochloric acid? Support your 
explanations with the data from the book, and include 
balanced equations for all reactions. 


. Sketch a cell that forms iron metal from iron(II) while 


changing chromium metal to chromium(III). Calculate 
the voltage, show the electron flow, label the anode and 
cathode, and balance the overall cell equation. 


Which of the following is the best reducing agent: F, 
H*, Na, Na*, or F~? Explain. Order as many of these 
species as possible from the best to the worst oxidizing 


a Dry cell battery 
= Contains a moist paste instead of a liquid electrolyte 
s Anode: usually Zn 
= Cathode: carbon rod in contact with an oxidizing agent (which var- 
ies depending on the application) 


= Galvanic cells in which the reactants are continuously supplied 
= The H,/O; fuel cell is based on the reaction between H2 and O; to form 


= Involves the oxidation of metals to form mainly oxides and sulfides 
= Some metals, such as aluminum and chromium, form a thin, protective 
oxide coating that prevents further corrosion 
= The corrosion of iron to form rust is an electrochemical process 
a The Fe2* ions formed at anodic areas of the surface migrate through 
the moisture layer to cathodic regions, where they react with oxygen 


a» Iron can be protected from corrosion by coating it with paint or with 
a thin layer of metal such as chromium, tin, or zinc; by alloying; and 
by cathodic protection 


s Used to place a thin coating of metal onto steel 
us Used to produce pure metals such as aluminum and copper 





10. 


11. 


agent. Why can’t you order all of them? From Table 
11.1 choose the species that is the best oxidizing agent. 
Choose the best reducing agent. Explain. 


You are told that metal A is a better reducing agent than 
metal B. What, if anything, can be said about A~ com- 
pared with B*? Explain. 


Explain the following relationships: AG and w, cell po- 
tential and w, cell potential and AG, cell potential and QO. 
Using these relationships, explain how you could make a 
cell in which both electrodes are the same metal and both 
solutions contain the same compound, but at different 
concentrations. How could this cell run spontaneously? 


. Explain why cell potentials are not multiplied by the co- 


efficients in the balanced equation. (Hint: Use the rela- 
tionship between AG and cell potential.) 


What is the difference between € and €°? When is € 
equal to zero? When is €° equal to zero? (Consider “reg- 
ular” galvanic cells as well as concentration cells.) 


Consider the following galvanic cell: 
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What happens to © as the concentration of Zn2* is in- 13. If the cell potential is proportional to work and the stan- 
creased? as the concentration of Ag* is increased? What dard reduction potential for the hydrogen ion is zero, 
happens to €° in these cases? does this mean that the reduction of the hydrogen ion 
Look up the reduction potential for Fe3*+ to Fe?*+. Look requires no work? 
up the reduction potential for Fe?* to Fe. Finally, look 14. Is the following statement true or false? Concentration 
up the reduction potential for Fe?* to Fe. You should cells work because standard reduction potentials are de- 
notice that adding the reduction potentials for the first pendent on concentration. Explain. 
two does not give you the potential for the third. Why 
not? Show how you can use the first two potentials to 
calculate the third potential. 
Exercises 
WWL interactive versions of these problems may be assigned in OWL. 19. Sketch the galvanic cells based on the following overall 
A blue exercise number indicates that the answer to that exer- reactions. Calculate €°, show the direction of electron 
cise appears at the back of this book and a solution appears in flow and the direction of ion migration through the salt 
the Solutions Guide. bridge, identify the cathode and anode, and give the 
overall balanced equation. Assume that all concentra- 
Galvanic Cells, Cell Potentials, and Standard tions are 1.0 M and that all partial pressures are 1.0 atm. 
Reduction Potentials Standard reduction potentials are found in Table 11.1. 
3 a 2= = 
What is electrochemistry? What are redox reactions? Ex- a Bevel layed as rem a4) s i laa) 
lain the difference between a galvanic cell and an elec- Be ie cama clei Ue! 
plain the erence een a galvanic cell and an elec c. 103" (aq) + Fe**(aq) === Fe**(aqg) + ly(s) 
eco d. Zn(s) + Ag*(aq) == Zn?*(aq) + Ag(s) 
When magnesium metal = added to a beaker of HCl(aq), 20. Calculate 6° values for the following cells. Which reac- 
a gas is produced. Knowing that ees oxidized tions are spontaneous as written (under standard condi- 
and that hydrogen is reduced, write the balanced equa- tions)? Balance the equations. Standard reduction poten- 
tion for the reaction. How many electrons are trans- He lerane secu neal lalate 
ferred in the balanced equation? What quantity of useful a. MnO.-(aq) + I-(aq) === blag) + Mn2*(aq) 
work can be obtained when Mg is added directly to the b. MnO,-(aq) + F-(aq) === F(g) + Mn2*(aq) 
beaker of HCl? How can you harness this reaction to do c. Hy(g) — = H*(aq) + H-(aq) 
useful work? d. Au?*+(aq) + Ag(s) === Ag*(aq) + Au(s) 
Consider the following galvanic cell: 21. Sketch the galvanic cells based on the following half- 
reactions. Calculate €°, show the direction of electron 
Digital flow and the direction of ion migration through the salt 
peace bridge, identify the cathode and anode, and give the 
overall balanced equation. Assume that all concentra- 
tions are 1.0 M and that all partial pressures are 1.0 atm. 
a. Cl + 2e° —=> 2Cl- €° = 1.36 V 
Bry + 2e~ —~ 2Br™ €° = 1.09 V 
b. MnO,4- + 8H* + Se7 
—> Mn?* + 4H,0 €=1.51V 
Oh sp ABE sp IE 
105s Hs Ole EGO 
c. H,O, + 2H* + 2e°-—> 2H,0 €° = 1.78 V 
O, + 2H*+ 2e° — > HO, é° = 0.68 V 
d. Mn*+ + 2e°§ —> Mn €° = -1.18 V 
Fe*+ + 3e° ——> Fe 6° = —0.036 V 
22. Consider the following galvanic cells: 


18. 











a. Label the reducing agent and the oxidizing agent, 
and describe the direction of the electron flow. 

b. Determine the standard cell potential. 

c. Which electrode increases in mass as the reaction 
proceeds and which electrode decreases in mass? 


How can you construct a galvanic cell from two sub- 
stances, each having a negative standard reduction 


potential? 








1.0M vO; 
1.OMHt 
1.0m vO** 
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For each galvanic cell, give the balanced cell equation 
and determine 6°. Standard reduction potentials are 
found in Table 11.1. 


line notation for each cell in 
Exercise 21. 


The saturated calomel electrode, abbreviated SCE, is often 
used as a reference electrode in making electrochemical 
measurements. The SCE is composed of mercury in con- 
tact with a saturated solution of calomel (Hg2Cl,). The 
electrolyte solution is saturated KCl. scp is +0.242 V 
relative to the standard hydrogen electrode. Calculate the 
potential for each of the following galvanic cells contain- 
ing a saturated calomel electrode and the given half-cell 
components as standard conditions. In each case indicate 
whether the SCE is the cathode or the anode. Standard 
reduction potentials are found in Table 11.1. 

a. Cu*t + 2e° —> Cu 

b. Fe?+ + e~ ——> Fe?* 

c. AgCl + e — > Ag+ Cl- 

d. AlS+ + 3e7 —> Al 

e. Ni#t + 2e° —> Ni 


Answer the following questions using data from Table 
11.1 (all under standard conditions). 

a. Is H*(aq) capable of oxidizing Cu(s) to Cu?* (aq)? 

b. Is Fe**(aq) capable of oxidizing I-(aq)? 

c. Is H2(g) capable of reducing Ag*(aq)? 

d. Is Fe**(aq) capable of reducing Cr?*(aq) to Cr** (aq)? 


Using data from Table 11.1, place the following in order 
of increasing strength as oxidizing agents (all under stan- 
dard conditions). 


Cau IO3°, Ke HO, AuCl,, and I, 


Using data from Table 11.1, place the following in order 
of increasing strength as reducing agents (all under stan- 
dard conditions). 


Gui's IFS, IBIM, JBODs Ibs, eral IK 
Consider only the species (at standard conditions) 
Bro Be, Et ela Oa Gd 


in answering the following questions. Give reasons for 
your answers. 

a. Which is the strongest oxidizing agent? 

b. Which is the strongest reducing agent? 

c. Which species can be oxidized by MnO,~ in acid? 

d. Which species can be reduced by Zn(s)? 


Use the table of standard reduction potentials (Table 
11.1) to pick a reagent that is capable of each of the fol- 
lowing oxidations (under standard conditions in acidic 
solution). 

a. oxidizes Br~ to Br) but does not oxidize Cl to Cl, 

b. oxidizes Mn to Mn?* but does not oxidize Ni to Ni2* 


Use the table of standard reduction potentials (Table 
11.1) to pick a reagent that is capable of each of the fol- 
lowing reductions (under standard conditions in acidic 
solution). 

a. reduces Cu’* to Cu but does not reduce Cu2* to Cut 
b. reduces Br) to Br~ but does not reduce I, to I- 


Hydrazine is somewhat toxic. Use the half-reactions 
shown below to explain why household bleach (a highly 


3. 


alkaline solution of sodium hypochlorite) should not be 
mixed with household ammonia or glass cleansers that 
contain ammonia. 


ClO- + H,O + 2e7§ —> 20H + Cl” €° = 0.90 V 


N2H, + 2H,0 + 2e~§ —> 2NH; + 2OH™ 
6° = -0.10 V 


A patent attorney has asked for your advice concerning 
the merits of a patent application claiming the invention 
of an aqueous single galvanic cell capable of producing a 
12-V potential. Comment. 


Cell Potential, Free Energy, and Equilibrium 


33. 


34. 


36. 


38. 
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The free energy change for a reaction AG is an extensive 
property. What is an extensive property? Surprisingly, 
one can calculate AG from the cell potential @ for the 
reaction. This is surprising because €@ is an intensive 
property. How can the extensive property AG be calcu- 
lated from the intensive property @? 

The equation AG° = —nF€° also can be applied to half- 
reactions. Use standard reduction potentials to estimate 
AG? for Fe**(aq) and Fe** (aq). (AG? for e~ = 0.) 


. Estimate €° for the half-reaction. 


2H,O + 2e° —> H, + 20H 
given the following values of AG?: 


HO(/) = —237 kJ/mol 


H,(g) = 0.0 
OH“ (aq) = —157 kJ/mol 
e = 0.0 


Compare this value of €° with the value of €° given in 
Table 11,1. 


Glucose is the major fuel for most living cells. The oxida- 
tive breakdown of glucose by our body to produce en- 
ergy is called respiration. The reaction for the complete 
combustion of glucose is 


C6H}20¢(s) + 602(g) —> 6CO2(g) + 6H2O(/) 


If this combustion reaction could be harnessed as a gal- 
vanic cell, calculate the theoretical voltage that could be 
produced at standard conditions. (Hint: Use AG? values 
from Appendix 4.) 


. Calculate the maximum amount of work that can be ob- 


tained from the galvanic cells at standard conditions in 
Exercise 22. 


Under standard conditions, what reaction occurs, if any, 
when each of the following operations are performed? 
a. Crystals of I, are added to a solution of NaCl. 

b. Cl, gas is bubbled into a solution of Nal. 

c. A silver wire is placed in a solution of CuCh. 

d. An acidic solution of FeSO, is exposed to air. 


For the reactions that occur, write a balanced equation 
and calculate €°, AG°, and K at 25°C. 


Calculate AG® and K at 25°C for the galvanic cell reac- 
tions in Exercise 21. 


40. 


41. 


43. 
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Chlorine dioxide (ClO2), which is produced by the 


reaction 
2NaClO3(aq) + Clo(g) —> 2Cl0(g) + 2NaCl(aq) 


has been tested as a disinfectant for municipal water 

treatment. 

a. Using data from Table 11.1, calculate €°, AG°, and 
K at 25°C for the production of ClO). 

b. One of the concerns in using ClO) as a disinfectant 
is that the carcinogenic chlorate ion (CIO;~) might 
be a by-product. It can be formed from the reaction 


ClO3(g) == ClO3"(aq) + Cl-(aq) 


Balance the equation for the decomposition of ClO). 


The amount of manganese in steel is determined by 
changing it to permanganate ion. The steel is first dis- 
solved in nitric acid, producing Mn2* ions. These ions 
are then oxidized to the deeply colored MnO,~ ions by 
periodate ion (1047) in acid solution. 

a. Complete and balance an equation describing each 

of the above reactions. 
b. Calculate €°, AG°, and K at 25°C for each reaction. 


2. The overall reaction and equilibrium constant value for 


a hydrogen-oxygen fuel cell at 298 K is 
2H2(g) + Or(g) —> 2H,O(/)  K =1.28 x 108 


a. Calculate €° and AG® at 298 K for the fuel-cell 
reaction. 

b. Predict the signs of AH® and AS° for the fuel-cell 
reaction. 

c. As temperature increases, does the maximum 
amount of work obtained from the fuel-cell reaction 
increase, decrease, or remain the same? Explain. 


Combine the equations 


AG° = —nF@° and AG° = AH’ - TAS° 


to derive an expression for €° as a function of tempera- 
ture. Describe how one can graphically determine AH° 
and AS° from measurements of €° at different tempera- 
tures, assuming that AH® and AS° do not depend on tem- 
perature. What property would you look for in design- 
ing a reference half-cell that would produce a potential 
relatively stable with respect to temperature? 


Calculate €° for the reaction 
CH;OH(/) + 302(g) —> COz(g) + 2H0(!) 


using values of AG? in Appendix 4. Will €° increase or 
decrease with an increase in temperature? (See Exercise 
43 for the dependence of €° on temperature.) 


_ A disproportionation reaction involves a substance that 


acts as both an oxidizing agent and a reducing agent, 
producing higher and lower oxidation states of the same 
element in the products. Which of the following dispro- 
portionation reactions are spontaneous under standard 
conditions? Calculate AG° and K at 25°C for those reac- 
tions that are spontaneous under standard conditions. 
a. 2Cut(aq) ——> Cu?*(aq) + Cu(s) 

b. 3Fe2+(aq) ——> 2Fe3*(aq) + Fe(s) 


46. 


47. 


48. 


49. 
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c. HClOx(aq) —> ClO; (aq) + HClO(aq) (unbalanced) 
Use the half-reactions: 
ClO;- + 3H* + 2e° —> HClO, +H,O €°=1.21V 
HClO, + 2H*+ + 2e —>» HCIO+H,O €°=1.65V 
Calculate €° for the following half-reaction: 

Agl(s) + e ——> Ag(s) + I> 


(Hint: Reference the K,, value for AgI and the standard 
reduction potential for Ag*.) 


For the following half-reaction, €° = —2.07 V: 
AIF- + 3e7° ——> Al + 6F- 


Using data from Table 11.1, calculate the equilibrium 
constant at 25°C for the reaction 


AB + (aq) + 6F- (aq) == AIF3~(aq) 
Calculate K,, for iron(II) sulfide given the following data: 
€° = —-1.01 V 
Fe?*(aq) + 2e7 ——> Fe(s) €° = —0.44 V 


The solubility product for Cul(s) is 1.1 X 107!7. Calcu- 
late the value of €° for the half-reaction 


FeS(s) + 2e7 —— Fe(s) + S?~(aq) 


Cul +e —> Cu+I- 


Galvanic Cells: Concentration Dependence 


50) 


2, 


54. 


Explain the following statement: 6 determines spontane- 
ity, while €° determines the equilibrium position. Under 
what conditions can you use €° to predict spontaneity? 


. Calculate the pH of the cathode compartment for the 


following reaction given €.., = 3.01 V when [Cr3*] = 
0.15 M, [Al5*] = 0.30 M, and [Cr,O,72-] = 0.55 M. 
2Al(s) + Cr.O7*~ (aq) + 14H*(aq) —> 

2Al?* (aq) + 2Cr3*(aq) + 7H2O(I) 


Consider the galvanic cell based on the following half- 
reactions: 


TEBE? YS SS TE EP = OG WV 
6° = -0.44V 


Fe-t eure 


a. Determine the overall cell reaction and calculate €°.). 

b. Calculate AG° and K for the cell reaction at 25°C. 

c. Calculate €.. at 25°C when [Zn**] = 0.10 M and 
[Fea |= 1.020102 or. 


. Consider the galvanic cell based on the following half- 


reactions: 
Oo = AKO) WE 
esac OS =U Ww 


Aue es ——> Au 


Determine the overall cell reaction and calculate €2.. 
. Calculate AG®° and K for the cell reaction at 25°C. 
Calculate €,< at 25°C when [Au**] = 1.0 x 10-7 M 
and [Tl*] = 1.0 X 10°* M. 


Consider the following galvanic cell at 25°C: 


Pt|Cr?*(0.30 M), Cr>*(2.0 M) || Co?*(0.20 M)|Co 


Se 


Qa 
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The overall reaction and equilibrium constant value are 


2Cr?* (aq) + Co**(aq) —> 


2Cr3+(aq) + Co(s) K = 2.79 X 10’ 


Calculate the cell potential € for this galvanic cell and 
AG for the cell reaction at these conditions. 


. Consider the cell described below: 


Al] AB*(1.00 M)||Pb2* (1.00 M)|Pb 


Calculate the cell potential after the reaction has oper- 
ated long enough for the [Al?*] to have changed by 
0.60 mol/L. (Assume T = 25°C.) 


The Nernst equation can be applied to half-reactions. 
Calculate the reduction potential at 25°C of each of the 
following half-cells. 
a. Cu/Cu?* (0.10 M) 
(The half-reaction is Cu2* + 2e~ — Cu.) 
b. Cu/Cu?* (2.0 M) 
~ Cw Cu- (1.0 «10 i) 
d. MnO, (0.10 M)/Mn?* (0.010 M) at pH = 3.00 
(The half-reaction is MnO,” + 8H* + Se™ > 
Mn?* + 4H,0.) 
e. MnO, (0.10 M)/Mn?2* (0.010 M) at pH = 1.00 


The overall reaction in the lead storage battery is 
Pb(s) + PbO,(s) + 2H*(aq) + 2HSO,-(aq) 
— + 2PbSO,(s) + 2H,O()) 


fo) 


a. Calculate € at 25°C for this battery when 
[H2SO4] = 4.5 M; that is, [H*] = [HSO,47] = 4.5 M. 
At 25°C, 6° = 2.04 V for the lead storage battery. 

b. For the cell reaction AH® = —315.9 kJ and AS° = 
263.5 J/K. Calculate €° at —20.°C. (See Exercise 43.) 

c. Calculate € at —20.°C when [H,SO,4] = 4.5 M. 

d. Based on your previous answers, why does it seem 
that batteries fail more often on cold days than on 
warm days? 


A chemist wishes to determine the concentration of 
CrO,?~ electrochemically. A cell is constructed consist- 
ing of a saturated calomel electrode (SCE; see Exercise 
24) and a silver wire coated with Ag)CrO ,. The €° value 
for the following half-reaction is +0.446 V relative to 
the standard hydrogen electrode: 


Ag,CrO, + 2e° ——> 2Ag + CrO,?- 


a. Calculate €.. and AG at 25°C for the cell reaction 
when [CrO,2~] = 1.00 mol/L. 

b. Write the Nernst equation for the cell. Assume that 
the SCE concentrations are constant. 

c. If the coated silver wire is placed in a solution (at 
25°C) in which [CrO,?~] = 1.00 X 10-5 M, what is 
the expected cell potential? 

d. The measured cell potential at 25°C is 0.504 V when 
the coated wire is dipped into a solution of unknown 
[CrO,?~]. What is the [CrO,?~] for this solution? 

e. Using data from this problem and from Table 11.1, 
calculate the solubility product (K,,) for AgsCrOx. 


What are concentration cells? What is 6° in a concentra- 
tion cell? What is the driving force for a concentration 


60. 


61. 
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cell to produce a voltage? Is the higher or the lower ion 
concentration solution present at the anode? When the 
anode ion concentration is decreased and/or the cathode 
ion concentration is increased, both give rise to larger 
cell potentials. Why? 

A silver concentration cell is set up at 25°C as shown 
below: 






Digital 
voltmeter 











~} 010M Agt | 





The AgCl(s) is in excess in the left compartment. 

a. Label the anode and cathode, and describe the direc- 
tion of the electron flow. 

b. Determine the value of K,, for AgCl at 25°C. 


Consider the concentration cell shown below. Calculate 
the cell potential at 25°C when the concentration of Ni** 
in the compartment on the right has each of the follow- 
ing values. 





[Ni2*] = 1.0M 


a. 10M d. 4:0 x 10=> M 
b. 2.0 M e. Calculate the potential when both 
c. 0.10 M solutions are 2.5 M in Ni**. 


For each case, identify the cathode, the anode, and the 
direction in which electrons flow. 


Consider a concentration cell that has both electrodes 
made of some metal M. Solution A in one compartment 
of the cell contains 1.0 M M2*. Solution B in the other 
cell compartment has a volume of 1.00 L. At the begin- 
ning of the experiment, 0.0100 mole of M(NO;)> and 
0.0100 mole of NajSO, are dissolved in solution B (ig- 
nore volume changes), where the reaction 


M?* (aq) + SO,?- (aq) == MSO,(s) 


64. 


66. 


occurs. For this reaction equilibrium is rapidly estab- 
lished, whereupon the cell potential is found to be 
+0.44 V at 25°C. Assume that the process 


Me" + 26- ——5 M 


has a standard reduction potential of +0.80 V and that 
no other redox process occurs in the cell. Calculate the 
value of K,, for MSOx,(s) at 25°C. 


. An electrochemical cell consists of a standard hydrogen 


electrode and a copper metal electrode. 

a. What is the potential of the cell at 25°C if the copper 
electrode is placed in a solution in which [Cu2*] = 
2.5 X 1074 M? 

b. If the copper electrode is placed in a solution of 
0.10 M NaOH that is saturated with Cu(OH),, what 
is the cell potential at 25°C? For Cu(OH)), K 
Roe 10 

c. The copper electrode is placed in a solution of 
unknown [Cu2*]. The measured potential at 25°C is 
0.195 V. What is [Cu?*]? (Assume that Cu2* is 
reduced.) 

d. If you wish to construct a calibration curve to show 
how the cell potential varies with [Cu?*], what 
should you plot to obtain a straight line? What will 
the slope of this line be? 


sp — 


An electrochemical cell consists of a nickel metal elec- 
trode immersed in a solution with [Ni**] = 1.0 M sepa- 
rated by a porous disk from an aluminum metal elec- 
trode immersed in a solution with [AP*]=1.0 M. 
Sodium hydroxide is added to the aluminum compart- 
ment, causing Al(OH);3(s) to precipitate. After precipita- 
tion of Al(OH); has ceased, the concentration of OH™ is 
1.0 X 10~* M, and the measured cell potential is 1.82 V. 
Calculate the K,, value for Al(OH);. 


Al(OH);(s) == AB+(aq) + 30H-(aq) Ky =? 


5. You have a concentration cell in which the cathode has 


a silver electrode with 0.10 M Ag”. The anode also has a 

silver electrode with Ag*(aq), 0.050 M S,O;7-, and 

1.0 X 10-3 M Ag(S303)23~. You read the voltage to be 

0.76 V. 

a. Calculate the concentration of Ag” at the anode. 

b. Determine the value of the equilibrium constant for 
the formation of Ag($:03)2?-. 


Agt(aq) + 2S,03?-(aq) == Ag(S203)2° (aq) K=? 


Consider a galvanic cell at standard conditions based on 
the following half-reactions: 


@° = 1.50 V 
6° = 0.77 V 


Au?* + 3e° ——> Au 
Fe3+ + e- —> Fe** 


When enough NaCl(s) is added to the compartment con- 
taining gold to make the [Cl] = 0.10 M, the cell poten- 
tial is observed to be 0.31 V. Assume that Au** is re- 
duced, and assume that the reaction in the compartment 
containing gold is 


Au3+(aq) + 4Cl-(aq) === AuCl,"(aq) 


Calculate the value of K for this reaction at 25°C. 
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7. An electrochemical cell consists of a silver metal elec- 


trode immersed in a solution with [Ag*] = 1.0 M sepa- 
rated by a porous disk from a copper metal electrode. If 
the copper electrode is placed in a solution of 5.0 M NH; 
that is also 0.010 M in Cu(NH3)4**, what is the cell po- 
tential at 25°C. 


Cu?*(aq) + 4NH3(aq) == Cu(NH3),?*(aq) 
K = 1.0 x 1033 


Electrolysis 
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nH 


How long will it take to plate out each of the following 
with a current of 100.0 A? 

a. 1.0 kg of Al from aqueous Al?* 

b. 1.0 g of Ni from aqueous Ni** 

c. 5.0 moles of Ag from aqueous Ag* 


What mass of each of the following substances can be 
produced in 1.0 h with a current of 15 A? 

a. Co from aqueous Co** c. I, from aqueous KI 

b. Hf from aqueous Hf** d. Cr from molten CrO3 


It took 2.30 min with a current of 2.00 A to plate out all 
the silver from 0.250 L of a solution containing Ag*. What 
was the original concentration of Ag* in the solution? 


. The electrolysis of BiO* produces pure bismuth. How 


long would it take to produce 10.0 g of Bi by the elec- 
trolysis of a BiO* solution using a current of 25.0 A? 


Why is the electrolysis of molten salts much easier to 
predict in terms of what occurs at the anode and cathode 
than the electrolysis of aqueous dissolved salts? 


73. What reactions take place at the cathode and the anode 


when each of the following is electrolyzed? Assume stan- 
dard conditions. 
a. molten NiBr> 
b. molten AIF; 

c. molten MnlI, 


d. 1.0 M NiBr solution 
e. 1.0 M AIF; solution 
f. 1.0 M Mol, solution 


a. In the electrolysis of an aqueous solution of Na2$Ou, 
what reactions occur at the anode and the cathode 
(assuming standard conditions)? 


ge 
S| 0; ae coms Oe 2.01 V 
O, + 4H* + 4e— — > 2H,0 123. 
2H,0 + 2e° —>H,+20H” -0.83 V 
Na* +e ——> Na Wolk WV 


b. When water containing a small amount (~0.01 M) 
of sodium sulfate is electrolyzed, measurement of the 
volume of gases generated consistently gives a result 
that the volume ratio of hydrogen to oxygen is not 
quite 2:1. To what do you attribute this discrep- 
ancy? Predict whether the measured ratio is greater 
than or less than 2:1. 


A solution at 25°C contains 1.0 M Cd**, 1.0 M Ag*, 
1.0 M Au**, and 1.0 M Ni** in the cathode compartment 
of an electrolytic cell. Predict the order in which the met- 
als will plate out as the voltage is gradually increased. 
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An aqueous solution of an unknown salt of ruthenium is 
electrolyzed by a current of 2.50 A passing for 50.0 min. 
If 2.618 g Ru is produced at the cathode, what is the 
charge on the ruthenium ions in solution? 


Consider the following half-reactions: 


IrCl.e- + 3e° —>Ir+6Cl €°=0.77V 
PtCl2- + 207 —> Pt+4Cl €°=0.73V 
PdCly2- + 2e° —> Pd+4Cl €°=0.62 V 


A hydrochloric acid solution contains platinum, palla- 
dium, and iridium as chloro-complex ions. The solution 
is a constant 1.0 M in chloride ion and 0.020 M in each 
complex ion. Is it feasible to separate the three metals 
from this solution by electrolysis? (Assume that 99% of 
a metal must be plated out before another metal begins 
to plate out.) 


An unknown metal M is electrolyzed. It took 74.1 s for 
a current of 2.00 A to plate out 0.107 g of the metal 
from a solution containing M(NQO3)3. Identify the metal. 


Electrolysis of an alkaline earth metal chloride using a 
current of 5.00 A for 748 seconds deposits 0.471 g of 
metal at the cathode. What is the identity of the alkaline 
earth metal chloride? 


One of the few industrial-scale processes that produces 
organic compounds electrochemically is used by the 
Monsanto Company to produce 1,4-dicyanobutane. The 
reduction reaction is 


2CH,=CHCN + 2H* + 2e7 —» NC—(CH2)4—CN 


The NC—(CH;)4—CN is then chemically reduced by hy- 
drogen to H}N—(CH2)s—NH), which is used in the pro- 
duction of nylon. What current must be used to produce 
150. kg of NC—(CH2)4—CN per hour? 


What volume of F) gas, at 25°C and 1.00 atm, is pro- 
duced when molten KF is electrolyzed by a current of 
10.0 A for 2.00 h? What mass of potassium metal is pro- 
duced? At which electrode does each reaction occur? 


It takes 15 kWh (kilowatt hours) of electrical energy to 
produce 1.0 kg of aluminum metal from aluminum ox- 
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ide by the Hall-Heroult process. Compare this value 
with the amount of energy necessary to melt 1.0 kg of 
aluminum metal. Why is it economically feasible to re- 
cycle aluminum cans? (The enthalpy of fusion for alumi- 
num metal is 10.7 kJ/mol and 1 watt = 1 J/s.) 


In the electrolysis of a sodium chloride solution, what 
volume of Cl,(g) is produced in the same time it takes to 
produce 6.00 L of H2(g), both volumes measured at 0°C 
and 1.00 atm? 

What volumes of H2(g) and O2(g) at STP are produced 


from the electrolysis of water by a current of 2.50 A in 
15.0 min? 


. Copper can be plated onto a spoon by placing the spoon 


in an acidic solution of CuSO4(aq) and connecting it to a 
copper strip via a power source as illustrated below: 





a. Label the anode and cathode, and describe the direc- 
tion of the electron flow. 

b. Write out the chemical equations for the reactions 
that occur at each electrode. 
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Consider the following electrochemical cell: 





a. If silver metal is a product of the reaction, is the cell 
a galvanic cell or electrolytic cell? Label the cathode 
and anode, and describe the direction of the electron 
flow. 

b. If copper metal is a product of the reaction, is the 
cell a galvanic cell or electrolytic cell? Label the 
cathode and anode, and describe the direction of the 
electron flow. 

c. If the above cell is a galvanic cell, determine the 
standard cell potential. 

d. If the above cell is an electrolytic cell, determine the 
minimum external potential needed to cause the 
reaction to occur. 
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An experimental fuel cell has been designed that uses 
carbon monoxide as fuel. The overall reaction is 


2CO(g) + Or(g) —> 2CO2/(g) 
The two half-cell reactions are 
COS Ot> GO, ter 
O, + 4e— —> 2027 


The two half-reactions are carried out in separate com- 
partments connected with a solid mixture of CeO, and 
Gd,03. Oxide ions can move through this solid at high 
temperatures (about 800°C). AG for the overall reaction 
at 800°C under certain concentration conditions is 
—380 kJ. Calculate the cell potential for this fuel cell at 
the same temperature and concentration conditions. 


Batteries are galvanic cells. What happens to €.. as a 
battery discharges? Does a battery represent a system at 
equilibrium? Explain. What is €..; when a_ battery 
reaches equilibrium? How are batteries and fuel cells 
alike? How are they different? The U.S. space program 
uses hydrogen—oxygen fuel cells to produce power for its 
spacecraft. What is a hydrogen—oxygen fuel cell? 


A fuel cell designed to react grain alcohol with oxygen 
has the following net reaction: 


The maximum work 1 mole of alcohol can yield by this 
process is 1320 kJ. What is the theoretical maximum 
voltage this cell can achieve? 


What is the maximum work that can be obtained from a 
hydrogen—-oxygen fuel cell at standard conditions that 
produces 1.00 kg of water at 25°C? Why do we say that 
this is the maximum work that can be obtained? What 
are the advantages and disadvantages in using fuel cells 
rather than the corresponding combustion reactions to 
produce electricity? 


The overall reaction and standard cell potential at 25°C 
for the rechargeable nickel-cadmium alkaline battery is 


Cd(s) F NiO>(s) 5= 2H,O(1) 


—=> Ni(OH),(s) + Cd(OH)a(s) €°=1.10 V 


For every mole of Cd consumed in the cell, what is the 
maximum useful work that can be obtained at standard 
conditions? 

Not all spontaneous redox reactions produce wonderful 
results. Corrosion is an example of a spontaneous redox 
process that has negative effects. What happens in the 
corrosion of a metal such as iron? What must be present 
for the corrosion of iron to take place? How can mois- 
ture and salt increase the severity of corrosion? 


. Explain how the following protect metals from corrosion. 


d. sacrificial metal 
e. alloying 
f. cathodic protection 


a. paint 

b. durable oxide coatings 
c. galvanizing 

In theory, most metals should easily corrode in air. Why? 
A group of metals called the noble metals are relatively 
difficult to corrode in air. Some noble metals include 
gold, platinum, and silver. Reference Table 11.1 to come 
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up with a possible reason why the noble metals are rela- 
tively difficult to corrode. 


). In 1973 the wreckage of the Civil War ironclad USS 


Monitor was discovered near Cape Hatteras, North Car- 
olina. [The Monitor and the CSS Virginia (formerly the 
USS Merrimack) fought the first battle between iron- 
armored ships.] In 1987 investigations were begun to see 
whether the ship could be salvaged. Time reported (June 
22, 1987) that scientists were considering adding sacrifi- 
cial anodes of zinc to the rapidly corroding metal hull of 
the Monitor. Describe how attaching zinc to the hull 
would protect the Monitor from further corrosion. 


A standard galvanic cell is constructed so that the overall 
cell reaction is 


2Al3+ (aq) + 3M(s) —> 3M?*(aq) + 2Al(s) 


where M is an unknown metal. If AG° = —411 kJ for 
the overall cell reaction, identify the metal used to con- 
struct the standard cell. 


. Consider the following half-reactions: 


Pt?+ + 2e° —> Pt €° = 1.188 V 
PrCly2~ + 2e~ — > Pt + 4Cl- €° = 0.755 V 
NO; + 4H* + 3e° —> NO + 2H,0 €° = 0.96 V 


Explain why platinum metal will dissolve in aqua regia 
(a mixture of hydrochloric and nitric acids) but not in 
either concentrated nitric or concentrated hydrochloric 
acid individually. 


Consider the following reduction potentials: 
Co3+ + 3e° —> Co €°=1,.26V 
Co** +2e —> Co €°=—0.28V 


a. When cobalt metal dissolves in 1.0 M nitric acid, 
will Co** or Co** be the primary product (assuming 
standard conditions)? 

b. Is it possible to change the concentration of HNO; 
to get a different result in part a? 


The measurement of pH using a glass electrode obeys the 
Nernst equation. The typical response of a pH meter at 
25.00°C is given by the equation 


Emeas = bree + 0.05916 pH 


where @,.¢ contains the potential of the reference elec- 

trode and all other potentials that arise in the cell that 

are not related to the hydrogen ion concentration. As- 

sume that €,-¢ = 0.250 V and that €mea; = 0.480 V. 

a. What is the uncertainty in the values of pH and [H*] 
if the uncertainty in the measured potential is +1 mV 
(+0.001 V)? 

b. To what accuracy must the potential be measured 
for the uncertainty in pH to be £0.02 pH unit? 


The black silver sulfide discoloration of silverware can 
easily be removed by heating the silver article in a so- 
dium carbonate solution in an aluminum pan. The reac- 
tion 1s 


3Ag)S(s) + 2Al(s) == 6Ag(s) + 3S? (aq) + 2AB*(aq) 
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a. Using data in Appendix 4, calculate AG®, K, and 
€° for the above reaction. [For Al?* (aq), AG? = 
—480. kJ/mol.} 

b. Calculate the value of the standard reduction poten- 
tial for the following half-reaction: 


2e~ + Ag)S(s) ——> 2Ag(s) + S?~ (aq) 

Consider the standard galvanic cell based on the follow- 
ing half-reactions 

Ca?*2e" ——> Cu 

Agt +e —> Ag 

The electrodes in this cell are Ag(s) and Cu(s). Does the 
cell potential increase, decrease, or remain the same 
when the following changes occur to the standard cell? 


a. CuSQO,(s) is added to the copper half-cell compart- 
ment (assume no volume change). 
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b. NH;(aq) is added to the copper half-cell compart- 
ment. [Hint: Cu2+ reacts with NH; to form 
Cu(NHs)47*(aq).] 

c. NaCl(s) is added to the silver half-cell compartment. 
(Hint: Ag* reacts with Cl- to form AgCl(s).] 

d. Water is added to both half-cell compartments until 
the volume of solution is doubled. 

e. The silver electrode is replaced with a platinum 
electrode. 


Pia telex <> Pt €°=1.19V 


It took 150. s for a current of 1.25 A to plate out 
0.109 g of a metal from a solution containing its cations. 
Show that it is not possible for the cations to have a 
charge of 1+. 
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Three electrochemical cells were connected in series so 
that the same quantity of electrical current passes 
through all three cells. In the first cell, 1.15 g of chro- 
mium metal was deposited from a chromium(III) nitrate 
solution. In the second cell, 3.15 g of osmium was depos- 
ited from a solution made of Os”* and nitrate ions. What 
is the name of the salt? In the third cell, the electrical 
charge passed through a solution containing X** ions 
caused deposition of 2.11 g of metallic X. Identify X. 


An electrochemical cell is set up using the following un- 
balanced reaction: 


M**(aq) + N(s) —> N?*(aq) + M(s) 
The standard reduction potentials are 


€° = +0.400 V 
€° = +0.240 V 


Maa aes ——> aM. 
N2t + 2e- —> N 


The cell contains 0.10 M N?* and produces a voltage of 
0.180 V. If the concentration of M** is such that the 
value of the reaction quotient O is 9.32 X 107%, calculate 
[M?*]. Calculate wax for this electrochemical cell. 


A zinc—copper battery is constructed as follows: 
Zn|Zn2*(0.10 M)||Cu**(2.50 M)|Cu 


The mass of each electrode is 200. g. 

a. Calculate the cell potential when this battery is first 
connected. 

b. Calculate the cell potential after 10.0 A of current 
has flowed for 10.0 h. (Assume each half-cell con- 
tains 1.00 L of solution.) 

c. Calculate the mass of each electrode after 10.0 h. 

d. How long can this battery deliver a current of 
10.0 A before it goes dead? 


The measurement of F~ ion concentration by ion- 
selective electrodes at 25.00°C obeys the equation 


meas = Sret — 0.05916 log[F ] 


a. For a given solution, €meas is 0.4462 V. If €,e¢ is 
0.2420 V, what is the concentration of F~ in the 
solution? 

b. Hydroxide ion interferes with the measurement of 
F-. Therefore, the response of a fluoride electrode is 


Emeas = Erep — 0.05916 log([F~] + R[OH}) 


where k = 1.00 X 10! and is called the selectivity 
factor for the electrode response. Calculate [F~] for 
the data in part a if the pH is 9.00. What is the 
percent error introduced in the [F7] if the hydroxide 
interference is ignored? 

c. For the [F-] in part b, what is the maximum pH 
such that [F~]/kR[OH7~] = 50.? 

d. At low pH, F~ is mostly converted to HF. The fluo- 
ride electrode does not respond to HF. What is the 
minimum pH at which 99% of the fluoride is 
present as F~ and only 1% is present as HF? 

e. Buffering agents are added to solutions containing 
fluoride before making measurements with a 
fluoride-selective electrode. Why? 


107. When copper reacts with nitric acid, a mixture of NO(g) 


and NOz(g) is evolved. The volume ratio of the two 
product gases depends on the concentration of the nitric 
acid according to the equilibrium 


2H*(aq) + 2NO3"(aq) + NO(g) == 3NO,(g) + HyO(/) 


Consider the following standard reduction potentials at 
DonG: 


3e” + 4H*(aq) + NO3" (aq) —> NO(g) + 2H,O(I) 


€° = 0.957 V 
e- + 2H*(aq) + NO3"(aq) —> NO,(g) + H,O(/) 
€° =0.775 V 


a. Calculate the equilibrium constant for this reaction. 
b. What concentration of nitric acid will produce an 
NO and NO) mixture with only 0.20% NO) (by 


moles) at 25°C and 1.00 atm? Assume that no other 
gases are present and that the change in acid concen- 
tration can be neglected. 


108. Consider the following galvanic cell: 











Calculate the concentrations of Ag*(aq) and Ni?*(aq) 
once the cell is “dead.” 


109. A galvanic cell is based on the following half-reactions: 


Fe2* + 2e7 ——> Fe(s) €° = —0.440 V 


2H* + 2e° —> Hig) €° = 0.000 V 


In this cell the iron compartment contains an iron elec- 
trode and [Fe?*] = 1.00 X 10-3 M, and the hydrogen 
compartment contains a platinum electrode, Py, = 1.00 
atm and a weak acid HA at an initial concentration of 
1.00 M. If the observed cell potential is 0.333 V at 25°C, 
calculate the K, value for the weak acid HA at 25°C. 


110. You have a concentration cell with Cu electrodes and 


[Cu2*] = 1.00 M (right side) and 1.0 X 10~4 M (left side). 

a. Calculate the potential for this cell at 25°C. 

b. The Cu?* ion reacts with NH; to form Cu(NH3)42*, 
where the stepwise formation constants are K, = 
LOGI Ks = 2.0.<-104, Ke = 1.0 %103, and 
Ks, = 1.0 X 103. Calculate the new cell potential 
after enough NH; is added to the left cell compart- 
ment such that at equilibrium [NH3;] = 2.0 M. 


111. A galvanic cell is based on the following half-reactions: 


€° = 0.80 V 
6° = 0.34 V 


Ag’ +e —> Ag(s) 
Go? len ——> Cus) 


In this cell the silver compartment contains a silver elec- 

trode and excess AgCl(s) (K.) = 1.6 X 10°'°), and the 

copper compartment contains a copper electrode and 

[Cu2*] = 2.0 M. 

a. Calculate the potential for this cell at 25°C. 

b. Assuming 1.0 L of 2.0 M Cu’* in the copper com- 
partment, calculate the moles of NH; that would 
have to be added to give a cell potential of 0.52 V 
at 25°C (assume no volume change on addition 
of NHs3). 


Cu?*(aq) + 4NH3(aq) == Cu(NH3)q°* (aq) 
Ke=41,0'< 10" 


iil 
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Consider the following galvanic cell: 








> — Ag,SO, (s) 


Calculate the K,, value for Ag,SO4(s). Note that to ob- 
tain silver ions in the right compartment (the cathode 
compartment), excess solid Ag,SO,4 was added and some 
of the salt dissolved. 


. Consider the following galvanic cell: 













¢ 


100M Cd** 


ena 





A 15.0-mole sample of NH; is added to the Ag compart- 
ment (assume 1.00 L of total solution after the addition). 
The silver ion reacts with ammonia to form complex 
ions as shown: 


Ag*(aq) + NH3(aq) ——= AgNH3*(aq) -K, = 2.1 x 103 
AgNH;*(aq) + NH3(aq) == Ag(NHs3)2*(aq) 
K, = 8.2 X 10° 


Calculate the cell potential after the addition of 
15.0 moles of NH3. 


Given the following two standard reduction potentials, 
M?+ + 3e —> M €° = —0.10 V 
M2++2e —>+M  €°=-0.50V 


determine for the standard reduction potential of the 
half-reaction 


M?* + e= — > M?@t 


(Hint: You must use the extensive property AG* to deter- 
mine the standard reduction potential.) 


. Zirconium is one of the few metals that retains its struc- 


tural integrity upon exposure to radiation. For this rea- 
son, the fuel rods in most nuclear reactors are made of 
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zirconium. Answer the following questions about the re- 
dox properties of zirconium based on the half-reaction 


ZrO, + H,0 + H,O + 4e— —> 


Zr + 40H €° = -2.36V 


a. Is zirconium metal capable of reducing water to 
form hydrogen gas at standard conditions? 

b. Write a balanced equation for the reduction of water 
by zirconium metal. 

c. Calculate 6°, AG°, and K for the reduction of water 
by zirconium metal. 

d. The reduction of water by zirconium occurred 
during the accident at Three Mile Island, Pennsylva- 
nia, in 1979. The hydrogen produced was success- 


Marathon Problems 


fully vented and no chemical explosion occurred. If 
1.00 x 103 kg of Zr reacts, what mass of H; is pro- 
duced? What volume of H) at 1.0 atm and 1000.°C 
is produced? 

e. At Chernobyl, USSR, in 1986, hydrogen was pro- 
duced by the reaction of superheated steam with the 
graphite reactor core: 


C(s) + H,O(g) —> CO(g) + Ha(g) 


A chemical explosion involving the hydrogen gas did 
occur at Chernobyl. In light of this fact, do you 
think it was a correct decision to vent the hydrogen 
and other radioactive gases into the atmosphere at 
Three Mile Island? Explain. 





P16: 


A galvanic cell is based on the following half-reactions: 
Cu** + 2e~- — > Cu(s) €° = 0.34 V 
V2* + 2e- —— > V(s) €° = -1.20 V 


In this cell the copper compartment contains a copper 
electrode and [Cu**] = 1.00 M, and the vanadium com- 
partment contains a vanadium electrode and V** at an 
unknown concentration. The compartment containing 
the vanadium (1.00 L of solution) was titrated with 
0.0800 M H,EDTA~, resulting in the reaction 
H,EDTA?~ (aq) + V**(aq) 

——= VEDTA2-(aq) + 2H*(aq) -K =? 


The potential of the cell was monitored to determine the 
stoichiometric point for the process, which occurred at a 


We 


volume of 500.0 mL of H,EDTA?2~ solution added. At 

the stoichiometric point, €,., was observed to be 1.98 V. 

The solution was buffered at a pH of 10.00. 

a. Calculate €.. before the titration was carried out. 

b. Calculate the value of the equilibrium constant K for 
the titration reaction. 

c. Calculate €.., at the halfway point in the titration. 


The table below lists the cell potentials for the 10 possi- 
ble galvanic cells assembled from the metals A, B, C, D, 
and E and their respective 1.00 M 2+ ions in solution. 
Using the data in the table, establish a standard reduc- 
tion potential table similar to Table 11.1 in the text. As- 
sign a reduction potential of 0.00 V to the half-reaction 
that falls in the middle of the series. You should get two 
different tables. Explain why, and discuss what you 
could do to determine which table is correct. 





| A(s) in A2+ (aq) B(s) in B2+(aq) C(s) in C2+(aq) D(s) in D2+(aq) 
E(s) in E2*(aq) 0.28 V 0.81 V 0.13 V 1.00 V 
D(s) in D2+(aq) 0.72 V 0.19 V 1.13 V = 
C(s) in C2+ (aq) 0.41. V 0.94 V se os 
B(s) in B2*(aq) 0.53. V a ie Ze 
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n the past 200 years, a great deal of experimental evidence has accumu- 

lated to support the atomic model. This theory has proved to be both ex- 

tremely useful and physically reasonable. When atoms were first suggested 

by the Greek philosophers Democritus and Leucippus about 400 B.c., the 
concept was based mostly on intuition. In fact, for the following 20 centuries, 
no convincing experimental evidence was available to support the existence of 
atoms. The first real scientific data were gathered by Lavoisier and others from 
quantitative measurements of chemical reactions. The results of these stoichio- 
metric experiments led John Dalton to propose the first systematic atomic 
theory. Dalton’s theory, although crude, has stood the test of time extremely 
well. 

Once we came to “believe in” atoms, it was logical to ask: What is the 
nature of an atom? Does an atom have parts, and if so, what are they? In 
Chapter 2 we considered some of the experiments most important for shedding 
light on the nature of the atom. Now we will see how the atomic theory has 
evolved to its present state. 

One of the most striking things about the chemistry of the elements is the 
periodic repetition of properties. There are several groups of elements that 
show great similarities in chemical behavior. As we saw in Chapter 2, these 
similarities led to the development of the periodic table of the elements. In this 
chapter we will see that the modern theory of atomic structure accounts for 
periodicity in terms of the electron arrangements in atoms. 

However, before we examine atomic structure, we must consider the revo- 
lution that took place in physics in the first 30 years of the twentieth century. 
During that time, experiments were carried out, the results of which could not 
be explained by the theories of classical physics developed by Isaac Newton 
and many others who followed him. A radical new theory called quantum 
mechanics was developed to account for the behavior of light and atoms. This 
“new physics” provides many surprises for people who are used to the macro- 
scopic world, but it seems to account flawlessly (within the bounds of neces- 
sary approximations) for the behavior of matter. 

As the first step in our exploration of this revolution in science, we will con- 
sider the properties of light, more properly called electromagnetic radiation. 





12.1 | 


Electromagnetic Radiation 


One of the ways that energy travels through space is by electromagnetic radia- 
tion. The light from the sun, the energy used to cook food in a microwave 
oven, the X rays used by dentists, and the radiowaves used by physicians to 
make MRI maps of body tissues are all examples of electromagnetic radiation. 
Although these forms of radiant energy seem quite different, they all exhibit 
the same type of wavelike behavior and travel at the speed of light in a vacuum. 
Electromagnetic radiation is so named because it has electrical and magnetic 
fields that simultaneously oscillate in planes mutually perpendicular to each 
other and to the direction of propagation through space (Fig. 12.1). 

Waves are characterized by wavelength, frequency, and speed. As shown 
in Fig. 12.2, wavelength (symbolized by the Greek letter lambda, A) is the dis- 
tance between two consecutive peaks or troughs in a wave. The frequency 
(symbolized by the Greek letter nu, v) is defined as the number of waves (cy- 
cles) per second that pass a given point in space. Since all types of electromag- 
netic radiation travel at the speed of light, short-wavelength radiation must 
have a high frequency. You can see this in Fig. 12.2, where three waves are 
shown traveling between two points at constant speed. Note that the wave 
with the shortest wavelength (A3) has the highest frequency, and the wave with 


Figure 12.1 

Electromagnetic radiation has oscillat- 
ing electric (E) and magnetic (H) fields 
in planes perpendicular to each other 
and to the direction of propagation. 


Wavelength (A) and frequency (v) are 
inversely related 


Figure 12.2 

The nature of waves. Note that the 
radiation with the shortest wavelength 
has the highest frequency. This 
diagram can represent the oscillating 
electric or magnetic field of the wave. 
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the longest wavelength (A,) has the lowest frequency. This implies an inverse 
relationship between wavelength and frequency; that is, A « 1/v, or 


AVv=C 


In this equation A is the wavelength in meters, v is the frequency in cycles per 
second, and c is the speed of light, a defined quantity with the exact value of 
2.99792458 X 10% m/s. In the SI system, cycles is understood, and the unit cy- 
cles per second becomes 1/s, or s~!, which is called the hertz (abbreviated Hz). 

Electromagnetic radiation is classified as shown in Fig. 12.3. Radiation pro- 
vides an important means of energy transfer. For example, the energy from the 
sun reaches the earth mainly in the forms of visible and ultraviolet radiation, and 
the glowing coals of a fireplace transmit heat energy by infrared radiation. In a 
microwave oven, the water molecules in food absorb microwave radiation, which 


SSS NS) — — SSS SSE 


A 
aN 


v, =4 cycles/second = 4 hertz 


v> = 8 cycles/second = 8 hertz 
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v3 = 16 cycles/second = 16 hertz 
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New-Wave Sunscreens 





Skin cancer is an increasingly important problem. 
Recent studies indicate that basal cell and squamous 
cell carcinomas have more than tripled in the last 
30 years due in greatest part to overexposure to 
ultraviolet (UV) light. In addition to causing cancer, 
overexposure to UV radiation accelerates the 
“aging” processes in the skin because it damages 
proteins, elastin, and DNA in the upper and middle 
layers of the skin. Ultraviolet radiation (UVR) is 
classified as UVB (wavelengths from 280-320 nm) 
and UVA (wavelengths from 320-400 nm). Studies 
show that UVA accounts for over 80% of the detri- 
mental effects of exposure to UVR, including DNA 
damage and ultimately skin cancer. UVA rays, 
which penetrate deeper into the skin, can pass 
through clouds, windows, and even clothing. 

Although it’s impossible to eliminate UVR expo- 
sure to the skin, it can be minimized by wearing 
protective clothing and by applying sunblocks and 
sunscreens. Sunblocks, which are physical agents 
that act as barriers to UVR, often contain zinc oxide 
(ZnO), titanium(IV) oxide (TiO2), or both, which 
are highly reflective white powders. Traditional 
ZnO sunblocks worn by lifeguards are opaque 
white, but by reducing the particle sizes of the white 
oxide to about 100 nm, they can be made invisible 
on the skin while retaining their UV-blocking 





SO3H 





H H 


Structure of ecamsule 


ability. Traditional chemical sunscreens, most of 
which are based on p-aminobenzoic acid, act pri- 
marily by binding to skin proteins and absorbing 
UVB photons. Recently, the Food and Drug Admin- 
istration (FDA) has approved a sunscreen formula 
for use in the United States that has long been used 
abroad. The facial moisturizer Anthelios SX, mar- 
keted by L’Oreal, contains ecamsule (trade name 
Mexoryl SX), a sunscreen ingredient that is particu- 
larly effective at blocking short UVA radiation 
(320-340 nm). The product also contains other 
ingredients that block longer UVA rays and UVB 
rays to make it a broad-spectrum sunscreen. 
Although there are already some sunscreens, such as 
avobenzene, that offer UVA protection, the advan- 
tage of ecamsule is that it does not decompose on 
exposure to sunlight. A major disadvantage is that 
ecamsule is water soluble and thus is not useful at 


the beach. 





Figure 12.3 


Classification of electromagnetic 10°12 19°10 


radiation. 


increases their motions. This energy is then transferred to other types of mole- 
cules via collisions, causing an increase in the food’s temperature. As we proceed 
in the study of chemistry, we will consider many of the classes of electromagnetic 
radiation and the ways in which they affect matter. 
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Figure 12.4 

The profile of radiation emitted from a 
blackbody. Note that the maximum 
shifts to shorter wavelengths as the 
temperature Is increased, in agreement 
with the observed change from a 
reddish to a white glow as iron is 
heated to higher temperatures. 


Energy can be gained or lost only in 
integer multiples of hy 


Planck’s constant = 6.626 x 10-“ Js. 





It is probably fair to say that at the end of the nineteenth century physicists 
were feeling rather smug. Available theories could explain phenomena ranging 
from the motions of the planets to the dispersion of visible light by a prism. 
Rumor has it that students were being discouraged from pursuing physics as a 
career because it was believed that all the major problems had been solved or 
at least described in terms of the current physical theories. 

At the end of the nineteenth century, the idea prevailed that matter and 
energy were distinct. Matter was thought to consist of particles, whereas en- 
ergy in the form of light (electromagnetic radiation) was described as a wave. 
Particles were things that had mass and whose positions in space could be 
specified. Waves were described as massless and delocalized; that is, their posi- 
tions in space could not be specified. It was also assumed that there was no 
intermingling of matter and light. Everything known before 1900 seemed to fit 
neatly into this view. 

At the beginning of the twentieth century, however, certain experimental 
results suggested that this picture was incorrect. The first important advance 
came in 1901 from German physicist Max Planck, who studied the profile 
(intensity versus wavelength) of the electromagnetic radiation emitted from a 
solid body heated to incandescence. (An example is a piece of iron that glows 
red and then white as it is heated to higher and higher temperatures.) The pro- 
files shown in Fig. 12.4 are for so-called blackbody radiation. This may seem 
like a contradiction in terms, since a blackbody is an idealized object that ab- 
sorbs all the radiation incident on it. The term is used in this context to mean 
radiation that originates from the thermal energy of the body only. It does not 
include radiation reflected from the object and does not depend on the material 
composing the object. Blackbody radiation is closely approximated by the ra- 
diation emitted through a tiny hole from a cavity inside an object. The main 
point to be made here is that the radiation profiles shown in Fig. 12.4 are not 
the ones expected from classical physics. The classical theory of matter, which 
assumes that matter can absorb or emit any quantity of energy, predicts a ra- 
diation profile that has no maximum and goes to infinite intensity at very short 
wavelengths (an effect often called the ultraviolet catastrophe). 

Planck found that the observed profiles (with their intensity maxima) could 
be accounted for by postulating that energy can be gained or lost only in whole- 
number multiples of the quantity hv, where h is a constant now called Planck’s 
constant, determined by experiment to have the value 6.626 X 10°-** J s. That 
is, the change in energy for a system AE can be represented by the equation 


AE =nbhv 


where 7 is an integer (1, 2, 3,...), 4 is Planck’s constant, and v is the fre- 
quency of the electromagnetic radiation absorbed or emitted. 

Planck’s result was a real surprise. Physicists had always assumed that the 
energy of matter was continuous, which meant that the transfer of any quan- 
tity of energy was possible. Now it seemed clear that energy is in fact quantized 
and can be transferred only in discrete units of size hy. Each of these small 
“packets” of energy is called a quantum. A system can transfer energy only in 
whole quanta. Thus energy seems to have particulate properties. 


WWL INTERACTIVE EXAMPLE 12.1 


The blue color in fireworks is often achieved by heating copper(I) chloride 
(CuCl) to about 1200°C. The hot compound emits blue light having a wave- 
length of 450 nm. What is the increment of energy (the quantum) that is emit- 
ted at 4.50 X 107 nm by CuCl? 






Photograph © Cengage Learning. All rights reserved 
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CuCl produces a blue flame when 
heated in a burner. 


G. N. Lewis (see Section 13.10) actu- 
ally coined the term “photon” in 1926. 








Solution The quantum of energy can be calculated from the equation 
AE = bp 
The frequency v for this case can be calculated as follows: 


c. 2.9979 x 10° m/s 
KASS 10s wo 








= 6106. S10 5s 


y= 


So 
AE = bp = (6.626 x 10° -8\(6.66 X 104s) = 441 x 10,7 J 


A sample of CuCl emitting light at 450 nm can lose energy only in increments 
of 4.41 X 10~!? J, the size of the quantum in this case. 


The next important development in the knowledge of atomic structure 
came when Albert Einstein (Fig. 12.5) proposed that electromagnetic radiation 
is itself quantized. Einstein suggested that electromagnetic radiation can be 
viewed as a stream of “particles” now called photons. The energy of each pho- 
ton is given by the expression 


he 
Fhosen NL aye 


where / is Planck’s constant, v is the frequency of the radiation, and A is the 
wavelength of the radiation. 

Einstein arrived at this conclusion through his analysis of the photoelectric 
effect (for which he later was awarded the Nobel Prize). The photoelectric ef- 
fect refers to the phenomenon in which electrons are emitted from the surface 
of a metal when light strikes it. The following observations characterize the 
photoelectric effect. 


1. Studies in which the frequency of the light is varied show that no electrons 
are emitted by a given metal below a specific threshold frequency vp. 


2. For light with frequency lower than the threshold frequency, no electrons 
are emitted regardless of the intensity of the light. 


3. For light with frequency greater than the threshold frequency, the number 
of electrons emitted increases with the intensity of the light. 


Figure 12.5 
Albert Einstein (1879-1955) was born in Germany. Nothing in his early development sug- 
gested genius; even at the age of 9 he did not speak clearly, and his parents feared that he 
might have a handicap. When asked what profession Einstein should follow, his school prin- 
cipal replied, “It doesn’t matter; he’ll never make a success of anything.” When he was 10, 
Einstein entered the Luitpold Gymnasium (high school), which was typical of German 
schools of that time in being harshly disciplinarian. There he developed a deep suspicion of 
authority and a skepticism that encouraged him to question and doubt— valuable qualities in 
a scientist. In 1905, while a patent clerk in Switzerland, Einstein published a paper explain- 
ing the photoelectric effect via the quantum theory. For this revolutionary thinking, he 
received a Nobel Prize in 1921. Highly regarded by this time, he worked in Germany until 
1933, when Hitler’s persecution of Jews forced him to come to the United States. He 
worked at the Institute for Advanced Study at Princeton University until his death in 1955. 
Einstein was undoubtedly the greatest physicist of our age. Even if someone else had 
derived the theory of relativity, his other work would have ensured his ranking as the second 
greatest physicist of his time. Our concepts of space and time were radically changed by 
ideas he first proposed when he was 26 years old. From then until the end of his life, he 


attempted unsuccessfully to find a single unifying theory that would explain all physical 
events. 





Light as a wave phenomenon 
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Light as a stream of photons 


Figure 12.6 

Electromagnetic radiation exhibits 
wave properties and particulate prop- 
erties. The energy of each photon of 
the radiation is related to the wave- 
length and frequency by the equation 
Epnotan =Nv = C/A. 
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4. For light with frequency greater than the threshold frequency, the kinetic 
energy of the emitted electrons increases linearly with the frequency of the 
light. 


These observations can be explained by assuming that electromagnetic radia- 
tion is quantized (consists of photons) and that the threshold frequency represents 
the minimum energy required to remove the electron from the metal’s surface. 


Minimum energy required to remove an electron = Ey = hvp 


Because a photon with energy less than Ey (v < v9) cannot remove an electron, 
light with a frequency less than the threshold frequency produces no electrons. 
On the other hand, for light where v > v9, the energy in excess of that required 
to remove the electron is given to the electron as kinetic energy (KE): 


any Qe 
KE aecron FD UE hv —m hvo 


ah ae jj N 
Mass of Velocity Energy of — Energy required 
electron of incident to remove electron 
electron photon from metal’s surface 


Because in this picture the intensity of light is a measure of the number of pho- 
tons present in a given part of the beam, a greater intensity means that more 
photons are available to release electrons (as long as vy > vp for the radiation). 

At about the same time that Einstein was performing his analysis of the 
photoelectric effect, he was also constructing the theory of special relativity. In 
connection with this work, Einstein derived the famous equation 


E= me 

which he published in 1905. This equation points out the close relationship 
between energy and mass. In fact, we have learned that mass is a form of en- 
ergy. When a system loses energy, it also loses mass. This result is more appar- 
ent if we rearrange the equation to the following form: 


E < Energy 
Tt — D 

Cc 
t iN 


Mass Speed of light 


Using this form of the equation, we can calculate the mass associated with a 
given quantity of energy. 

If a beam of light can be considered to be a stream of “particles” (pho- 
tons), do the photons have mass? The answer to this question is “no.” Photons 
do not exhibit mass in the same way as classical particles do. Einstein’s equa- 
tions, however, predict that a photon has momentum, which is best thought of 
as an intrinsic property of the photon that does not depend separately on mass 
and velocity, unlike the case for a classical particle. In 1922 American physicist 
Arthur Compton performed experiments involving collisions of X rays with 
electrons. These experiments showed that photons do exhibit the momentum 
calculated from Einstein’s equation. Also, photons do seem to be affected by 
gravity, as Einstein postulated in his general theory of relativity. However, it is 
important to recognize that the photon is in no sense a typical particle. A pho- 
ton has mass only in a relativistic sense—it has no rest mass. 

We can summarize the important conclusions from the work of Planck 
and Einstein as follows: 


Energy is quantized. It can be transferred only in discrete units called quanta. 

Electromagnetic radiation, which was previously thought to exhibit only wave 
properties, seems to show certain characteristics of particulate matter as 
well. This phenomenon, illustrated in Fig. 12.6, is sometimes referred to as 
the dual nature of light. 
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Do not confuse v (frequency) with 
v (velocity). 
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Spectrum obtained by shining a beam 
of light at an angle to a diffraction 
grating. 


Erich Schrempp/Photo Researchers, Inc. 


Constructive and destructive interfer- 
ence with water waves. 








Thus light, which was previously thought to be purely wavelike, was found 
to have certain characteristics of particulate matter. But is the opposite also 
true? That is, does matter that is normally assumed to be particulate exhibit 
wave properties? This question was raised in 1923 by a young French physicist 
named Louis de Broglie (1892-1987), who derived the following relationship 
for the wavelength of a particle with momentum mv: 


This equation, called de Broglie’s equation, allows us to calculate the wave- 
length for a particle, as shown in Example 12.2. 


OWL INTERACTIVE EXAMPLE 12.2 


Compare the wavelength for an electron (mass = 9.11 X 10°! kg) traveling 
at a speed of 1.0 X 107 m/s with that for a ball (mass = 0.10 kg) traveling at 
35 m/s. 


Solution We use the equation A = h/mv, where 
b=|6.626 <10 4s or 6.626 X 10“ ke m/s 
since 
1J=1 ke m/s” 


For the electron, 


k 2 
6.6 i6a ul nc 
S 
= = = 7.3 x 10°"! 
Ae = (9.41 x 103! kg)(1.0 X 10’ mis) “ 


For the ball, 





6.626 x 10734 $8 
S 


(0.10 kg)(35 m/s) 





Naf = Oe 1 en 


Notice from Example 12.2 that the wavelength associated with the ball is 
incredibly short. On the other hand, the wavelength of the electron, although 
quite small, happens to be of the same order as the spacing between the atoms 
in a typical crystal. This is important because, as we will see presently, it pro- 
vides a means for testing de Broglie’s equation. 

Diffraction results when light is scattered from a regular array of points or 
lines. The diffraction of light from a diffraction grating is shown in the accom- 
panying photograph. The colors result because the various wavelengths of vis- 
ible light are not all scattered in the same way. The colors are “separated,” 
giving the same effect as light passing through a prism. Just as a regular ar- 
rangement of ridges and grooves produces diffraction, so does a regular array 
of atoms or ions in a crystal. For example, when X rays are directed onto a 
crystal of sodium chloride with its regular array of Nat and Cl- ions, the scat- 
tered radiation produces a diffraction pattern of bright areas and dark spots on 
a photographic plate, as shown in Fig. 12.7(a). This pattern occurs because the 
scattered light can interfere constructively (the peaks and troughs of the beams 
are in phase) to produce a bright area [Fig. 12.7(b)] or destructively (the peaks 
and troughs are out of phase) to produce a dark spot [Fig. 12.7(c)]. 

A diffraction pattern can be explained only in terms of waves. Thus this 
phenomenon provides a test for the postulate that particles such as electrons 


(a) Diffraction 


X rays 
—— 





L 





NaCl 
crystal 
Detector Diffraction 
screen pattern on detector 
screen (front view) 
Figure 12.7 


(a) Diffraction occurs when electromag- 
netic radiation is scattered from a 
regular array of objects, such as the 
ions in a crystal of sodium chloride. 
The large spot in the center is from the 
main incident beam of X rays. (6) Bright 
areas in the diffraction pattern result 
from constructive interference of 
waves. The waves are in phase; that is, 
their peaks match. (c) Dark spots result 
from destructive interference of waves. 
The waves are out of phase; the peaks 
of one wave coincide with the troughs 
of another wave. 
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(b) Constructive interference (¢) Destructive interference 
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have wave properties. As we saw in Example 12.2, an electron with a velocity 
of 10’ m/s (easily achieved by acceleration of the electron in an electric field) 
has a wavelength of about 10~!° m, roughly the distance between the compo- 
nents in a typical crystal. This is important because diffraction occurs most 
efficiently when the spacing between the scattering points is about the same as 
the wavelength. Thus, if electrons actually do have an associated wavelength, 
a crystal should diffract electrons. An experiment to test this idea was carried 
out in 1927 by Davisson and Germer at Bell Laboratories. When they directed 
a beam of electrons at a nickel crystal, they observed a diffraction pattern simi- 
lar to that seen from the diffraction of X rays. This result verified de Broglie’s 
relationship, at least for electrons. Larger chunks of matter, such as balls, have 
wavelengths (Example 12.2) too small to verify experimentally. However, we 
believe that all matter obeys de Broglie’s equation. 

Now we have come full circle. Electromagnetic radiation, which at the 
turn of the twentieth century was thought to be a pure waveform, was found 
to exhibit particulate properties. Conversely, electrons, which were thought to 
be particles, were found to have a wavelength associated with them. The sig- 
nificance of these results is that matter and energy are not distinct. Energy is 
really a form of matter, and all matter shows the same types of properties. That 
is, all matter exhibits both particulate and wave properties. Large “pieces” of 
matter, such as baseballs, exhibit predominantly particulate properties. The 
associated wavelength is so small that it is not observed. Very small “pieces” 
of matter, such as photons, while showing some particulate properties through 
relativistic effects, exhibit predominantly wave properties. Pieces of matter 
with intermediate mass, such as electrons, show both the particulate and wave 
properties of matter. 





12.3 | 


The Atomic Spectrum of Hydrogen 


Recall from Chapter 2 that key information about the structure of the atom 
came from several experiments carried out in the early twentieth century. Par- 
ticularly important were Thomson’s discovery of the electron and Rutherford’s 
discovery of the nucleus. Another important experiment concerned the study 
of the emission of light by excited hydrogen atoms. When a high-energy dis- 
charge is passed through a sample of hydrogen gas, the H) molecules absorb 
energy, causing some of the H—H bonds to break. The resulting hydrogen 
atoms are excited; that is, they contain excess energy, which they release by 
emitting light of various wavelengths to produce what is called the emission 
spectrum of the hydrogen atom. 

To understand the significance of the hydrogen emission spectrum, we 
must first describe the continuous spectrum that results when white light is 
passed through a prism, as shown in Fig. 12.8(a). This spectrum, like the rain- 
bow produced when sunlight is dispersed by raindrops, contains all the wave- 
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Figure 12.8 
(a) A continuous spectrum containing all wavelengths of visible light (indicated by the first letters of 
the colors of the rainbow). (b) The hydrogen line spectrum contains only a few discrete wavelengths. 
lengths of visible light. In contrast, when the hydrogen emission spectrum in 
the visible region is passed through a prism, as shown in Fig. 12.8(b), we see 
The energy of the electron in the only a few lines, each corresponding to a discrete wavelength. The hydrogen 
hydrogen atom is quantized. emission spectrum is called a line spectrum. 
What is the significance of the line spectrum of hydrogen? It indicates that 
i only certain energies are allowed for the electron in the hydrogen atom. In 
7 other words, the energy of the electron in the hydrogen atom is quantized. 
° Changes in energy between discrete energy levels in hydrogen produce only 
4 certain wavelengths of emitted light, as shown in Fig. 12.9. For example, a 
5 AE; =5¢ given change in energy from a high to a lower level gives a wavelength of light 
: that can be calculated from Einstein’s equation: 
E Ene he 
NS he 
p ABe= hv ea __ Wavelength of 
AE, = he t . light emitted 
Ay Change in Frequency of 
1 energy light emitted 
SS ee 
Figure 12.9 The discrete line spectrum of hydrogen shows that only certain energies are 
A change between two discrete energy possible; that is, the electron energy levels are quantized. In contrast, if any 


levels emits a photon of light. energy level were allowed, the emission spectrum would be continuous. 
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Niels Bohr at 37 years of age, photo- 
graphed in 1922 when he received the 
Nobel Prize for physics. 


Angular momentum equals the product 
of mass, velocity, and orbital radius 


Figure 12.10 

Electronic transitions in the Bohr model 
for the hydrogen atom. (a) An energy- 
level diagram for electronic transitions. 
(b) An orbit-transition diagram, which 
accounts for the experimental spec- 
trum. (Note that the orbits shown are 
schematic. They are not drawn to 
scale.) (c) The resulting line spectrum 
on a photographic plate. Note that the 
lines in the visible region of the spec- 
trum correspond to transitions from 
higher levels to the n = 2 level. 


In 1913 a Danish physicist named Niels Bohr, aware of most of the experimen- 
tal results we have just discussed, developed a quantum model for the hydro- 
gen atom. Bohr proposed a model that included the idea that the electron in a 
hydrogen atom moves around the nucleus only in certain allowed circular or- 
bits. He calculated the radii for these allowed orbits by using the theories of 
classical physics and by making some new assumptions. 

From classical physics Bohr knew that a particle in motion tends to move 
in a straight line and can be made to travel in a circle only by application of a 
force toward the center of the circle. Thus Bohr reasoned that the tendency of 
the revolving electron to fly off the atom must be exactly balanced by its attrac- 
tion for the positively charged nucleus. But classical physics also decreed that 
a charged particle under acceleration should radiate energy. Since an electron 
revolving around the nucleus constantly changes its direction, it is constantly 
accelerating. Therefore, the electron should emit light and lose energy and thus 
be drawn into the nucleus. This conclusion, of course, does not correlate with 
the existence of stable atoms. 

Clearly, an atomic model based solely on the theories of classical physics 
was untenable. Bohr dealt with the problem of the collapse of the classical 
atom by simply assuming that the hydrogen electron could exist only in sta- 
tionary, nonradiating orbits. Ultimately, the correct model had to account for 
the experimental spectrum of hydrogen, which showed that only certain elec- 
tron energies were allowed. The experimental data were absolutely clear on 
this point. Bohr’s model fits the experimental results by assuming that the an- 
gular momentum of the electron could occur only in certain increments. It 
wasn’t clear why this should be true, but with this assumption Bohr’s model 
gave hydrogen atom energy levels consistent with the hydrogen emission spec- 
trum. The model is represented pictorially in Fig. 12.10. 

Although we will not discuss its origins here, the expression for the energy 
levels available to the electron in the hydrogen atom is 


7 
B= =2:178 x 107 (12.1) 
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The “J” in Equation (12.1) stands for 
joules. 


Equation (12.1) applies to all one- 
electron species. In addition to being 
used to calculate the energy levels in 
the hydrogen atom, it can also be used 
(Onner =) be Z— 3) Beas 

(Z = 4), and so on. 


where 7 is an integer (the larger the value of 1, the larger is the orbit radius) 
and Z is the atomic number (Z = 1 for hydrogen). The negative sign in Equa- 
tion (12.1) simply means that the energy of the electron bound to the nucleus 
is lower than it would be if the electron were at an infinite distance (7 = &) 
from the nucleus, where there is no interaction and the energy is zero: 


T- 
E= =) 178% 10-4 (2) = () 

The energy of the electron in any orbit is negative relative to this reference state. 

Equation (12.1) can be used to calculate the change in energy when the 
electron changes orbits. For example, suppose the electron in level m = 6 of an 
excited hydrogen atom falls back to level 2 = 1 as the hydrogen atom returns 
to its lowest possible energy state, its ground state. We use Equation (12.1) 
with Z = 1 since the hydrogen nucleus contains a single proton. The energies 
corresponding to the two states are 


Z 


—2.178 Xx 10°? Weal ==6.05 0610 4 


For 1 = 6: EG 


Forn = 1: Be 


{2 
—2.178 x 10° (73) = ATS OC eal 


Note that for 7 = 1 the electron has a more negative energy than it does for 
n = 6, which means that the electron is more tightly bound in the smallest al- 
lowed orbit. 

The change in energy AE when the electron falls from 7 = 6 ton = 1 is 


AE = energy of final state — energy of initial state 
=f = Bee (2217810 i 6s ee 
= —2.118 x 10-1] 


The negative sign for the change in energy indicates that the atom has Jost en- 
ergy and is now in a more stable state. The energy is carried away from the 
atom by the production (emission) of a photon. 

The wavelength of the emitted photon can be calculated from the equation 


Cc he 
AE = o(<) or i\ = AE 


where AE represents the change in energy of the atom and thus equals the en- 
ergy of the emitted photon. We have 


he _ (6.626 X 10°-** J s)(2.9979 x 108 m/s) 


A= = : =—9 3 -8 
AE 2.18 x 10-8] “dena a oli 








Note that for this calculation the absolute value of AE is used. In this case the 
direction of energy flow is indicated by saying that a photon of wavelength 
9.379 x 10°§ m has been emitted from the hydrogen atom. Simply plugging 
the negative value of AE into the equation would produce a negative value for 
A, which is physically meaningless. 


WWL INTERACTIVE EXAMPLE 12.3 


Calculate the energy required to excite the hydrogen electron from level n = 1 
to level m = 2. Also calculate the wavelength of light that must be absorbed by 
a hydrogen atom in its ground state to reach this excited state. 


Note from Fig. 12.3 that the light 
required to produce the transition from 
the n = 1 ton = 2 level in hydrogen 
lies in the ultraviolet region 








12.4 The Bohr Model 535 


Solution Using Equation (12.1) with Z = 1, we have 


12 

ES Se7sx 10°" (53) =f) 1788 1 One ft 
12 

Ey = =2.179 10° (55) = —5 445 x 10°" J 


AE = E, — Ey = (—5.445 X 10729 J) — (—2.178 x 10718 J) 
= 1,634 x 10-18] 


The positive value for AE indicates that the system has gained energy. The 
wavelength of light that must be absorbed to produce this change is 
BG es(6.6266 el On is) 09 9 79 cele ms) 


A — = 
AE 1.634 x 10°18] 
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At this time we must emphasize two important points about the Bohr 
model: 


1. The model correctly fits the quantized energy levels of the hydrogen atom 
as inferred from its emission spectrum. These energy levels correspond to 
certain allowed circular orbits for the electrons. 


i) 


As the electron becomes more tightly bound, its energy becomes more 
negative relative to the zero-energy reference state (corresponding to the 
electron being an infinite distance from the nucleus). That is, as the elec- 
tron is brought closer to the nucleus, energy is released from the system. 


Using Equation (12.1), we can derive a general equation for the electron 
moving from one level (%njtiai) to another level (7¢;n41): 


AE = energy of level mina, — energy of level “initial 











= Eigiaal 7 miaal 
12 fe 
= (-2.178 x 10 Df :) ~ (-2.178 x 10 Df :) 
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=i 1 1 
== 2178 10°" ] a 2 aoa 
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EXAMPLE 12.4 


Calculate the minimum energy required to remove the electron from a hydro- 
gen atom in its ground state. 


Solution 


a What are we trying to solve? 

We want to determine the energy needed to remove a ground state electron 
from a hydrogen atom. We know how to determine the energy required for the 
electron moving from one level to another. The equation is 





1 1 
NE = 1786 10-1 yf -= s) 


Nfinal Ninitial 


Since the electron starts in the ground state, Mjnitig) = 1. To determine AE 
we only need Mfinaie SO What is Mpingi if we are removing an electron? Recall that 
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The New, Improved Atomic Clock 





To celebrate the turn of the century, the National 
Institute of Standards and Technology (NIST) in 
Boulder, Colorado, gave the world a new precision 
timepiece—a clock so accurate that it will neither 
gain nor lose a second in 20 million years! Called 
NIST F-1, the new cesium atomic clock is classified 
as a fountain clock because it tosses spheres of 
cesium atoms upward inside the device. 

The timepiece works as follows: Gaseous 
cesium atoms are introduced into a vacuum 
chamber where six infrared laser beams are posi- 
tioned to push the cesium atoms into a spherical 
arrangement. In this process the cesium atoms are 
slowed almost to the point of absolute zero. Two 
vertical lasers then “toss” the sphere upward for 
about a meter in a microwave-filled cavity. At this 
point all of the lasers are turned off. The sphere of 
atoms then falls through the cavity under the influ- 
ence of gravity, and some of the atoms are excited 
by the microwaves. At the bottom the cesium 
atoms, which were excited by the microwaves, are 
induced (by a laser beam) to emit light (a process 
called fluorescence). The entire process is repeated 
many times during which the frequency of the 
microwave energy in the cavity is adjusted until the 
maximum fluorescence is achieved. The microwave 
frequency that produces the greatest fluorescence is 
the natural resonance frequency for the cesium 








atom. This frequency (9.192631770 X 10? cycles 
per second) is used to define the second. The NIST 
F-1 clock is much more accurate than its predeces- 
sor, NIST-7, which fired heated cesium atoms at 
high speeds through a horizontal microwave 
chamber. In NIST F-1 the slower movement of the 
atoms gives more time for the microwaves to inter- 
act with the atoms so that the characteristic fre- 
quency can be more precisely determined. 

NIST F-1, which is now the official clock in the 
United States, provides the extremely accurate 
timekeeping necessary for modern technology- 
based operations. NIST F-1 is also in the pool of 
atomic clocks used to define Coordinated Univer- 
sal Time (known as UTC), the official world time. 

However, the reign of the cesium-based super- 
clocks may be over very soon. A team led by physi- 
cist John C. Berquist at NIST has developed an 
atomic clock, called the NIST optical clock, that is 
based on the interactions between ultraviolet light 
and a single mercury atom. Studies by the Berquist 
group show that the new optical clock is 10 times 
more precise than the cesium clock. This means 
that the optical clock would have an error of only 
0.1 second in 70 million years of continuous oper- 
ation. The search is now underway for an atom 
that might provide even more precise time mea- 
surements than mercury. 


Single Hg* ion 


When installed in an atomic clock, this molybdenum structure (left) traps a 
mercury ion (right) at its center. The clock uses the ion to keep time with 


unprecedented precision. 








Although Bohr’s model fits the energy 
levels for hydrogen, it is a fundamen- 

tally incorrect model for the hydrogen 
atom. 
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E = 0 when there is no interaction between the nucleus and the electron. This 
is true if the electron were at an infinite distance from the nucleus or Mina = ©. 
So we have 


AE = —2178 x 10 J( = — =) 
00 ih 


AE = —2.178 X 10718 J(O — 1) = 2.178 x 10718 J 


Thus the energy required to remove the electron from a hydrogen atom in its 
ground state is 2.178 X 107!8 J. 


Equation (12.2) can be used to calculate the energy change between any 
two energy levels in a hydrogen atom, as shown in Example 12.4. 

At first, Bohr’s model appeared to be very promising. The energy levels 
calculated by Bohr closely agreed with the values obtained from the hydrogen 
emission spectrum. However, when Bohr’s model was applied to atoms other 
than hydrogen, it did not work at all. Although some attempts were made to 
adapt the model using elliptical orbits, it was concluded that Bohr’s model is 
fundamentally incorrect. The model is, however, very important historically 
because it shows that the observed quantization of energy in atoms can be 
explained by making rather simple assumptions. Bohr’s model paved the way 
for later theories. It is important to realize, however, that the current theory 
of atomic structure is in no way derived from the Bohr model. Electrons do 
not move around the nucleus in circular orbits, as we will see later in this 
chapter. 
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Unplucked string 





3 half-wavelengths 


Figure 12.11 

The standing wave produced by the 
vibration of a guitar string fastened at 
both ends. Each dot represents a node 
(a point of zero displacement). 


The Quantum Mechanical Description 
of the Atom 


By the mid-1920s it had become apparent that the Bohr model was not a valid 
one. A totally new approach was needed. Three physicists were at the forefront 
of this effort: Werner Heisenberg, Louis de Broglie, and Erwin Schrodinger. 
The approach developed by de Broglie and Schrédinger became known as 
wave mechanics or, more commonly, quantum mechanics. As we have already 
seen, de Broglie originated the idea that the electron, previously considered to 
be a particle, also shows wave properties. Pursuing this line of reasoning, 
Schrodinger, an Austrian physicist, decided to attack the problem of atomic 
structure by giving emphasis to the wave properties of the electron. To 
Schrodinger and de Broglie, the electron bound to the nucleus seemed similar 
to a standing wave, and they began research on a wave mechanical description 
of the atom. 

The most familiar example of standing waves occurs in association with 
musical instruments such as guitars or violins, where a string attached at both 
ends vibrates to produce the musical tone. The waves are described as standing 
since they are stationary; the waves do not travel along the length of the string. 
The motions of the string can be explained as a combination of simple waves 
of the type shown in Fig. 12.11. The dots in this figure indicate the nodes, or 
points of zero lateral (sideways) displacement for a given wave. Note that there 
are limitations on the allowed wavelengths of the standing wave. Since each 
end of the string is fixed, there is always a node at each end. This means that 
there must be a whole number of half-wavelengths in any of the allowed mo- 
tions of the string (Fig. 12.11). 

The wave model was applied by de Broglie to the Bohr atom by imagin- 
ing the electron in the hydrogen atom to be a standing wave. As shown in 
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Fireworks 





The art of using mixtures of chemicals to produce 
explosives is an ancient one. Black powder—a 
mixture of potassium nitrate, charcoal, and 
sulfur—was being used in China well before 

1000 a.p. and has been used through the centuries 
in military explosives, in construction blasting, 
and in fireworks. The DuPont Company, now a 
major chemical manufacturer, started out as a 
manufacturer of black powder. In fact, the 
founder, Eleuthére du Pont, learned the manufac- 
turing technique from none other than Lavoisier. 

Before the nineteenth century, fireworks were 
mainly confined to rockets and loud bangs. 
Orange and yellow colors came from the presence 
of charcoal and iron filings. However, with the 
great advances in chemistry in the nineteenth 
century, new compounds found their way into fire- 
works. Salts of copper, strontium, and barium 
added brilliant colors. Magnesium and aluminum 
metals gave a dazzling white light. Fireworks, in 
fact, have changed very little since then. 

How do fireworks produce their brilliant 
colors and loud bangs? Actually, only a handful of 
different chemicals are responsible for most of the 
spectacular effects. The noise and flashes are pro- 
duced by an oxidizer (an oxidizing agent) and a 
fuel (a reducing agent). A common mixture 
involves potassium perchlorate (KCIO,) as the oxi- 
dizer and aluminum and sulfur as the fuel. The 
perchlorate compound oxidizes the fuel in a very 
exothermic reaction, which produces a brilliant 
flash, caused by the aluminum, and a loud report 
from the rapidly expanding gases produced. For a 
color effect, an element with a colored emission 
spectrum is included. Recall that the electrons in 
atoms can be raised to higher energy levels when 
the atoms absorb energy. The excited atoms can 
then release this excess energy by emitting light of 
specific wavelengths, often in the visible region. In 
fireworks the energy to excite the electrons comes 
from the reaction between the oxidizer and fuel. 

Yellow colors in fireworks are caused by the 
589-nm emission of sodium atoms. Red colors 
come from strontium salts emitting at 606 nm and 





Courtesy, Pyro Shows of LaFollette, Tennessee 













Quick-burning fuse 


Colored-pape1 


Twine fuse end 


Cross fuse (fast fuse) 
Delay fuses 


(slow-burning) 
Heavy cardboard Red star composition 


barriers Paper wrapper 


Blue star composition 


“Flash and sound” 


Side fuse (fast fuse) nixtute (KCIO, SIAN 
4 


Black powder 
propellant 


Steel mortar 
buried in ground 








A typical aerial shell used in fireworks displays. Time- 
delayed fuses cause a shell to explode in stages. In this 
case a red starburst occurs first, followed by a blue star- 
burst, and finally a flash and loud report. Reprinted with 
permission from Chemical and Engineering News, Vol. 
59, Issue 26, June 29, 1981, p. 25. Copyright © 1981 
American Chemical Society. 


636-688 nm. (This red color may be familiar from 
highway safety flares.) Barium salts give a green 
color in fireworks, caused by a series of emission 
lines between S05 and 535 nm. A really good blue 
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Chemicals Commonly Used in the Manufacture of Fireworks 


Oxidizers Fuels Special Effects 

Potassium nitrate Aluminum Red flame: strontium nitrate, strontium carbonate 
Potassium chlorate Magnesium Green flame: barium nitrate, barium chlorate 

Potassium perchlorate Titanium Blue flame: copper carbonate, copper sulfate, copper oxide 
Ammonium perchlorate Charcoal Yellow flame: sodium oxalate, cryolite (Na3AIF¢) 

Barium nitrate Sulfur White flame: magnesium, aluminum 


Barium chlorate Antimony sulfide Gold sparks: iron filings, charcoal 


Strontium nitrate Dextrin White sparks: aluminum, magnesium, aluminum—magnesium 


Red gum alloy, titanium 


Polyvinyl chloride Whistle effect: potassium benzoate or sodium salicylate 


White smoke: mixture of potassium nitrate and sulfur 


Colored smoke: mixture of potassium chlorate, sulfur, and 
an organic dye 





color, however, is hard to obtain. Copper salts give arises from the use of sodium salts. Because 


a blue color, emitting in the 420-460-nm region. 
But difficulties occur because another commonly 
used oxidizing agent, potassium chlorate (KCIO3), 
reacts with copper salts to form copper chlorate, a 
highly explosive compound that is dangerous to 
store. Paris green, a copper salt containing arsenic, 
was once extensively used but is now considered to 
be too toxic. 

A typical aerial shell is shown in the figure. 
The shell is launched from a mortar (a steel cylin- 
der), using black powder as the propellant. Time- 
delayed fuses are used to fire the shell in stages. A 
list of chemicals commonly used in fireworks is 
given in the table. 

Although you might think that the chemistry of 
fireworks is simple, the achievement of the vivid 
white flashes and the brilliant colors requires 
complex combinations of chemicals. For example, 
because the white flashes produce high flame tem- 
peratures, the colors tend to wash out. Thus oxi- 
dizers, such as KCIO4, are sometimes used with 
fuels that produce relatively low flame tempera- 
tures. An added difficulty, however, is that per- 
chlorates are very prone to accidental ignition and 
are therefore quite hazardous. Another problem 





sodium produces an extremely bright yellow emis- 
sion, sodium salts cannot be used when other 
colors are desired. Carbon-based fuels also give a 
yellow flame that masks other colors, therefore 
limiting the use of organic compounds as fuels. 
You can see that the manufacture of fireworks that 
produce the desired effects and are also safe to 
handle requires careful selection of chemicals. And, 
of course, there is still the dream of that special 
deep blue flame. 





Carlos E. Santa Maria/Shutterstock.com 


Fireworks are a beautiful illustration of chemistry in action. 
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Fig. 12.12, only certain circular orbits have a circumference into which a whole 
number of wavelengths of the standing electron wave will “fit.” All other or- 
bits would produce destructive interference of the standing electron wave and 
are not allowed. This seemed like a possible explanation for the observed 
quantization of the hydrogen atom. The mathematical formalism that 
Schrédinger developed in 1925 to describe the hydrogen electron as a wave 
was heavily based on the classical descriptions of wave phenomena. We will 
first give an overview of this approach before considering it in more detail. 
The form of Schrodinger’s equation is 


Ay = Ew 


where w, called the wave function, is a function of the coordinates (x, y, and z) 
of the electron’s position in three-dimensional space, and where H represents a 
set of mathematical instructions called an operator. An operator is a mathe- 


J << matical tool that acts on a function to produce another function. In some spe- 
. cial cases, the operator gives back the original function simply multiplied by a 
() Mismatch constant. Note that the Schrédinger equation corresponds to such a special 
nad; case. In the Schrodinger equation, the operator H, called the Hamiltonian, acts 


to give back the wave function multiplied by the constant E, which represents 
the total energy of the atom (the sum of the potential energy due to the attrac- 
tion between the proton and the electron and the kinetic energy of the moving 
electron). When this equation is analyzed, many solutions are found. Each so- 
lution consists of a wave function w that is characterized by a particular value 





Figure 12.12 
The hydrogen electron visualized as a 
standing wave around the nucleus. The 


circumference of a particular circular of E. A specific wave function for a given electron is often called an orbital. It 
orbit has to correspond to a whole is important to recognize that Schrédinger could not be sure that treating an 
number of wavelengths, as shown in electron as a wave makes any sense: The test would be whether the model 
(a) and (b), or else destructive interfer- could correctly fit the experimental data for hydrogen and other atoms. 

ence occurs, as shown in (c). This To illustrate the most important ideas of the wave mechanical (quantum 
model is consistent with the fact that mechanical) model of the atom, we will first concentrate on the wave function 


only certain electron energies are 
allowed; the atom is quantized. 
(Although this idea has encouraged 


corresponding to the lowest energy for the hydrogen atom. This wave function 
is called the 1s orbital. The first point of interest is the meaning of the word 

ee orbital. One thing is clear: An orbital is not a Bohr orbit. The electron in the 
scientists to use a wave theory, it does a‘ s ; : : d 
Bete that ine cloctearrealy travels hydrogen 1s orbital is not moving around the nucleus in a circular orbit. How, 
in circular orbits.) then, is the electron moving? The answer is somewhat surprising: We do not 
know. The wave function gives us no information about the movements of the 
electron. This observation is somewhat disturbing. When we solve problems 
involving the motions of particles in the macroscopic world, we are able to 
predict their trajectories. For example, when two billiard balls with known 
velocities collide, we can predict their motions after the collision. However, we 
cannot predict the electron’s motion using the 1s orbital function. Does this 
mean that the theory is useless? Not necessarily: We have already learned that 
an electron does not behave much like a billiard ball, so we must examine the 
situation closely before we discard the theory. 

Werner Heisenberg, who was also involved in the development of the 
quantum mechanical model for the atom, discovered a very important princi- 
ple in 1927 that helps us to understand the meaning of orbitals—the Heisen- 
berg uncertainty principle. Heisenberg’s mathematical analysis led him to a 
surprising conclusion: There is a fundamental limitation to just how precisely 
we can know both the position and the momentum of a particle at a given 
time. Stated mathematically, the uncertainty principle is 


h 
Ax: Ap = = 
x Ap 5 


where Ax is the uncertainty in a particle’s position, Ap is the uncertainty in a 
particle’s momentum, and f is Planck’s constant divided by 2a (h = h/27) 


The uncertainty principle is sometimes 
Called the indeterminacy principle 
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Thus the minimum uncertainty in the product Ax - Ap is h/47. This relation- 
ship means that the more precisely we know a particle’s position, the less pre- 
cisely we can know its momentum, and vice versa. This limitation is so small 
for large particles such as baseballs or billiard balls that it is unnoticed. How- 
ever, for a small particle such as the electron, the limitation becomes quite 
important. Applied to the electron, the uncertainty principle implies that we 
cannot know the exact path of the electron as it moves around the nucleus. It 
is therefore not appropriate to assume that the electron is moving around the 
nucleus in a well-defined orbit as in the Bohr model. 


EXAMPLE 12.5 


The hydrogen atom has a radius on the order of 0.05 nm. Assuming that we 
know the position of an electron to an accuracy of 1% of the hydrogen radius, 
calculate the uncertainty in the velocity of the electron using the Heisenberg 
uncertainty principle. Then compare this value with the uncertainty in the ve- 
locity of a ball of mass 0.2 kg and radius 0.05 m whose position is known to 
an accuracy of 1% of its radius. 


Solution From Heisenberg’s uncertainty principle, the smallest possible uncer- 
tainty in the product Ax - Ap is h/2; that is, 
ivae 
Ae Ap = = 
ge aii ne 
For the electron the uncertainty in position (Ax) is 1% of 0.05 nm, or 
A= (0.01)(0.05 nm) 5.210 nm 
Converting to meters gives 
10° m 
nm 





Seo Omenin =e <a Ome in 


The values of the constants are 


m = mass of the electron = 9.11 X 1077! kg 


k 2 
bh = 6.626 X 10°34 J s = 6.626 x 10734 2 

S 

7 = 3.14 
We can now solve for the uncertainty in momentum: 

2 
6.626 x 10° ee 

h h S 





aD he ae, AGMA Sets an) 


= ity Ati kg m/s (keeping extra 


significant figures) 


Recalling that p = mv and assuming that the electron mass is constant (ignor- 
ing any relativistic corrections), we have 


Ap = A(mv) = mAv 
and the uncertainty in velocity is 


Ap _ 1.05 X 10 ~ kg m/s 


~ ='15 x 10° m/s er 0 ny 
We 28.11 X10 ke He ee 


Av = 





Thus, if we know the electron’s position with a minimum uncertainty of 
5 X 10713 m, the uncertainty in the electron’s velocity is at least 1 x 10° m/s. 
This is a very large number; in fact, it is the same magnitude as the speed of 
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Electrons as Waves 





Although scientists talk about the dual wave and 
particle properties of electrons, many nonscientists 
still believe that electrons are only tiny particles. 
Rooted as we are in the macroscopic world, it can 
be difficult for some to picture a particle as also 
being a wave. One look at the accompanying 
picture, however, should help change that. What 
looks like ripples surrounding two barely sub- 
merged pebbles in a pool of water is really the 
surface of a copper crystal. 

Although they are true believers in the wave 
nature of electrons, the physicists at the IBM 
Almaden Research Center in San Jose, California, 
were genuinely surprised when their scanning tun- 
neling microscope (STM) produced this image of 
the copper surface. “We looked at the surface with 
all these waves and thought, ‘Is our machine 


Photos: Research Division, Almaden Research Center/ 


IBM Corporation 





broken?’” says Michael Crommie, one of the IBM 
physicists. But the researchers soon realized that 
the waves were produced by electrons confined to 
the metal’s surface that bounced off impurities (the 
two pits). Because the electrons are waves, they 
form interference patterns after reflecting off the 
impurities, producing standing waves. 

To further explore this behavior, the IBM scien- 
tists constructed a “quantum corral” by using their 
STM to place 48 iron atoms on a copper surface in 
a circle approximately 14 nm in diameter. Then 
using the STM to study electron behavior on the 
copper surface inside the corral, they observed the 
standing electron waves shown in the photo on the 
right. This image provides a unique visual confir- 
mation of what the Schrédinger equation predicts. 
Electrons are wavelike. Seeing is believing! 





(left) The electrons form interference patterns, the ripples shown here, and produce standing waves. 
(right) Iron atoms in a circular “corral” cause electron standing waves. 





velocity of the electron. 


ea! 


light (3 X 108 m/s). At this level of uncertainty, we have virtually no idea of the 


For the ball, the uncertainty in position (Ax) is 1% of 0.05 m, or 5 X 
10~* m. Thus the minimum uncertainty in velocity is 


2 





6.626 x 10-34 <8 
h s 








II 





m , Ax: m:4q 
5 <10 >" tins 


This means there is a very small (undetectable) uncertainty in our measure- 
ments of the speed of a ball. Note that this uncertainty is not caused by the 
limitations of measuring instruments; Av is an inherent uncertainty. 

Thus the uncertainty principle is negligible in the world of macroscopic ob- 
jects but is very important for objects with small masses, such as the electron. 


~ (5 X 1074 m)(0.2 kg)(4)(3.14) 
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Figure 12.13 

A schematic representation of a parti- 
cle in a one-dimensional box with infi- 
nitely high potential walls. 


Overview 


The Schrédinger wave equation, Hw = Ew, lies at the heart of the quantum 
mechanical description of atoms. Recall from the preceding discussion that 
H represents an operator (the Hamiltonian) that “extracts” the total energy E 
(the sum of the potential and kinetic energies) from the wave function. The 
wave function w& depends on the x, y, and z coordinates of the electron’s posi- 
tion in space. 

_ Note that the Schrodinger equation requires that when w is operated on by 
H, the result is yw multiplied by a constant, FE, that represents the total energy 
of the particular state described by w. As we will see, there are many possible 
solutions to the Schrodinger equation for a given system. For example, for the 
hydrogen atom there are many functions that satisfy the Schrodinger equation, 
each one corresponding to a particular energy for hydrogen’s electron. Each of 
these specific wave functions for the hydrogen atom is called an orbital. 

Although the detailed solution of the Schrodinger equation for the hydro- 
gen atom is not appropriate in this text, we will illustrate some of the proper- 
ties of wave mechanics and wave functions by using the wave equation to de- 
scribe a very simple, hypothetical system commonly called “the particle in a 
box,” a situation in which a particle is trapped in a one-dimensional box that 
has infinitely high “sides.” It is important to recognize that this situation is not 
an accurate physical model for the hydrogen atom. That is, the hydrogen atom 
is really not much like this particle in a box. The reasons for treating the par- 
ticle in a box are that (1) it illustrates the mathematics of wave mechanics, 

(2) it gives an indication of the characteristics of wave functions, and (3) it 
shows how energy quantization arises. Thus this treatment of a particle in a 
box illustrates the “flavor” of the wave mechanical description of the hydro- 
gen atom, but it should not be taken to be an accurate representation of the 
hydrogen atom itself. 


The Particle in a Box as a Model 


Consider a particle with mass m that is free to move back and forth along one 
dimension (we arbitrarily choose x) between the values x = 0 and x = L (that 
is, we are considering a one-dimensional “box” of size L meters). We will as- 
sume that the potential energy V(x) of the particle is zero at all points along its 
path, except at the endpoints x = 0 and x = L, where V(x) is infinitely large. 
In effect, we have a repulsive barrier of infinite strength at each end of the box. 
Thus the particle is trapped in a one-dimensional box with impenetrable walls 
(Fig. 12.13). 





V(x) = 0 V(x) = 0 Vix) == 
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Chemistry 


Image recorded by Stephen Jensen, Tufts University 
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Charles Sykes, Assistant Professor of Chemistry at act on surfaces and on 
Tufts University in Medford, Massachusetts, did building novel, nanoscale 
his undergraduate work at Oxford University surface structures using 
(United Kingdom) and obtained his Ph.D. from scanning tunneling 
Cambridge University (United Kingdom). His microscopy (STM), which 
interests focus on how atoms and molecules inter- enables control of single 
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Charles Sykes Researches Surface Architecture 








atoms and molecules. The 
figure shows a “quantum 
corral,” which is made of - 
approximately 650 gold Charles Sykes. 

atoms on a metallic surface. 

The peaks inside the triangle represent electron 
density maxima that are caused by constructive 
interference of the electron waves as they are 
reflected by the edges of the box. Simple particle- 
in-a-box calculations can predict these maxima. 

A goal of Professor Sykes’s research group is to 
understand how molecules approaching such a 
surface will interact with the electron density on 
the surface and to explore how to tailor surfaces 
and better assist molecules to self-assemble in new 
surface architectures. Professor Sykes is also inter- 
ested in studying the effect of surface structure on 


Courtesy of M. El Kouedi/Charles Sykes 


Surface architecture showing electrons forming the ability of the surface to catalyze various chemi- 


an interference pattern. 


cal reactions. 








As we mentioned before, the Schrodinger equation contains the energy 
operator H. In this case, since the potential energy is zero inside the box, the 
only energy possible is the kinetic energy of the particle as it moves back and 
forth along the x axis. The operator for this kinetic energy is 


where fi is Planck’s constant divided by 27, m is the mass of the particle, and 
d*/dx* is the second derivative with respect to x. The form of this operator 
comes from the description of waves in classical physics. Inserting this opera- 
tor into the Schrédinger equation Hi = Ew gives 








wh dy 
2m dx at 
where yf is a function of x {[(x)]}. We can rearrange this equation to give 
dy mE 
dx* i? 4 


Our goal is to find specific functions w(x) that satisfy this equation. Notice 
that the solutions to this equation are functions such that d2y/dx? = (constant). 
That is, each solution must be a function whose second derivative has the same 
form as the original function. One function that behaves this way is the sine 
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function. For example, consider the function A sin(kx), where A and k are con- 
stants. We will now take the second derivative of this function with respect to x: 


d sin =| 


dx 


> 


ps 


d 
— (A sin kx) = as ze pacer cos kx) 


dx 


= a( 2) = Ak(—k sin kx) 
dx 


—Ak?* sin kx = —k?A sin kx 


dx? dx 


Thus we have shown that 


d’(A sin kx) 
dx? 





= —k’*(A sin kx) 


This is just the type of function that will satisfy the Schrodinger equation 
for the particle in a box. In fact, when we compare the general form of the 
Schrodinger equation 











Pp mE 
dx? h v 
2(A 
with aad = se psi) 
dx 
we see that = BRE 
h 


which can be rearranged to give an expression for energy: 
h2 kh 
Ea 
2m 


What does this equation mean? We have simply specified that A and k are 
constants. What values can these constants have? Note that if they could as- 
sume any values, this equation would lead to an infinite number of possible 
energies—that is, a continuous distribution of energy levels. However, this is 
not correct. For reasons we will discuss presently, we find that only certain 
energies are allowed. That is, this system is quantized. In fact, the ability of 
wave mechanics to account for the observed (but initially unexpected) quanti- 
zation of energy in nature is one of the most important factors in convincing us 
that it may be a correct description of the properties of matter. 

Quantization enters the wave mechanical description of the particle in a 
box via the boundary conditions. Boundary conditions arise from the physi- 
cal requirements of natural systems. That is, we must insist that our descrip- 
tions of natural systems make physical sense. For example, assume that in 
describing an aqueous solution containing an acid we arrive at the expression 
[H*|* = 4.0 x 10-8 M?. The solutions to this expression are 


[H*]=2.0x10-*M and [H+] =—-2.0x10-4M 


In doing such a problem, we automatically reject the second possibility because 
there is no physical meaning for a negative concentration. What we have done 
here is apply a type of boundary condition to this situation. 

The boundary conditions for the particle in a box enforce the following facts: 


1. The particle cannot be outside the box—it is bound inside the box. 


2. Ina given state the total probability of finding the particle in the box must 
bet. 


3. The wave function must be continuous. 
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We have seen that the function iy = A sin(kx) satisfies the Schrodinger equa- 
tion Hi = Ey. We will now define the constants k and A so that this function 
also satisfies the boundary conditions based on the three constraints listed above. 
Because the particle must stay inside the box, and because the wave function 
must be continuous, the value of (x) must be zero at each wall. That is, 


wi0)=0 and wL)=0 


Recall that the sine function is zero at angles of 0°, 180° (a radians), 360° 
(27 radians), and so on. Thus the function A sin(kx) is automatically zero 
when x = 0. 

The requirement that the wave function must also be zero at the other 
wall, which can be stated as #(L) = A sin(kL) = 0, means that k is limited to 
the values of mm/L, where 1 is an integer (1, 2, 3,...). That is, 


w(x) = A sin( “7x) 


then wW(L) = Asin (=. L) = Asin(n7) = 0 

To assign the value of the constant A, we need to introduce a new idea. In 
the application of wave mechanics to the description of matter, scientists have 
learned to associate the square of the wave function with probability. As we 
will discuss in more detail below, this means that the square of the wave func- 
tion evaluated at a given point gives the relative probability of finding a parti- 
cle near that point. This concept is relevant to the boundary conditions for the 
particle in a box because the total probability in a given state must be 1. To be 
more precise, the probability of finding the particle on a segment of the x axis 
of length dx surrounding point x is w(x) dx. Because there is one particle in the 
box, the sum of all those probabilities along the x axis from x = 0 to x = L 
must be 1. We sum these probabilities over the length of the box (from x = 0 
to x = L) by integration from x = 0 to x = L: 


Total probability of finding _ i relearn 
0 


the particle in the box 


Substituting w(x) = A sin[(n7/L)x], we have 


‘ nT 1 
O in?| —x |dx = — 
r ls sin ( L :) ery 
The value of the integral is L/2, which means that 
iif 1 
5 ten A 


Now that we know the allowed values of k and A, we can specify the wave 
function for the particle in a one-dimensional box as 


We can also substitute the value of k into the expression for energy: 


zB A? k? _ (nm /L)P 


E 
2m 2m 





Figure 12.14 

(a) The first three energy levels for a 
particle in a one-dimensional box in 
increments of h?/(8mL?*). (b) The wave 
functions for the first three levels 
plotted as a function of x. Note that the 
maximum value is ee in each case. 
(c) The square of the wave functions for 
the first three levels plotted as a func- 
tion of x. Note that the maximum value 
is 2/L in each case. 
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Substituting h = h/27 gives 


wh? 


Wigan where n = 1, 2, 3, 4, C60 


Note that this analysis leads to a series of solutions to the Schrodinger 
equation, where each function corresponds to a given energy state: 





n Function Energy 
Pe bh? 
il y= [3 sin(Z) E, = ni 


(=) EZ = 4h? = eS. 
L 2 8m? 2mL? 
ol ote 9h? 
( ie x) erry 
4a E,= 16h _ 2h 
4 8mL2 mL? 
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Notice something very important about these results. The application of 
the boundary conditions has led to a series of quantized energy levels. That is, 
only certain energies are allowed for the particle bound in the box. This result 
fits very nicely with the experimental evidence, such as the hydrogen emission 
spectrum, that nature does not allow continuous energy levels for bound sys- 
tems, as classical physics had led us to expect. Note that the energies are quan- 
tized, because the boundary conditions require that 7 assume only integer val- 
ues. Consequently, we call 7 the quantum number for this system. 

We can diagram the solutions to the particle-in-a-box problem conve- 
niently by showing a plot of the wave function that corresponds to each energy 
level. The energy level, wave function, and probability distribution are shown 
in Fig. 12.14 for the first three levels. 
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Note that each wave function goes to zero at the edges of the box, as re- 
quired by the boundary conditions. Another way to say this is that the standing 
waves that represent the particle must have wavelengths such that an integral 
number of half-wavelengths exactly equals the size of the box. Waves with any 
other wavelengths could not exist because they would destructively interfere. 
Also note from Fig. 12.14 that the probability distribution is significantly dif- 
ferent for the three levels. For n = 1 (the lowest energy or ground state), the 
particle is most likely to be found near the center of the box. In contrast, for 
n = 2 the particle has zero probability of being found in the center of the box. 
This zero point is called a node. Notice that the number of nodes increases 
with 7. 

Another interesting characteristic of the particle in a box is that the parti- 
cle cannot have zero energy (that is, 2 cannot equal zero). For example, if 
were equal to zero, % would be zero everywhere in the box (sin 0 = 0). This 
would mean that yo would also be zero. In this case there could be no particle 
in the box, which contradicts the boundary conditions. This fact that the par- 
ticle must have a nonzero energy in its ground state is a characteristic of all 
particles with quantized energies. In addition, for the particle in a box, a value 
of zero for the energy would mean that the particle was sitting still (zero kinetic 
energy). This condition would violate the uncertainty principle because we 
would simultaneously know the exact values of the momentum (zero) and the 
position of the particle. For similar reasons all quantized particles must possess 
a minimum energy, often called the zero-point energy. 





| EXAMPLE 12.6. 





Assume that an electron is confined to a one-dimensional box 1.50 nm in 
length. Calculate the lowest three energy levels for this electron, and calculate 
the wavelength of light necessary to promote the electron from the ground 
state to the first excited state. 


Solution To solve this problem, we need to substitute appropriate values into 
the general expression for energy: 


7 nh 
8mL* 
The mass of an electron (7) is 9.11 X 10-3! kg; the dimension of the box (L) 
is 1.50 nm, or 1.50 X 10~? m; and the value of Planck’s constant is 6.626 X 
1022 ys: 
For = 1 we get 
(D)A(Gi6260G10 4 Ts? 
a ~20 
(8)(9.11 X 10-5 ke(1.50 X 10-9 m2 708 * 10 "J 





E, = 


Similarly, for 1 = 2 we get 

E, = 1.07 X 10719 J 
And for n = 3 we get 

E; = 2.41 x 107-19 J 


Note that since 


then E, = (2); = 4E, and E3 = 9E, 
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To calculate the wavelength of light necessary to excite the electron from 
level 1 to level 2 (the first excited state), we first need to obtain the energy dif- 
ference between the two levels: 


hf 
AE = E) — Ey = (13° — ti eer 
=5(4)(2 68 x1 105 20 08 04001082 
Then we find the wavelength required from the equation 


_ be 
A 


SE: 


Inserting the appropriate values gives 


< he (6.626 <'10-** J 3)(2:9979° x 10° m/s) 
AE Side Oe | 


= 2.47 ><107° mia Oinm 
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Unlike the particle in a one-dimensional box, the electron of the hydrogen 

atom moves in three dimensions and has potential energy because of its attrac- 

tion to the positive nucleus at the atom’s center. These differences can be easily 

accounted for by including the second derivatives with respect to all three of 
Z the Cartesian coordinates and by inserting a term that specifies the dependence 
of the electron’s potential energy on its position in space. 

Because it is more convenient mathematically, the coordinate system is 
changed from Cartesian to spherical polar coordinates (Fig. 12.15) before the 
Schrodinger equation is solved. In the system of spherical polar coordinates, a 
given point in space, specified by values of the Cartesian coordinates x, y, and 
z, is described by specific values of r, 0, and ¢. 

In the spherical polar coordinate system, the wave function W(r, 8, @) can 
be written as a product of one function depending on r, one depending on 6, 
and one depending on ¢: 


U(r, 6, b) = R(r)O(A)P(p) 


This separation of variables allows an exact solution to the Schrodinger 








; equation 
Figure 12.15 i 
The spherical polar coordinate system. Hw = Ew 
for the hydrogen atom. 
In spherical polar coordinates, the potential energy (in cgs units) of the 
electron is 
(Ze)(e) 
Vey Sas 
r 
To convert the potential energy from where Ze represents the nuclear charge (Z = 1 for the hydrogen atom). As 
egs units to SI units (joules), the with the particle in a box, when the Schrodinger equation for the hydrogen 
expression shown must be multiplied atom is solved and the boundary conditions are applied, a series of wave func- 
by 1/47rep, where €o (the permittivity of tions is obtained, each function corresponding to a particular energy. In con- 
the vacuum) is 8.854 107° C*/J m. trast to the particle in a one-dimensional box, where one quantum number 


emerges from the mathematics, the three-dimensional hydrogen atom gives rise 
to three quantum numbers. 
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Chemical Insights 


0.035 Femtometer Is a Big Deal 




















The boundary conditions, which differ 
in some important aspects from those 
of the particle in the box because of 
the very different nature of the physical 
system, will not be discussed here. 


The long accepted value for the radius of the 0.91 femtometers (fm), the value expected from 
proton is 0.8768 fm (fm = 107'!° m). However, current theories. After years of failing to see the 
new experiments suggest that this value might be expected energy transitions, the German scientists 
about 4% too large. This doesn’t sound like much, were within weeks of shutting down the experi- 
but if proved correct it will raise havoc in the sci- ment when they decided to assume a smaller value 
entific community. for the proton radius. They saw the expected tran- 
The possible problem with the currently sition when they tuned their laser at a value corre- 
accepted value of the proton radius results from sponding to a proton radius of 0.84184 fm. 
work done by Randolf Pohl and his coworkers at Although this value doesn’t seem too different 
the Max Planck Institute of Quantum Optics in from 0.8768 fm, it has tremendous implications. A 
Garching, Germany. These scientists created an change in the radius of the proton will affect the 
exotic form of hydrogen in which they replaced the value of the charge density of the proton, a value 
hydrogen electron by a muon. A muon is a particle that affects the values of all of the fundamental 
that has the same charge as an electron but is physical constants since all of these constants are 
200 times more massive than the electron. Because interrelated. Thus, more experiments are needed to 
of its greater mass, the muon has orbitals with determine the correct value of the proton radius. If 
smaller average radii than those of an electron. the new, smaller value proves to be correct, it has 
The German team attempted to excite the muon to important implications for the fundamental theory 
higher energy levels using laser pulses. They set (quantum electrodynamics) of matter. Perhaps this 
their laser to detect muon transitions assuming will lead to a better understanding of nature. 
the proton radius was in the range from 0.87 to 





The conventional symbols for these quantum numbers are as follows: 


n the principal quantum number 
€ the angular momentum quantum number 
me the magnetic quantum number 


We will have more to say in succeeding sections about what values these quan- 
tum numbers can assume and their physical meanings. 

The mathematics of wave mechanics leads to the following expression for 
the allowed energies of hydrogen’s electron: 


Z?( met Pf 
E = ——| ——~ ] = -2. x ails: 
n aaa BM TAS SS AO: (3) 


where Z = 1 for hydrogen and where can assume only integer values (1, 2, 
3,...). Several characteristics of this equation are worth emphasizing. First, 
note that the energy of the electron depends only on the principal quantum 
number (this is true only for one-electron species). Also note that because 7 is 
restricted to integer values, hydrogen’s electron can assume only discrete en- 
ergy values—the energy levels are quantized. Finally, note that this is exactly 
the same equation for energy as obtained in the Bohr model. 

So that you have an idea of what they look like, the first few wave func- 
tions for hydrogen are shown in Table 12.1, along with the three quantum 
numbers n, €, and my. 

When we solve the Schrodinger equation for the hydrogen atom, some 
of the solutions contain complex numbers (that is, they contain i = V Sane 
Because it is more convenient physically to deal with orbitals that contain only 
real numbers, the complex orbitals are usually combined (added and sub- 
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Table 12.4 


Solutions of the Schrodinger Wave Equation for a One-Electron Atom 






































n € me Orbital Solution 
1 WA 3/2 
1 0 0 1 S| = ic 
: ac Fae) - 
1 WA 3/2 
2 0 0 2s Yo, = sale) (Qa ert 
0 
1 Wp 3/2 
: | 0 2pz Yop, = FEY @ ae" cos 6 
V LT \ do 
1 Yo 3/2 
2 1 2px Wp, = : (2) ae °” sin @ cos b 
+1 ae 
1 Wi 3/2 
Zp Wo» = wl2) ae °” sin @ sin b 
0 
1 JA 3/2 
3 0 0 3s Wace awal=) (27 — 180 + 207)e? 
7 \do 
vi (Z\" 
3 1 0 3p: Wp, = a2) (60 — o*)e~** cos 6 
7 \ 40 
NT Ve 
3 1 3Dx Usp = a=) (60 — o*)e * sin 8 cos b 
0 
aol 
Ne EN 
305 Wp, = oe (60 — o’)e~* sin 6 sind 
| 0 
1 WZ 3/2 
3 D 0 3dz Weg. PEW /; (2) ae °? (3 cos? 6 — 1) 
: at \ ap 
v2 (Z\% 
3 2 3 diz Waa, = (2) a’e 7? sin 6 cos 8 cos b 
+] 81V i ao 
VO (ae 
Bay Wg = awe) oe ° sin @ cos 6 sind 
0 
1 1 Gb, 3/2 5 . é 
3 yD; Say Ug = awn(=) ove *” sin* 6 sin 2h 
: bn 81m 
aS TT \ ao 
1 Ziad. Bee 
Sd Wags = 81a Pe Ge 9" ie OP GoE 2 
zy = 








Note: o = Zr/ao, where Z = 1 for hydrogen; ap = €yh*/mme* = 5.29 X 1071! m. 


tracted) to remove the complex portions. For example, the p, and p, orbitals 
shown in Table 12.1 are combinations of the complex orbitals that correspond 
to values of my of +1 and —1. These orbitals are indicated with a brace in 
Table 12.1. The last four d orbitals listed are also obtained by combination of 
complex orbitals, as indicated by braces in Table 12.1. 
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The Physical Meaning of a Wave Function 


Now that we have examined some of the mathematical details of the quantum 
mechanical treatment of the hydrogen atom, we need to consider what it all 
means. What is a wave function, and what does it tell us about the electron to 
which it applies? First, a warning: There is always danger in taking a mathe- 
matical description of nature and using our human experiences to interpret it. 
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The square of the function here means 
the square of the magnitude, |y|*. This 
distinction is important when orbitals 
with complex numbers are being 
considered: ||? = (real part)? + 
(imaginary part). 
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Distance from nucleus (7) 

(b) 
Figure 12.16 
(a) The probability distribution for the 
hydrogen 1s orbital in three-dimensional 
space. (b) The probability density of the 
electron at points along a line drawn 
outward from the nucleus in any direc- 
tion for the hydrogen 1s orbital. 


Although our attempts to attach physical significance to mathematical descrip- 
tions are quite useful to us as we try to understand how nature operates, they 
must be viewed with caution. Simple pictorial models of a particular natural 
phenomenon always oversimplify the phenomenon and should not be taken 
too literally. With this caveat we will proceed to try to picture what the “quan- 
tum mechanical atom” is like. 

Recall that the uncertainty principle indicates that there is no way of 
knowing the detailed movements of the electron in a hydrogen atom. Given 
this severe limitation, what then is the physical meaning of a wave function for 
an electron? Although the function itself has no easily visualized meaning, as 
we mentioned in the treatment of the particle in a box, the square of the wave 
function does have a physical significance. The square of the function evalu- 
ated at a particular point in space indicates the probability of finding an elec- 
tron near that point. For example, suppose we have two positions in space: one 
defined by the coordinates 7, 6;, and @; and the other defined by the coordi- 
nates 7, 02, and >. The relative probability of finding the electron near posi- 
tions 1 and 2 is determined by substituting the values of r, 0, and ¢ for the two 
positions into the wave function, squaring the function value, and computing 
the following ratio: 


[w(r, 61, d,) dv = N, 
[W(r2, 6, 2) ir dv N, 





The quotient N;/N) is the ratio of the probabilities of finding the electron in 
the infinitesimally small volume elements dv around points 1 and 2. For ex- 
ample, if the value of the ratio N;/N> is 100, the electron is 100 times more 
likely to be found at position 1 than at position 2. The model gives no informa- 
tion concerning when the electron will be at either position or how it moves 
between the positions. This vagueness is consistent with the concept of the 
Heisenberg uncertainty principle. 

The square of the wave function is most conveniently represented as a 
probability distribution, in which the intensity of color is used to indicate the 
probability value at a given point in space. The probability distribution for the 
hydrogen 1s orbital is shown in Fig. 12.16(a). The best way to think about this 
diagram is as a three-dimensional time exposure, with the electron as a tiny 
moving light. The more times the electron visits a particular point, the darker 
the negative becomes. Thus the darkness (intensity) of a point indicates the 
probability of finding an electron at that position. This diagram is sometimes 
known as an electron density map; electron density and electron probability 
mean the same thing. 

Another way of representing the electron probability distribution for the 
1s orbital is to calculate the probability at points along a line drawn outward 
in any direction from the nucleus. The result is shown in Fig. 12.16(b), where 
R? (the square of the radial part—the part that depends on r—of the 1s orbital) 
is plotted versus r. Note that the probability of finding the electron at a par- 
ticular position is greatest close to the nucleus and that it drops off rapidly as 
the distance from the nucleus increases. 

We are also interested in knowing the total probability of finding the elec- 
tron in the hydrogen atom at a particular distance from the nucleus. Imagine 
that the space around the hydrogen nucleus is made up of a series of thin 
spherical shells (rather like layers in an onion), as shown in Fig. 12.17(a). 
When the total probability of finding the electron in each spherical shell is plot- 
ted versus the distance from the nucleus, the plot in Fig. 12.17(b) is obtained. 
This graph is called the radial probability distribution, which is a plot of 
4ar*R* versus r, where R represents the radial part of the wave function. 
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Distance from nucleus (7) 
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Figure 12.17 

(a) Cross section of the hydrogen 1s 
orbital probability distribution divided into 
successive thin spherical shells. (bb) The 
radial probability distribution. A plot of 
the total probability of finding the elec- 
tron in each thin spherical shell as a 
function of distance from the nucleus. 


1 A = 10-*° m; the angstrom is often 
used as the unit for atomic radius 
because of its convenient size. Another 
convenient unit is the picometer 

i bit = tO- =m) 
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The maximum in the curve occurs because of two opposing effects. The 
probability of finding an electron at a particular position is greatest near the 
nucleus, but the volume of the spherical shell increases with the distance 
from the nucleus. Therefore, as we move away from the nucleus, the prob- 
ability of finding the electron at a given position decreases. However, we are 
summing more positions. Thus the total probability increases to a certain 
radius and then decreases as the electron probability at each position be- 
comes very small. Mathematically, the maximum occurs because in the 
function 47r?R2, 1? increases with r while R? decreases with r [Fig. 12.16(b)]. 
Por the hydrogen 1s orbital, the maximum radial probability (the distance 
at which the electron is most likely to be found) occurs at a distance of 
5.29 X 10-2 nm, or 0.529 A (angstrom), from the nucleus. Interestingly, this 
distance is exactly the radius of the innermost orbit in the Bohr model and 
thus is called the Bohr radius, denoted by ap. Note that in Bohr’s model the 
electron is assumed to have a circular path and so is always found at this 
distance. In the wave mechanical model the specific electron motions are 
unknown; therefore, this is the most probable distance at which the electron 
is found. 

One more characteristic of the hydrogen 1s orbital that we must consider 
is its size. As we can see from Fig. 12.16, the size of this orbital cannot be pre- 
cisely defined, since the probability never becomes zero (although it drops to 
an extremely small value at large values of r). Therefore, the hydrogen 1s or- 
bital has no distinct size. However, it is useful to have a definition of relative 
orbital size. The normally accepted arbitrary definition of the size of the hydro- 
gen 1s orbital is the radius of the sphere that encloses 90% of the total electron 
probability. That is, 90% of the time the electron is found inside this sphere. 
Application of this rule to the hydrogen atom 1s orbital gives a sphere with 
radius 2.6 ao, or 1.4 X 107! m (140 pm). 

So far we have described only the lowest-energy wave function in the hy- 
drogen atom, the 1s orbital. Hydrogen has many other orbitals, which are de- 
scribed in the next section. 
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Table 12.2 


The Angular Momentum Quantum 
Numbers and Corresponding 








Letter Symbols 
Value Letter Used 
0 Ss 
1 D 
2 d 
3 f 
4 ig 





The Characteristics of Hydrogen Orbitals 


Quantum Numbers 


As we have seen, when we solve the Schrodinger equation for the hydrogen 
atom, we find many wave functions (orbitals) that satisfy it. Each of these or- 
bitals is characterized by a set of quantum numbers that arise when the bound- 
ary conditions are applied. Now we will systematically describe these quantum 
numbers in terms of the values they can assume and their physical meanings. 
The principal quantum number (7), which can have integral values (1, 2, 
3,...), is related to the size and energy of the orbital. As 1 increases, the or- 
bital becomes larger and the electron spends more time farther from the nu- 
cleus. An increase in 1 also means higher energy because the electron is less 
tightly bound to the nucleus, and the energy is less negative. The angular mo- 
mentum quantum number (f) can have integral values from 0 to n — 1 for 
each value of 2. This quantum number relates to the angular momentum of an 
electron in a given orbital. The dependence of the wave functions on ¢ deter- 
mines the shapes of the atomic orbitals. The value of € for a particular orbital 
is commonly assigned a letter: € = 0 is called s, € = 1 is called p, € = 2 is 
called d, and € = 3 is called f (Table 12.2). The magnetic quantum number 
(m,) can have integral values between ¢ and —f, including zero. The value of 
my relates to the orientation in space of the angular momentum associated 
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The labels s, p, d, and f are used for 
historical reasons. They originally 
referred to characteristics of lines 
observed in the atomic spectra: s 
(sharp), P (principal), d (diffuse), and f 
(fundamental). Beyond f the letters 
become alphabetic: 9g, h,..., skipping 
j, which is reserved as a symbol for 
angular momentum. 
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Table 12.3 
Quantum Numbers for the First Four Levels of Orbitals in the Hydrogen Atom 
Orbital Number of 
n £ Designation me Orbitals 
1 0 1s 0 1 
2 0 2s 0 1 
1 2p =I, (0) sil 3 
3 0 3s 0 1 
1 3p == il, (0). 4 z 
2 3d = oe 0, ie 5 
4 0 4s 0 1 
1 4p =A). il 3 
2; 4d =O i, 2 5 
3 4f 63ie2,—1,, 0,02 v. 








with the orbital. As we mentioned earlier, many of the familiar atomic orbit- 
als are actually a combination of a complex orbital characterized by m, and 
one characterized by —mp. 


OWL INTERACTIVE EXAMPLE 12.7 


For principal quantum level 7 = 5, determine the number of subshells (differ- 
ent values of €) and give the designation of each. 


Solution For 2 = 5 the allowed values of € run from 0 to 4 (zn —-1=5-— 1). 
Thus the subshells and their designations are 


€=0 €=2 
5s Sp Sd Sf Sg 


The first four levels of orbitals in the hydrogen atom are listed with their 
quantum numbers in Table 12.3. Note that each set of orbitals with a given 
value of € (sometimes called a subshell) is designated by giving the value of 
and the letter for €. Thus an orbital where m = 2 and € = 1 is symbolized as 2p. 
There are three 2p orbitals, which have different orientations in space. We will 
describe these orbitals in the next section. 


Orbital Shapes and Energies 


We have seen that the meaning of an orbital is illustrated most clearly by a 
probability distribution. Each orbital in the hydrogen atom has a unique prob- 
ability distribution. We also have seen that another means of representing an 
orbital is by the surface that surrounds 90% of the total electron probability. 
These three types of representations for the hydrogen 1s, 2s, and 3s orbitals are 
shown in Fig. 12.18. Note the characteristic spherical shape of each of the s 
orbitals. Note also that the 2s and 3s orbitals contain areas of high probability 
separated by areas of zero probability. These latter areas are called nodal sur- 
faces, or simply nodes. The number of nodes increases as m increases. For s 
orbitals, the number of nodes is given by m — 1. For our purposes, however, we 
will think of s orbitals only in terms of their overall spherical shape, which 
becomes larger as the value of 7 increases. 

Two types of representations for the 2p orbitals (there are no 1p orbitals) 
are shown in Fig. 12.19. Note that the p orbitals are not spherical, like s orbit- 
als, but have two lobes separated by a node at the nucleus. The p orbitals are 


Figure 12.18 

Three representations of the hydrogen 
1s, 2s, and 3s orbitals. (a) The square 
of the wave function. (b) “Slices” of the 
three-dimensional electron density. 

(c) The surfaces that contain 90% of 
the total electron probability (the “sizes” 
of the orbitals). 





2p(x) Orbital 





(a) 
Figure 12.19 
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labeled according to the axis of the Cartesian coordinate system along which 
the lobes lie. For example, the 2p orbital with lobes along the x axis is called 
the 2p, orbital. 

At this point it is useful to remember that mathematical functions have 
signs. For example, a simple sine wave (Fig. 12.1) oscillates from positive to 
negative and repeats this pattern. Atomic orbital functions also have signs. The 
functions for s orbitals are positive everywhere in three-dimensional space. 
That is, when the s orbital function is evaluated at any point in space, it results 
in a positive number. In contrast, the p orbital functions have different signs 
in different regions of space. For example, the p, orbital has a positive sign in 


> 


y 








2D, 2py 2p. 
(b) 


Representation of the 2p orbitals. (a) The electron probability distribution for a 2p orbital. Generated from a program by Robert 
Allendoerfer on Project SERAPHIM disk PC 2402; reprinted with permission. (b) The boundary surface representations of all 
three 2p orbitals. Note that the signs inside the surface indicate the phases (signs) of the orbital in that region of space. 
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Figure 12.20 
A cross section of the electron proba- 
bility distribution for a 3p orbital. 


all the regions of space in which z is positive and has a negative sign when z is 
negative. This behavior is indicated in Fig. 12.19(b) by the positive and nega- 
tive signs inside their boundary surfaces. It is important to understand that 
these are mathematical signs, not charges. Just as a sine wave has alternating 
positive and negative phases, p orbitals also have positive and negative phases. 
The phases of the p,, Py, and p, orbitals are indicated in Fig. 12.19(b). As you 
might expect from our discussion of the s orbitals, the 3p orbitals have a more 
complex probability distribution than that of the 2p orbitals (Fig. 12.20), but 
they can still be represented by the same boundary surface shapes. The surfaces 
just grow larger as the value of 7 increases. 

There are no d orbitals that correspond to principal quantum levels 7 = 1 
and n = 2. The d orbitals (€ = 2) first occur in level nm = 3. The five 3d orbitals 
have the shapes shown in Fig. 12.21. The d orbitals have two different funda- 
mental shapes. Four of the orbitals (d,., dy, dxy, and d,2-,2) have four lobes 
centered in the plane indicated in the orbital label. Note that d,, and d,2_,2 are 
both centered in the xy plane; the lobes of d,2_,2 lie along the x and y axes, but 
the lobes of d,, lie between the axes. The fifth orbital, dz, has a unique shape 
with two lobes along the z axis and a “belt” centered in the xy plane. The signs 
(phases) of the d orbital functions are indicated inside the boundary surfaces. 
The d orbitals for levels nm > 3 look like the 3d orbitals but have larger lobes. 

The f orbitals first occur in level 2m = 4, and as might be expected, they 
have shapes even more complex than those of the d orbitals. Figure 12.22 
shows representations of the 4f orbitals (€ = 3) along with their designations. 
These orbitals are not involved in the bonding in any of the compounds we will 
consider in this text. Their shapes and labels are included here for complete- 
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(b) 
Figure 12.21 





Representation of the 3d orbitals. (a) Electron density plots of selected 3d orbitals. Generated from a program by Robert Allendoerfer 
on Project SERAPHIM disk PC 2402; reprinted with permission. (6) The boundary surfaces of all five 3d orbitals, with the signs 


(phases) indicated. 


Figure 12.22 
Representation of the 4f orbitals in 
terms of their boundary surfaces. 
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Figure 12.23 


Orbital energy levels for the hydrogen 
atom. 
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ness. Because of their complexity, the phases of the f orbital functions are not 
represented in this diagram. 

So far we have talked about the shapes of the hydrogen atomic orbitals but 
not about their energies. For the hydrogen atom, the energy of a particular 
orbital is determined by its value of 2. Thus all orbitals with the same value of 
n have the same energy—they are said to be degenerate. This feature is illus- 
trated in Fig. 12.23, where the energies for the orbitals in the first three quan- 
tum levels for hydrogen are shown. 

Hydrogen’s single electron can occupy any of its atomic orbitals. How- 
ever, in the lowest energy state, the ground state, the electron resides in the 1s 
orbital. If energy is put into the atom, the electron can be transferred to a 
higher-energy orbital, producing an excited state. 


The Hydrogen Atom 








1. In the quantum mechanical model, the electron is described as a wave. This rep- 
resentation leads to a series of wave functions (orbitals) that describe the possible 
energies and spatial distributions available to the electron. 

2. In agreement with the Heisenberg uncertainty principle, the model cannot specify 
the detailed electron motions. Instead, the square of the wave function represents 
the probability distribution of the electron in that orbital. This approach allows us 
to picture orbitals in terms of probability distributions, or electron density maps. 

3. The size of an orbital is arbitrarily defined as the surface that contains 90% of the 
total electron probability. 

4. The hydrogen atom has many types of orbitals. In the ground state, the single 
electron resides in the 1s orbital. The electron can be excited to higher-energy 
orbitals if the atom absorbs energy. 





12.10 Electron Spin and the Pauli Principle 


The electron does not literally spin. The 
term “spin” is just a name for the intrin- 
sic angular momentum of the electron. 


The concept of electron spin was developed by Samuel Goudsmit and George 
Uhlenbeck in 1925 while they were graduate students at the University of 
Leyden in the Netherlands. They found that a fourth quantum number (in ad- 
dition to n, €, and my) was necessary to account for the details of the emission 
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1 
Ms = +5 Or —3 


Each orbital can hold a maximum of 


two electrons. 


spectra of atoms. The new quantum number adopted to describe this phenom- 
enon, called the electron spin quantum number (7), can have only one of two 
values, +3 and —}. 

For our purposes the main significance of the electron spin quantum num- 
ber is connected with the postulate of Austrian physicist Wolfgang Pauli 
(1900-1958), which is often stated as follows: In a given atom no two elec- 
trons can have the same set of four quantum numbers (n, €, me, and m,). This 
is called the Pauli exclusion principle. Since electrons in the same orbital have 
the same values of n, £, and my, this postulate requires that they have different 
values of m,. Since only two values of m, are allowed, we might paraphrase the 
Pauli principle as follows: An orbital can hold only two electrons, and they 
must have opposite spins. This principle will have important consequences 
when we use the atomic model to relate the electron arrangement of an atom 
to its position in the periodic table. 
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Polyelectronic Atoms 


The quantum mechanical model provides a description of the hydrogen atom 
that agrees very well with experimental data. However, the model would not 
be very useful if it did not account for the properties of the other atoms as well. 

To see how the model applies to polyelectronic atoms—that is, atoms with 
more than one electron—let’s consider helium, which has two protons in its 
nucleus and two electrons: 


There are three energy contributions that must be considered in the description 
of the helium atom: (1) the kinetic energy of the electrons as they move around 
the nucleus, (2) the potential energy of attraction between the nucleus and the 
electrons, and (3) the potential energy of repulsion between the two electrons. 

Although this atom can be readily described in terms of the quantum me- 
chanical model, the Schrodinger equation that results cannot be solved exactly. 
The difficulty arises in dealing with the repulsion between the electrons. This 
so-called electron correlation problem refers to the fact that we cannot rigor- 
ously account for the effect a given electron has on the motions of the other 
electrons in an atom. 

The electron correlation problem occurs with all polyelectronic atoms. To 
treat these systems using the quantum mechanical model, we must make ap- 
proximations. The simplest approximation involves treating each electron as if 
it were moving ina field of charge that is the net result of the nuclear attraction 
and the average repulsions of all the other electrons. To see how this is done, 
let’s compare the neutral helium atom and the He* ion: 


ib 
e). @- 
a 
He He* 


What energy is required to remove an electron from each of these species? Ex- 
periments show that 2372 kJ of energy is required to remove one electron from 
all the atoms in a mole of helium. Removing the one electron from each ion in 
a mole of He* ions requires 5248 kJ of energy. Thus it takes more than twice 
as much energy to remove an electron from a He* ion than from a He atom. 
Why is there such a large difference? In both cases the nucleus has a 2+ 
charge. However, in the helium atom, there are two electrons that repel each 


Z4 = Z — effect of electron repulsions 
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other, but in the He* ion there is only one electron and thus no electron— 
electron repulsion. That is, the large difference in the energies required to re- 
move one electron must arise from the electron—electron repulsions in the neu- 
tral atom. Each electron in the He atom is much less tightly bound to the 
nucleus than the electron in the He* ion. In other words, the effectiveness of 
the positively charged nucleus in binding the electrons has been decreased by 
the repulsions between the electrons. Thus the effect of the electron repulsions 
can be thought of as reducing the nuclear charge to an apparent value of less 
than 2+ toward a particular electron, as shown below: 


rf 
Gai) & 
. 


Actual He Hypothetical 
atom He atom 


The apparent nuclear charge, or the effective nuclear charge, is designated Z.4. 
For a helium atom Z,, the charge “experienced” by each electron, is less than 
2. In general, 


Effective nuclear charge = Ze = Zactual — (effect of electron repulsions) 


where Zactual = Z, the atomic number (number of protons). 

This simplification allows us to treat each electron individually, where 
each electron is viewed as moving under the influence of a positive nuclear 
charge Ze. This simplified atom has one electron like hydrogen, but with a 
positive nuclear charge of Z.; instead of 1. We therefore can find the energy 
and wave function for each helium electron by substituting Zs in place of 
Z = 1 in the hydrogen wave mechanical equations. When we do this, we find 
that both helium electrons reside in a modified 1s orbital that is spherical, like 
that for the hydrogen atom, but smaller because Z. is greater than 1. The 
larger nuclear charge draws each of the electrons closer to the nucleus, there- 
fore binding each more tightly than the electron in hydrogen is bound. The 
increased nuclear charge of the helium atom is more important than the repul- 
sions between the two electrons, so that each of the electrons in helium is 
bound more tightly than the electron in the hydrogen atom. 

The model we have just described so greatly oversimplifies the structure of 
polyelectronic atoms that, although it produces some qualitatively useful ideas 
about polyelectronic atoms, it is not satisfactory for the description of quanti- 
tative atomic properties. To get an accurate description of polyelectronic at- 
oms, we must take into account the electron-electron interactions in a much 
more detailed manner than simply assuming that they reduce the nuclear 
charge. 

Nothing we do will allow us to solve the problem exactly, because the 
electron motions are correlated. That is, because electrons repel each other, the 
movement of a given electron will affect the movements of all the others. This 
correlation problem is reflected in the Schrodinger equation for polyelectronic 
atoms in the following way. Because the equation contains energy terms that 
simultaneously involve two different electrons, it cannot be separated rigor- 
ously into equations that involve only one electron. Thus the Schrodinger 
equation for polyelectronic atoms cannot be solved exactly. 

One approach for dealing with this problem is to solve the equation nu- 
merically. That is, a computer is used to find the numerical values of the wave 
functions at each point in space that produce the lowest overall energy for the 
atom. Although this approach allows accurate calculation of atomic properties, 
it suffers from two major disadvantages: It is prohibitively time-consuming for 
any but the simplest of atoms, and the results are very difficult to interpret 
physically. 
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A more practical approach, the self-consistent field (SCF) method, is now 
used almost universally to treat polyelectronic atoms. In this method a given 
electron is assumed to be moving in a potential energy field that is a result of 
both the nucleus and the average “electron density” of all the other electrons 
in the atom (residing in their various orbitals). This approximation allows the 
many-electron Schrédinger equation to be separated into a set of one-electron 
equations that can be solved by computers. The orbitals (one-electron func- 
tions) that result from this approach have angular properties exactly the same 
as those of the hydrogen orbitals but have radial characteristics somewhat dif- 
ferent from those of the hydrogen orbitals. Although the quantum numbers 
obtained in the description of the hydrogen atom do not apply exactly to the 
orbitals obtained from the self-consistent field approach, we still use them as 
convenient labels for the atomic orbitals in polyelectronic atoms. 

We will have more to say later about the self-consistent field approach, but 
first we will see how the atomic orbitals for polyelectronic atoms can be used 
to account for the form of the periodic table of the elements. 
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The History of the Periodic Table 


The modern periodic table contains a tremendous amount of useful informa- 
tion. In this section we will discuss the origin of this valuable tool; later, we 
will see how the quantum mechanical model for the atom explains the period- 
icity of chemical properties. Certainly one of the greatest successes of the quan- 
tum mechanical model is its ability to account for the arrangement of the ele- 
ments on the periodic table. 

The periodic table was originally constructed to represent the patterns ob- 
served in the chemical properties of the elements. As chemistry progressed dur- 
ing the eighteenth and nineteenth centuries, it became evident that the earth is 
composed of a great many elements with very different properties. Things are 
much more complicated than the simple model of earth, air, fire, and water 
suggested by the ancients. At first, the array of elements and properties was 
bewildering. Gradually, however, patterns were noticed. 

The first chemist to recognize patterns was Johann Dobereiner, who found 
several groups of three elements with similar properties—for example, chlo- 
rine, bromine, and iodine. However, as Dobereiner attempted to expand this 
model of triads (as he called them) to the rest of the known elements, it became 
clear that this concept was severely limited. 

The next notable attempt was made by English chemist John Newlands, 
who in 1864 suggested that elements should be arranged in octaves. He no- 
ticed that certain properties seemed to repeat for every eighth element in a way 
similar to the musical scale, which repeats for every eighth tone. Although this 
model managed to group several elements with similar properties, it was not 
generally successful. 

The present form of the periodic table was conceived independently by 
two chemists in 1869: German Julius Lothar Meyer and Russian Dmitri Iva- 
novich Mendeleev (Fig. 12.24). Usually, Mendeleev is given most of the credit 
because it was he who showed how useful the table could be in predicting the 
existence and properties of yet unknown elements. For example, in 1872 when 
Mendeleev first published his table (Fig. 12.25), the elements gallium, scan- 
dium, and germanium were unknown. Mendeleev correctly predicted the exis- 
tence and properties of these elements from gaps in his periodic table. The data 
for germanium (which Mendeleev called ekasilicon) are shown in Table 12.4. 
Note the excellent agreement between the actual values and Mendeleev’s pre- 
dictions, which were based on the properties of other members in the group of 
elements similar to germanium. 
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Dmitri lvanovich Mendeleev (1834-1907), born in Siberia as the youngest of 17 children, 
taught chemistry at the University of St. Petersburg. In 1860 Mendeleev heard Italian 
chemist Cannizzaro lecture on a reliable method for determining the correct atomic masses 
of the elements. This important development paved the way for Mendeleev’s own brilliant 
contribution to chemistry—the periodic table. In 1861 Mendeleev returned to St. Peters- 
burg, where he wrote a book on organic chemistry. Later Mendeleev also wrote a book on 
inorganic chemistry, and he was struck by the fact that the systematic approach character- 
izing organic chemistry was lacking in inorganic chemistry. In attempting to systematize 
inorganic chemistry, he eventually arranged the elements in the form of the periodic table. 
Mendeleev was a versatile genius who was interested in many fields of science. He 
worked on many problems associated with Russia’s natural resources, such as coal, salt, 
and various metals. Being particularly interested in the petroleum industry, he visited the 
United States in 1876 to study the Pennsylvania oil fields. His interests also included meteo- 
rology and hot-air balloons. In 1887 he made an ascent in a balloon to study a total eclipse 


of the sun. 
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Figure 12.25 
Mendeleev’s early periodic table, published in 1872. Note the spaces left for missing elements with atomic 

masses 44, 68, 72, and 100. From Annalen der Chemie und Pharmacia, Vill, Supplementary Volume for 1872, 
page 511. 
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Comparison of the Properties of Germanium as Predicted by Mendeleev 


and as Actually Observed 


Properties of 
Germanium 


Atomic mass 
Density 

Specific heat 
Melting point 
Oxide formula 
Oxide density 
Chloride formula 


Boiling point of chloride 


Predicted 


in 1871 


WE 

5.5 g/cm? 

0.31 [°C— g-1 
Very high 

RO, 

4.7 g/cm? 

RCl, 

100°C 


Observed 
in 1886 
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Table 12.5 
Predicted Properties of Elements 113 and 114 








Property Element 113 Element 114 
Chemically like Thallium Lead 
Atomic mass 297, 298 

Density 16 g/mL 14 g/mL 
Melting point 430°C ia G 
Boiling point 1100°C 150°C 





Using his table, Mendeleev was also able to correct several values of atomic 
masses. For example, the original atomic mass of 76 for indium was based on 
the assumption that indium oxide had the formula InO. This atomic mass 
placed indium, which has metallic properties, among the nonmetals. Men- 
deleev assumed that the atomic mass was probably incorrect and proposed 
that the formula of indium oxide was really In.O3. On the basis of this (cor- 
rect) formula, indium has an atomic mass of about 113, placing the element 
among the metals. Mendeleev also corrected the atomic masses of beryllium 
and uranium. 

Because of its obvious usefulness, Mendeleev’s periodic table was almost 
universally adopted, and it remains one of the most valuable tools at the chem- 
ist’s disposal. For example, it is still used to predict the properties of elements 
yet to be discovered, as shown in Table 12.5. 

A current version of the periodic table is shown inside the front cover of 
this book. The only fundamental difference between this table and that of 
Mendeleev is that the current table lists the elements in order of atomic number 
rather than atomic mass. The reason for this will become clear later in this 
chapter as we explore the electron arrangements of the atom. 
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Aufbau is German for “building up.” 


We will see in Section 12.14 why the 
2s orbital is lower in energy than the 
2p orbital. 


The Aufbau Principle and the Periodic Table 


We can use the quantum mechanical model of the atom to show how the elec- 
tron arrangements in the atomic orbitals of the various atoms account for the 
organization of the periodic table. Our main assumption here is that all atoms 
have orbitals similar to those that have been described for the hydrogen atom. 
As protons are added one by one to the nucleus to build up the elements, elec- 
trons are similarly added to these atomic orbitals. This is called the aufbau 
principle. 

Hydrogen has one electron, which occupies the 1s orbital in its ground 
state. The configuration for hydrogen is written as 1s', which can be repre- 
sented by the following orbital diagram: 


1s 2s 2p 
Hi is! ite ee 


The arrow represents a particular electron spin state. 

The next element, helium, has two electrons. Since two electrons with op- 
posite spins can occupy an orbital, according to the Pauli exclusion principle, 
the electrons for helium are in the 1s orbital with opposite spins. This yields a 
1s* configuration: 





(HD wt 2s 2p 
Het 1s Eales 


Lithium has three electrons, two of which can go into the 1s orbital before 
the orbital is filled. Since the 1s orbital is the only orbital with n = 1, the third 
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The Chemistry of Copernicium 


Chemical Insights 





Although element 112 is not exactly a newborn (it 
was discovered in 1996), it has just been given a 
name. The International Union of Pure and Applied 
Chemistry announced on February 19, 2010, that 
the official name of 112 is Copernicium (pro- 
nounced koh-pur-NEE-see-um) and has the symbol 
Cn. The name honors Nicolaus Copernicus, who is 
best known for first recognizing that the planetary 
system is sun-centered rather than Earth-centered. 
Now scientists from the Paul Sherrer Institute 
in Switzerland and the Joint Institute for Nuclear 
Research in Russia have studied the properties of 
Cn. By firing a beam of *8Ca projectiles at a target 








of *4*Pu (doped with Nd)QO3), these scientists have 
produced just two atoms of Cn. Given the rela- 
tively long lifetime of Cn atoms (a few seconds), the 
researchers have been able to compare the proper- 
ties of Cn, Hg, and Ar atoms. When these atoms 
were injected into a series of gold-covered detec- 
tors, it was found that, similar to Hg (and in con- 
trast to Ar), Cn atoms were “mildly” volatile and 
readily formed bonds with gold. Thus, as predicted 
by the periodic table, the element Cn, which has an 
expected electron configuration of [Rn]7s*6d", fits 
with the Zn, Cd, and Hg group of elements, all of 
which have the ms?(n—1)d'° configuration. 








electron will occupy the lowest-energy orbital with m = 2, or the 2s orbital, 
giving a 1s*2s! configuration: 


2s 2p 


1s 
Bie Wren BLS 


The next element, beryllium, has four electrons, which occupy the 1s and 


2s orbitals: 


2s 2p 


1s 
Be: 22s [Sear 


Boron has five electrons, four of which occupy the 1s and 2s orbitals. The 
fifth electron goes into the second type of orbital with 1 = 2, the 2p orbitals: 


DS 


1s 2p 
B: 1s22s22p1 es imate 


Since all the 2p orbitals are equivalent, it does not matter which 2 orbital the 
electron occupies. 

Carbon has six electrons: Two electrons occupy the 1s orbital, two occupy 
the 2s orbital, and two occupy 2p orbitals. Since there are three equivalent 2p 
orbitals, the electrons will occupy separate 2p orbitals. 


For an atom with unfilled subshells, the 
lowest energy is achieved by electrons 
occupying separate orbitals, as allowed 
by the Pauli exclusion principle. 


This behavior is summarized by Hund’s rule (named for German physicist 
F. H. Hund), which states that the lowest-energy configuration for an atom is 
the one having the maximum number of unpaired electrons allowed by the 
Pauli principle in a particular set of degenerate orbitals. 


The configuration for carbon could be written 1s*2s*2p'2p! to indicate 
that the electrons occupy separate 2p orbitals. However, the configuration is 
usually given as 1s?2s?2p7, and it is understood that the electrons are in differ- 
ent 2p orbitals. The orbital diagram for carbon is 


XS 


Is 2p 
Ci 1522s22p? Rok 


Note the unpaired electrons in the 2p orbitals, as required by Hund’s rule. 
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[Ne] is shorthand for 1s22s?2p°, 


Figure 12.26 

The electron configurations in the type 
of orbital occupied last for the first 

18 elements. 


The configuration for nitrogen, which has seven electrons, is 1s*2s*2p°. 
The three electrons in 2p orbitals occupy separate orbitals: 


1s 2s 2p 
N: 1s22s22p3 


The configuration for oxygen, which has eight electrons, is 1s*2s*2p*. One 
of the 2p orbitals is now occupied by a pair of electrons with opposite spins, as 
required by the Pauli exclusion principle: 


1s 2s 2p 
O: 182282294 [N] [Ni (HItit 


The orbital diagrams and electron configurations for fluorine (nine elec- 
trons) and neon (ten electrons) are given below: 


1s 2s 2p 


F: 1s22s22p5 ‘N] 
Ne: 1s22s22pé NV] iw Win N] 


With neon, the orbitals with nm = 1 and m = 2 are now completely filled. 

For sodium the first ten electrons occupy the 1s, 2s, and 2p orbitals, and 
the eleventh electron must occupy the first orbital with 7 = 3, the 3s orbital. 
The electron configuration for sodium is 1s?2s*2p°3s!. To avoid writing the 
inner-level electrons, we often abbreviate this configuration as [Ne]3s!, where 
[Ne] represents the electron configuration of neon, 1s*2s*2p°. 

The next element, magnesium, has the configuration 1s72s72p°3s’, or 
[Ne]3s?. Then the next six elements, aluminum through argon, have configura- 
tions obtained by filling the 3p orbitals one electron at a time. Figure 12.26 
summarizes the electron configurations of the first 18 elements by giving the 
number of electrons in the type of orbital occupied last. 

At this point it is useful to introduce the concept of valence electrons, the 
electrons in the outermost principal quantum level of an atom. The valence 
electrons of the nitrogen atom, for example, are the 2s and 2p electrons. For 
the sodium atom, the valence electron is the electron in the 3s orbital, and so 
on. Valence electrons are the most important electrons to chemists because 
they are involved in bonding, as we will see in the next two chapters. The inner 
electrons are known as core electrons. 

Note in Fig. 12.26 that a very important pattern is developing: The ele- 
ments in the same group (vertical column of the periodic table) have the same 
valence electron configuration. Remember that Mendeleev originally placed 
the elements in groups based on similarities in chemical properties. Now we 
understand the reason behind these groupings. Elements with the same valence 
electron configuration often show similar chemical behavior. 

The element after argon is potassium. Since the 3p orbitals are fully occu- 
pied in argon, we might expect the next electron to go into a 3d orbital (recall 














[Ar] is shorthand for 1s°2s?2p®3s?3p8, 


When an electron configuration is given 
in this text, the orbitals are listed in the 
order in which they fill. 


The (n + 1)s orbitals fill before the 
nd orbitals. 


Lanthanides are elements in which the 
4f orbitals are being filled. 
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that for 2 = 3 the orbitals are 3s, 3p, and 3d). However, the chemistry of po- 
tassium is clearly very similar to that of lithium and sodium, indicating that the 
last electron in potassium occupies the 4s orbital instead of one of the 3d orbit- 
als, a conclusion confirmed by many types of experiments. The electron con- 
figuration of potassium is 


K: 1s 23°20 p°3s573p°45! or [Ar]4s! 
The next element is calcium: 
Ca: [Ar]4s2 


The next element, scandium, begins a series of ten elements (scandium 
through zinc) called the transition metals, whose configurations are obtained 
by adding electrons to the five 3d orbitals. The configuration of scandium is 


Sc: [Ar]4s*3d! 
That of titanium is Tit [Ar]4s*3d? 
And that of vanadium is V: [Ar]4s*3d3 


Chromium is the next element. The expected configuration is [Ar]4s*3d‘. 
However, the observed configuration is 


Cr: [Ar]4s!3a° 


The explanation for this configuration of chromium is beyond the scope of this 
book. In fact, chemists are still disagreeing over the exact cause of this anomaly.* 
Note, however, that the observed configuration has both the 4s and 3d orbitals 
half-filled. This is a good way to remember the correct configuration. 

The next four elements, manganese through nickel, have the expected 
configurations: 


Mn: [Ar]4s73d° Co: [Ar]4s73d7 
Fe: [Ar]4s*3d° Ni: fAr]4s73d$ 


The configuration for copper is expected to be [Ar]4s?3d?. However, the 
observed configuration is 


Cu: [Ar]4s!3d1° 


In this case a half-filled 4s orbital and a filled set of 3d orbitals characterize the 
actual configuration. 
Zinc has the expected configuration: 


Zn: [Ar]4s*3d!° 


The configurations of the transition metals are shown in Fig. 12.27. The 
next six elements, gallium through krypton, have configurations that corre- 
spond to filling the 4p orbitals (Fig. 12.27). 

The entire periodic table is represented in Fig. 12.28 in terms of which 
orbitals are being filled. The valence electron configurations are given in 
Fig. 12.29 on page 567. 

From these two figures, note the following additional points: 


1. The (z + 1)s orbitals always fill before the md orbitals. For example, the 5s 
orbitals fill in rubidium and strontium before the 4d orbitals fill in the 
second row of transition metals (yttrium through cadmium). 


2. After lanthanum, which has the configuration [Xe]6s?5d', a group of 14 
elements called the lanthanide series, or the lanthanides, occurs. This series 





*See M. P. Melrose and E. R. Scerri, J. Chem. Educ. 73 (1996): 498, for more information. 
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Figure 12.27 

Electron configurations for potassium 
through krypton. The transition metals 
(scandium through zinc) have the 
general configuration [Ar]4s?3d", 
except for chromium and copper. 


Actinides are elements in which the 
5f orbitals are being filled. 


The group label tells the total number 
of valence electrons for that group. 


Figure 12.28 

The orbitals being filled for elements in 
various parts of the periodic table. Note 
that when we move along a horizontal 
row (a period), the (n + 1)s orbital fills 
before the nd orbital. The group labels 
indicate the number of valence elec- 
trons (ns plus np electrons) for the ele- 
ments in each group. 





3d8 3d? ~=—3d8_ |4s!3d10| 3d!0 = 4p! 42 43 Apt = ApS ps 


of elements corresponds to the filling of the seven 4f orbitals. Note that 
sometimes one electron occupies a Sd instead of a 4f orbital. This occurs 
because the energies of the 4f and Sd orbitals are very similar. 


After actinium, which has the configuration [Rn]7s*6d', a group of 14 ele- 
ments called the actinide series, or the actinides, occurs. This series corre- 
sponds to the filling of the seven Sf orbitals. Note that sometimes one or 
two electrons occupy the 6d orbitals instead of the Sf orbitals because 
these orbitals have very similar energies. 


The group labels for the Groups 1A, 2A, 3A, 4A, SA, 6A, 7A, and 8A in- 
dicate the total number of valence electrons for the atoms in these groups. 
For example, all the elements in Group 5A have the configuration ns?np?. 
(The d electrons fill one period late and are usually not counted as valence 
electrons.) The meaning of the group labels for the transition metals is not 
as clear as for the A group elements, so these will not be used in this text. 


The groups labeled 1A, 2A, 3A, 4A, SA, 6A, 7A, and 8A are often called 
the main-group, or representative, elements. Remember that every mem- 
ber of these groups has the same valence electron configuration. 


1A Group 8A 
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Representative Noble 
Elements d-Transition Elements Representative Elements Gases 
1A roup 
nsi numbers oe. 


13 4 15 16 17 
3A 4A SA 6A 7A 


ns2np! ns2np2 ns2np3 ns?np4 ns2np> 


a 
| 6st5dl0 | 6s25q10 


111 112 
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jf- Transition Elements 


s 64 65 68 
Gd Tb Er 
ab 6s24f35d0 | Gs24f45d0 | Os24fS5a0 | 6324f65a0 | 6524F75d0 6s24p75al! 6524 f95d0 pee 6s24/115d0 | 6524/125¢ 6s24pl35a0 6s24plsa | 6s24pl4sa 
95 100 
Am Fm 
7s25f06d2 | 7s25f26d! | 7525f36d! er 7s25f66d0 | 7525f76d0 Tst5f 76a! 7s25f 96d ee eo. 7825/1 16d0 7925f!26a0 725 f'36d0 7s25f!46a0 Wie 
Figure 12.29 
The periodic table with atomic 


symbols, atomic numbers, and partial In 1985 the International Union of Pure and Applied Chemistry (IUPAC), 

Oe on gurescn. a body of scientists organized to standardize scientific conventions, recom- 
mended a new form for the periodic table, which the American Chemical Soci- 
ety has adopted (Fig. 12.30 on page 568). In this new version, the group num- 
ber indicates the number of s, p, and d electrons added since the last noble gas. 
We will not use the new format in this book, but you should be aware that the 
familiar periodic table may soon be replaced by this or a similar format. 

The results considered in this section are very important. We have seen 
that the wave mechanical model can be used to explain the arrangement of ele- 
ments in the periodic table. This model allows us to understand that the similar 
chemistry exhibited by the members of a given group arises from the fact that 
they all have the same valence electron configuration. Only the principal quan- 
tum number of the occupied orbitals changes in going down a particular group. 

It is important to be able to give the electron configuration for each of the 
main-group elements. This is most easily done by using the periodic table. If 
you understand how the table is organized, it is not necessary to memorize the 
order in which the orbitals fill. Review Fig. 12.28 and Fig. 12.29 to make sure 
that you understand the correspondence among the orbitals and the periods 
and groups. 


Period number, highest occupied electron level 
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Figure 12.30 
A form of the periodic table recom- 


mended by IUPAC. Predicting the configurations of the transition metals (3d, 4d, and Sd ele- 

ments), the lanthanides (4f elements), and the actinides (5f elements) is some- 
Cr: [ArJ4s'3a® what more difficult because there are many exceptions of the type encountered 
Cu: [Ar]4s'3d"° in the first-row transition metals (the 3d elements). You should memorize the 


configurations of chromium and copper, the two exceptions in the first-row 


transition metals, since these elements are often encountered. 


OWL INTERACTIVE EXAMPLE 12.8 


have four 3p electrons. Its configuration is 


Si 1s? 2542p 3823" or [Ne]3s*3p*4 





Figure 12.31 
The positions of the elements consid- 
ered in Example 12.8. 


Period 





Give the electron configurations for sulfur (S), cadmium (Cd), hafnium (Hf), 
and radium (Ra), using the periodic table inside the front cover of this book. 


Solution Sulfur, element 16, resides in Period 3, where the 3p orbitals are be- 
ing filled (Fig. 12.31). Since sulfur is the fourth among the 3p elements, it must 
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Cadmium, element 48, is located in Period 5 at the end of the 4d transition 
metals, as shown in Fig. 12.31. It is the tenth element in the series and thus has 
ten electrons in the 4d orbitals (in addition to the two electrons in the Ss or- 
bital). The configuration is 


Cd: 1s72s?2p°3s73p°4s?3d!4p°5s24d" or [Kr]5s74d!° 


Hafnium, element 72, is found in Period 6, as shown in Fig. 12.31. Note 
that it occurs just after the lanthanide series. Thus the 4/ orbitals are already 
filled. Hafnium is the second member of the Sd transition series and has two 
Sd electrons. The configuration is 


Hf; —_1522s22.p63s23p%4s23d94p55s24d"95 966524 p45 22 
or [Xe]6s?4f"45d? 


Radium, element 88, is in Period 7 (and Group 2A), as shown in Fig. 12.31. 
Thus radium has two electrons in the 7s orbital, and the configuration is 


Ra: 1s°2s°2p°3s*3p°4s?3d"94p°5s74d"95 p°6s74 145 d"6 p°7s2 
or [Rn]7s? 





12.14 





Further Development of the 
Polyelectronic Model 


Before we proceed with further discussion of polyelectronic atoms, we should 
summarize some of the most important things that have been said about the 
quantum mechanical description of atoms to this point. Most important, there 
is a fundamental difference between the solution of the Schrédinger equation 
for the hydrogen atom and the solutions for all polyelectronic atoms. The 
Schrodinger equation for the hydrogen atom can be solved exactly to yield the 
now-familiar hydrogen orbitals. These orbitals are characterized by the quan- 
tum numbers 1, ¢, m,, and m,, and the energy levels corresponding to these or- 
bitals depend only on x (all orbitals with the same value of 1 are degenerate). 
Recall that some of the orbitals directly obtained from the solution to the 
Schrodinger equation are complex (contain V—1). For example, of the three 
orbitals corresponding to m = 2 and ¢ = 1 (2p orbitals), the orbital correspond- 
ing to m, = 0 is real (the 2p, orbital), but the orbitals corresponding to the 
values of mg of +1 and —1 are complex. For ease of physical interpretation, 
these latter two orbitals are combined to produce two real orbitals (2p, and 
2p,). These same procedures apply to all the p orbitals (corresponding to higher 
values of 7). Similarly, for the 3d orbitals (1 = 3, € = 2), the orbital correspond- 
ing to m, = 0 is real (dy), whereas the orbitals corresponding to my values of +1 
and +2 are complex and are used to construct the familiar real orbitals. 

In contrast to the Schrédinger equation for the hydrogen atom, the 
Schrodinger equation for a polyelectronic atom cannot be solved exactly. For 
example, although the hydrogen and helium atoms are similar in many respects, 
the mathematical descriptions of these atoms are fundamentally different. Be- 
cause electrons repel each other, the motions of the two helium electrons are 
correlated (coupled), and this fact prevents the exact separation of the 
Schrédinger equation for helium into independent, solvable equations for each 
electron. Thus solving the Schrédinger equation for helium (or any other poly- 
electronic atom) requires approximations. The approach most commonly used, 
the self-consistent field (SCF) method, was developed by Hartree and is applied 
as follows: For an atom containing N electrons, a wave function (orbital) is 
guessed for each electron except electron 1. For example, assume that orbitals 
are guessed for electrons 2, 3, 4,..., N: Yi, 3, W4,..-, Wn. The next step in- 
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Figure 12.32 

A schematic of the SCF method for 
obtaining the orbitals of a polyelec- 
tronic atom. 
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volves solving the Schrodinger equation for electron 1, which is moving in a 
potential field created by the nucleus and the electrons in orbitals ¥, #3, ... , 
iy. The repulsions between electron 1 and the other electrons are computed at 
each point in space from the sum of the average electron densities (probabilities) 
corresponding to | 17, 1y31?, . . . , |W? in volume element dv around that 
point. With the aid of a computer, the problem is solved to yield the wave func- 
tion for electron 1, which we will label 4. 

The next step is to do the same type of calculation to obtain a new wave 
function for electron 2 moving in a field of electrons described by the wave 
functions Wi, 3, W4,..., Wy. This step leads to a new function yf) for electron 
2. Now the process is carried out for electron 3 interacting with electrons de- 
scribed by the wave functions i}, 5, fa... 5 Wn to produce a new function w%. 
This procedure continues until all electrons have been covered to yield the 
wave functions w}, #5, 3, ..., wx. Then the entire process starts again with 
electron 1 and continues through electron N to give the new functions w', 7, 
w3, ..., Wx. The procedure is diagramed in Fig. 12.32. When a given cycle 
produces a set of wave functions that are virtually identical to the previous set, 
a self-consistent field is achieved and the procedure is terminated. 

The orbitals that arise from the SCF method are quite similar to hydrogen 
orbitals. They have the same angular characteristics (same type of boundary 
surfaces) as do the orbitals of hydrogen. However, the radial parts of the orbit- 
als are different from those of the hydrogen orbitals. Although the 7 quantum 
number from the treatment of hydrogen does not apply exactly to the SCF 
orbitals, it is still convenient to retain it as a label. It is important to note that 
the energies of the SCF orbitals for polyelectronic atoms depend on both n and 
€, not just 7, as for hydrogen. 

Finally, although it is not precisely correct to assume that the N electrons in 
an atom occupy N independent one-electron orbitals, this remains a very useful 
idea for understanding many atomic properties, including the organization of 
the periodic table. Recall that for us to account for the arrangement of the atoms 
on the periodic table, the orbitals that correspond to a given value of must fill 
in the order us, then mp, then nd, and finally, nf. From this observation we would 
expect the energies of the one-electron SCF orbitals to vary in the order 


Be =~ En — End <4 Eg 


and this ordering is borne out by the calculations. 


Solve 
Schrodinger 
equation for 
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Figure 12.33 

The radial distribution of electron prob- 
ability density for the sodium atom. The 
shaded area represents the 10 core 
electrons. The radial distributions of the 
3s, 30, and 3d orbitals are also shown. 
Note the difference in the penetration 
effects of an electron in these three 
orbitals. 


Radial probability 


Distance from the nucleus 


Figure 12.34 

Radial probability distributions for the 
3d and 4s orbitals. Note that the most 
probable distance of the electron from 
the nucleus for the 3d orbital is less 
than that for the 4s orbital. However, 
the 4s orbital allows more electron 
penetration close to the nucleus and 
thus is preferred over the 3d orbital. 
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Radial distribution 
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We can understand the observed order of orbital energies in a qualitative 
sense by considering the so-called penetration effect. To get an appreciation for 
this concept, consider the radial probability plots for the 3s, 3p, and 3d orbitals 
in a sodium atom, as shown in Fig. 12.33. Note that although an electron in the 
3s orbital spends most of its time far from the nucleus and outside the core elec- 
trons (the electrons in the 1s, 2s, and 2p orbitals), which shields it from the nu- 
clear charge, it has a small but significant probability of being quite close to the 
nucleus. We say it significantly penetrates the shielding core electron “cloud” and 
thus “feels” more of the nuclear charge. On the other hand, an electron in a 3p 
orbital does not have a probability maximum close to the nucleus. Thus we can 
say that an electron in a 3p orbital penetrates the core electrons to a lesser extent 
than an electron in the 3s orbital. Similarly, an electron in a 3d orbital (Fig. 12.33) 
shows much less penetration than a 3p electron does. These ideas help us to un- 
derstand why an electron “prefers” the 3s orbital to the 3p or 3d and why, after 
the 3s orbital is filled, the next electron occupies the 3 rather than the 3d orbital. 
That is, the penetration effect helps us to understand qualitatively the order 


Eas Fiz5 < E35 


The penetration effect also helps to explain why the 4s orbital fills 
before the 3d orbital. Recall that potassium has the electron configuration 
1s?2s*2p°3s*3p°4s! rather than the expected 1s?2s*2p°3s73p°3d'. We can explain 
this result by observing that an electron in a 4s orbital penetrates much more than 
an electron in a 3d orbital, as shown graphically in Fig. 12.34. Note that although 
the most probable distance from the nucleus for a 3d electron is less than that for 
a 4s electron, the 4s electron has a significant probability of penetrating close to 
the nucleus. This explains why the potassium atom in its lowest-energy state has 
its last electron in the 4s orbital rather than in the 3d orbital. 

Although the rigorous description of polyelectronic atoms is quite compli- 
cated, our simple qualitative ideas about electrons in independent orbitals are 
often very useful when we try to understand why atoms behave the way they 
do. We will consider some specific atomic properties in the next section. 
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Periodic Trends in Atomic Properties 


We have developed a fairly complete picture of polyelectronic atoms that is 
quite successful in accounting for the periodic table of elements. We will next 
use the model to account for the observed trends in several important atomic 
properties: ionization energy, electron affinity, and atomic size. 


lonization Energy 
Ionization energy is the energy required to remove an electron from a gaseous 
atom or ion, 


RUC (ge 
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where the atom or ion is assumed to be in its ground state. Although the values 
for ionization energy will be given in this text in terms of kilojoules per mole 
of atoms, it is quite common in other chemical literature to see values given per 
atom. In that context the term ionization potential is used, and the units are 
electron-volts (eV) per atom (1 eV = 1.602 X 107!” J). 

The ionization energy for a particular electron in an atom is a source of 
information about the energy of the orbital it occupies in the atom. In fact, 
Koopmans’ theorem states: The ionization energy of an electron is equal to the 
energy of the orbital from which it came. This rule is an approximation be- 
cause, among other things, it assumes that the electrons left behind in the re- 
sulting ion will not reorganize in response to the removal of an electron. How- 
ever, ionization energies do provide information that is quite useful in testing 
the orbital model of the atom. 

To introduce some of the characteristics of ionization energy, we will con- 
sider the energy required to remove several electrons in succession from alumi- 
num atoms in the gaseous state. The ionization energies are 


Al(g) — > Al*(g) + e- I, = 580 kJ/mol 
)——> AP*(g) +7 I, = 1815 kJ/mol 
g) —> AP*(g) +e7 I; = 2740 kJ/mol 
Al3*(g) —— Al**(g) + e7 I, = 11,600 kJ/mol 





Several important points can be illustrated from these results. In a stepwise 
ionization process, it is always the highest-energy electron (the one bound least 
tightly) that is removed first. The energy required to remove the highest-energy 
electron of an atom is called the first ionization energy (J,). The first electron 
removed from the aluminum atom comes from the 3p orbital (Al has the elec- 
tron configuration [Ne]3s?3p'). The second electron comes from the 3s orbital 
(since Al* has the configuration [Ne]3s7). 

Note that the value of I, is considerably smaller than the value of I,, the 
second ionization energy. This result makes sense for several reasons. The pri- 
mary factor is simply charge. Note that the first electron is removed from a 
neutral atom (Al), whereas the second electron is removed from a 1+ ion (Al*). 
The increase in positive charge binds the electrons more firmly and the ioniza- 
tion energy increases. The same trend shows up in the third (I;) and fourth (14) 
ionization energies, where the electron is removed from the Al?* and Al>* ions, 
respectively. 

The increase in successive ionization energies for an atom also makes sense 
in terms of relative orbital energies. The increase from I, to I; is expected be- 
cause the first electron is removed from a 3p orbital that is higher in energy 
than the 3s orbital from which the second electron is removed. The largest 
jump in ionization energy by far occurs in going from the third ionization en- 
ergy (13) to the fourth (/4). This large jump occurs because I, corresponds to 
removing a core electron (Al°* has the configuration 1s?2s?2p°), and core elec- 
trons are bound much more tightly than valence electrons. 

Table 12.6 gives the values of ionization energies for all the Period 3 ele- 
ments. Note the large jump in energy in each case in going from the removal of 
valence electrons to the removal of core electrons. 

The values of the first ionization energy for the elements in the first five 
periods of the periodic table are graphed in Fig. 12.35. Note that, in general, 
as we go across a period from left to right, the first ionization energy increases. 
To account for this trend qualitatively, we need to consider more fully the 
concept of electrons shielding each other from the nuclear charge. Shielding 
occurs because electrons repel each other. Our simple pictures of the atom lead 
us to expect that core electrons should be quite effective in shielding outer 


Electrons in the same principal 


quantum level do not shield each other 


as well as core electrons shield outer 


electrons. 


First ionization energy increases across 
a period and decreases down a group 


Table 12.7 


First lonization Energies for the Alkali 


Metals and Noble Gases 








Atom I, (kJ/mol) 

Group 1A 
i 520. 
Na 495 
K 419 
Rb 409 
Gs 382 

Group 8A 
Ee 2377 
Ne 2088 
Ar yz 
Kr 1356 
Xe 1176 
Rn 1042 
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Table 12.6 


Successive lonization Energies in Kilojoules per Mole for the Elements in Period 3 


















General tiicr ease nn 
Element I, L I; I, I; I¢ L 
t Na 495 | 4560 
2 Mg 735 1445 | 7730 Core electrons* 
5 Al 580 1815 2740 | 11,600 
3 Si LS ASS 8220) 4350 | 16,100 
oe 1060 1890 2905 4950 6270 
= = 100S° 2260 ~ 3375 4565 6950 8490 
co. eel IPSS 2ADS — BSHG 5160 6560 9360 11,000 
| Ar 1527 2665 3945 5770 7230 8780 12,000 





“Note the large jump in ionization energy in going from removal of valence electrons to removal 
of core electrons. 


electrons from the nuclear charge, since the core electrons are between the 
nucleus and the outer electrons. On the other hand, electrons in the same prin- 
cipal quantum level, which on the average are all at about the same distance 
from the nucleus, are not expected to shield each other very well. Thus, as we 
move from left to right in a given period of the periodic table, we do not expect 
the electrons to completely shield each other from the increasing nuclear charge 
as the number of protons in the nucleus increases. The electrons are expected 
to be bound more firmly in going from left to right across a given period, 
which means that the ionization energy should increase. 

On the other hand, the first ionization energy values decrease in going 
down a group. This can be seen most clearly by focusing on the Group 1A ele- 
ments (the alkali metals) and the Group 8A elements (the noble gases), as 
shown in Table 12.7. The main reason for the decrease in going down a group 


Period Period Period Period Period 


Ionization energy (kJ/mol) 





Atomic number 


Figure 12.35 

The values of first ionization energy for the elements in the first five periods. In general, ion- 
ization energy decreases in going down a group. For example, note the decrease in values 
for Group 1A and Group 8A. In general, ionization energy increases in going from left to 
right across a period. For example, note the sharp increase going across Period 2 from 
lithium through neon. 
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Why Is Mercury a Liquid? 





The silver liquid called mercury has been known 
since ancient times. In fact, the symbol for mercury 
(Hg) comes from its Greek name Hydrargyrum, 
which means “watery silver.” Although elements 
in the liquid state at ambient temperature and 
pressure are quite rare (Br is another example), 
the liquid nature of mercury is especially con- 
founding. For example, compare the properties of 
mercury and gold: 





Mercury Gold § 

Melting point —39°C 1064°C E 
Density 16 cm? 193 2 em 5 
Enthalpy of 2.30 kJ mol7! 12.8 kJ mol"! = 
fusion . 
Conductivity 10.4 kS m7! 426 kS m“! = 
S 


It is quite apparent that these metals, which are 
neighbors on the periodic table, have strikingly dif- 
ferent properties. Why? The answer is not at all 
straightforward—but very interesting. It seems to 
hinge on relativity. 

Recall that Einstein postulated in his theory of 
special relativity in 1905 that the mass (7) of a 
moving object increases with its velocity (v): 


as ANw/, D 
Mrelativistic — Meese! 1 (u/c) 


where c is the speed of light. In the simple models 
for the atom, we ignore relativistic effects on the 
electron mass. Although these effects are negligible 
for light atoms (the mass change is approximately 
0.003% for the hydrogen electron), they become 








Liquid mercury forms flat drops because of its lack of 
surface tension. 


important for heavy elements such as gold and 
mercury. For example, the relativistic mass for a 
1s electron in mercury is approximately 1.23 times 
its rest mass, and this effect leads to a very signifi- 
cant contraction in the radius of the 1s orbital. 

It turns out that relativity has an even more 
profound impact on atomic theory than the pre- 
ceding calculations suggest. A relativistic treatment 
of the atom fundamentally changes the way we 
view the electrons in atoms. In fact, as shown by 
British physicist Paul Dirac, the concept of electron 
spin occurs naturally in a relativistic treatment of 





is that the electrons being removed are, on average, farther from the nucleus. 
As n increases, the size of the orbital increases, and the electron is easier to 
remove. 

In Fig. 12.35 we see that there are some discontinuities in ionization en- 
ergy in going across a period. For example, discontinuities occur in Period 2, 
in going from beryllium to boron and from nitrogen to oxygen. These excep- 
tions to the normal trend can be explained in terms of how electron repulsions 
depend on the electron configuration. We will discuss the elements in Period 2 
individually to further develop the concept of shielding. 

The increase in the ionization energy in going from lithium (1s22s!) to be- 
ryllium (1s*2s*) is expected, since the 2s electrons do not shield each other 
completely. The decrease in the ionization energy in going from beryllium 
(1s?2s*) to boron (1s*2s?2p!) suggests that the electrons in the 2s orbital effec- 
tively shield the 2p electron. This is sensible in view of the greater penetration 


12.15 Periodic Trends in Atomic Properties 








the atom and does not have to be “tacked on” as 
in the wave mechanical treatment. The point here 
is not to explain these very complex ideas but to 
alert you to concepts you will be learning more 
about in higher-level courses. 

How does relativity explain why mercury has a 
melting point of —39°C, whereas that of neighbor- 
ing gold is 1064°C? The first step in answering this 
question involves considering the electron configu- 
rations of these atoms: 


Au: [Xe]4f!45d!6s! 
Hg: [Xe]4f!45d!6s2 


Notice that gold has an unfilled 6s subshell, but 
the 6s level is filled in mercury. Because of its con- 
figuration, a gold atom can use its half-filled 6s 
orbital to form a bond to another gold atom. In 
fact, the metal-metal bond in the Au; molecule is 
an astonishingly strong 221 kJ mol~!, a value very 
close to the bond energy of the Cl; molecule (239 
kJ mol~') and greater than the bond energy of lL 
(149 kJ mol~!). In addition, gold has an electron 
affinity (—220 kJ mol~') that is higher than that of 
oxygen and sulfur. Further, gold forms a com- 
pound with cesium (CsAu) that exhibits the CsCl 
crystal structure (see Fig. 16.41 and Section 16.8) 
in which gold atoms take the place of Cl- ions. 
Thus a gold atom seems to behave a lot like a 
halogen atom. 

What causes gold to emulate many properties 
of the nonmetallic halogens? The apparent answer 
lies in the dramatic contraction of the gold 6s 





orbital because of relativistic effects. The unexpect- 
edly small radius of the 6s orbital of a gold atom 
results in a much lower energy than is predicted in 
the absence of relativistic effects. It is this very- 
low-energy, unfilled 6s orbital that causes gold 
atoms to form very stable Au) molecules in the gas 
phase and to bind strongly to each other in the 
solid state, producing its high melting point. This 
same low-energy 6s orbital also leads to gold’s 
unexpectedly high electron affinity and to its 
unusual color. Gold is not the silvery color exhib- 
ited by most metals because of the absorption of 
blue light to transfer an electron between the Sd 
and 6s orbitals in gold atoms. 

So why are gold and mercury so different? The 
answer lies in the different electron configurations 
of the two atoms. Unlike gold, the low-energy 6s 
orbital in mercury is filled, and these two electrons 
are very tightly bound to the mercury atom. In 
fact, one can think of Hg as being analogous to 
He. That is, the low-energy pair of 6s electrons on 
mercury causes it to behave like a noble gas 
atom—it cannot bond to another mercury atom. 
This explains why mercury is unique among metals 
in that it is almost entirely monomeric in its gas 
phase. In contrast, the species Hg>** is extremely 
stable even in aqueous solution. This fact is not 
surprising once it is realized that Hg” is isoelec- 
tronic with Au. 

Thus it is the unusually low energy of the 6s 
orbitals apparently caused by relativistic effects 
that causes gold to behave like a halogen atom and 
mercury to behave like a noble gas. 








by the 2s electrons as compared with the 2p electron. The 2s electrons spend 
more time closer to the nucleus than the 2p electrons, where they provide ef- 
fective shielding. The steady increase in the ionization energy in going from 
boron (1s22s*2p') to carbon (1s?2s*2p7) to nitrogen (1s*2s?2p°) is expected 
because the 2p electrons are not very effective in shielding each other from the 
increasing nuclear charge. The drop in the ionization energy in going from ni- 
trogen (1s?2s*2p%) to oxygen (1s?2s’2p*) is usually explained as follows: In 
nitrogen each 2p electron is in a separate orbital. When the extra electron for 
oxygen is added, one 2p orbital becomes doubly occupied. The electron repul- 
sions between the electrons in the doubly occupied orbital make either of these 
electrons easier to remove.* As we move from oxygen (1s?2s?2p*) to fluorine 





*This explanation is greatly oversimplified. A more complete explanation involves a detailed anal- 
ysis of the electron interactions, which is beyond the scope of this text. 
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The sign convention for electron affinity 
values follows the convention for 
energy changes used in Chapters 9 
and 10. 





(1s22s22p5) to neon (1s?2s?2p°), the ionization energy increases because in each 
case the electron being considered is in a doubly occupied orbital. Note that 
the ionization energy values for oxygen, fluorine, and neon are different from 
those of boron, carbon, and nitrogen by an amount that represents the extra 
electron repulsions in doubly occupied orbitals, as shown in Fig. 12.35. 





The first ionization energy for phosphorus is 1060 kJ/mol, and that for sulfur 
is 1005 kJ/mol. Why? 


Solution Phosphorus and sulfur are neighboring elements in Period 3 of the 
periodic table and have the following valence electron configurations: Phos- 
phorus is 3s?3p%, and sulfur is 3573p’. 

Ordinarily, the first ionization energy increases as we go across a period, 
so we might expect sulfur to have a greater ionization energy than phosphorus. 
However, in this case the fourth p electron in sulfur must be placed in an al- 
ready occupied orbital. The electron-electron repulsions that result cause this 
electron to be more easily removed than might be expected.* 


OWL INTERACTIVE EXAMPLE 12.10 
Consider atoms with the following electron configurations: 


1522s22p° 
1222 273s 
Ls?2s* 29°35" 


Which atom has the largest first ionization energy, and which has the smallest 
second ionization energy? Explain your choices. 


Solution The atom with the largest value of J, is the one with the configuration 
1s?2s?2p® (this is the neon atom) because this element is found at the right end 
of Period 2. Since the 2p electrons do not shield each other very effectively, I, 
will be large. The other configurations given include 3s electrons. These elec- 
trons are effectively shielded by the core electrons and are farther from the 
nucleus than the 2p electrons in neon. Thus I, for these atoms is smaller than 
I, for neon. 


The atom with the smallest value of I; is the one with the configuration 
1s°2s?2p°3s? (the magnesium atom). For magnesium both J, and I, involve va- 
lence electrons. For the atom with the configuration 1s?2s?2p°3s! (sodium), the 
second electron lost (corresponding to I) is a core electron from a 2p orbital). 


Electron Affinity 


Electron affinity is the energy change associated with the addition of an elec- 
tron to a gaseous atom: 


X(g) + e~ — > X(g) 


Because two different conventions have been used, there is a good deal of con- 
fusion in the chemical literature about the signs for electron affinity values. 
Electron affinity has been defined in many textbooks as the energy released 
when an electron is added to a gaseous atom. This convention requires that a 
positive sign be attached to an exothermic addition of an electron to an atom, 





*See page 573. 


Figure 12.36 

The electron affinity values for atoms 
among the first 20 elements that form 
stable, isolated X~ ions. The lines 
shown connect adjacent elements. 
The absence of a line indicates missing 
elements (He, Be, N, Ne, Mg, and Ar) 
whose atoms do not add an electron 
exothermically and thus do not form 
stable, isolated X~ ions. 


Table 12.8 


Electron Affinities of the Halogens 





Electron Affinity 





Atom (kJ/mol) 
F — 327.8 
Gl — 348.7 
Br —324.5 
I —295.2 
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Atomic number 


which opposes normal thermodynamic conventions. Therefore, in this book 
we define electron affinity as a change in energy. This means that if the addi- 
tion of the electron is exothermic, the corresponding value for electron affinity 
will carry a negative sign. 

Figure 12.36 shows the electron affinity values for the atoms among the 
first 20 elements that form stable, isolated, negative ions—that is, the atoms 
that undergo the addition of an electron as shown above. As expected, all 
these elements have negative (exothermic) electron affinities. Note that the 
more negative the energy, the greater is the quantity of energy released. Al- 
though electron affinities generally become more negative from left to right 
across a period, there are several exceptions to this rule in each period. The 
dependence of electron affinity on atomic number can be explained by consid- 
ering the changes in electron repulsions as a function of electron configura- 
tions. For example, the fact that the nitrogen atom does not form a stable, 
isolated N-(g) ion, whereas carbon forms C~(g), reflects the difference in the 
electron configurations of these atoms. An electron added to nitrogen 
(1s*2s*2p3) to form the N“(g) ion (1s72s*2p*) would have to occupy a 2p or- 
bital that already contains one electron. The extra repulsion between the elec- 
trons in this doubly occupied orbital causes N~(g) to be unstable. When an 
electron is added to carbon (1s*2s?2p7) to form the C~(g) ion (1s*2s?2p7), no 
such extra repulsions occur. 

In contrast to the nitrogen atom, the oxygen atom can add one electron to 
form the stable O(g) ion. Presumably, oxygen’s greater nuclear charge, com- 
pared with that of nitrogen, is sufficient to overcome the repulsion associated 
with putting a second electron into an already occupied 2p orbital. However, 
it should be noted that a second electron cannot be added to an oxygen atom 
[O-(g) +e ++ O7 (g)] to form an isolated oxide ion. This outcome seems 
strange in view of the many stable oxide compounds (MgO, Fe2O3, and so on) 
that are known. As we will discuss in detail in Chapter 13, the O7~ ion is sta- 
bilized in ionic compounds by the large attractions that occur among the posi- 
tive ions and the oxide ions. 

When we go down a group, electron affinity should become more positive 
(less energy released), since the electron is added at increasing distances from 
the nucleus. Although this is generally the case, the changes in electron affinity 
in going down most groups are relatively small, and numerous exceptions oc- 
cur. This behavior is demonstrated by the electron affinities of the Group 7A 
elements (the halogens) shown in Table 12.8. Note that the range of values is 
quite small compared with the changes that typically occur across a period. 
Also note that although chlorine, bromine, and iodine show the expected 
trend, the energy released when an electron is added to fluorine is smaller than 
might be expected. This smaller energy release has been attributed to the small 
size of the 2p orbitals. Because the electrons must be very close together in 
these orbitals, there are unusually large electron—electron repulsions. In the 
other halogens with their larger orbitals, the repulsions are not as severe. 
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Figure 12.37 

The radius of an atom (r) is defined as 
half the distance between the nuclei in 
a molecule consisting of identical 
atoms. 


Atomic radius decreases across a 
period and increases down a group. 


Figure 12.38 

Atomic radii (in picometers) for selected 
atoms. Note that atomic radius 
decreases going across a period and 
increases going down a group. The 
values for the noble gases are esti- 
mated because data from bonded 
atoms are lacking. 


Atomic Radius 


Just as the size of an orbital cannot be specified exactly, neither can the size of 
an atom. We must make some arbitrary choices to obtain values for atomic 
radii. These values can be obtained by measuring the distances between atoms 
in chemical compounds. For example, in the bromine molecule, the distance 
between the two nuclei is known to be 228 pm. The bromine atomic radius is 
assumed to be half this distance, or 114 pm, as shown in Fig. 12.37. Measure- 
ments of this type have led to the values of the atomic radii for the elements 
shown in Fig. 12.38. These radii are often called covalent atomic radii because 
of the way they are determined. These values are significantly smaller than 
might be expected from the 90% electron density volumes of isolated atoms 
because when atoms form bonds, their electron “clouds” interpenetrate. How- 
ever, these values form a self-consistent data set that can be used to discuss the 
trends in atomic radii. The radii for metal atoms are obtained by halving the 
distance between metal atoms in solid metal crystals. Note from Fig. 12.38 
that the atomic radius decreases in going from left to right across a period. This 
decrease can be explained in terms of the increasing effective nuclear charge 
(decreasing shielding) in going from left to right. This means that the valence 
electrons are drawn closer to the nucleus, decreasing the size of the atom. 

Atomic radius increases down a group because of the increases in the or- 
bital sizes in successive principal quantum levels. 





Atomic radius decreases 
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OWL INTERACTIVE EXAMPLE 12.11 


Predict the trend in radius of the following ions: Be**+, Mg?*, Ca?*, and Sr?*. 


Solution All these ions are formed by removing two electrons from an atom of 
a Group 2A element. In going from beryllium to strontium, we are going down 
the group, so the sizes increase. 


Be2t <a Mg?* a Ca2t ee Sr2t 
ft 


Smallest radius Largest radius 
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We have seen that the periodic table originated as a way to portray the system- 
atic properties of the elements. Mendeleev was primarily responsible for first 
showing its usefulness in correlating and predicting the elemental properties. In 
this section we will summarize much of the information available from the 
table. We will also illustrate the usefulness of the table by discussing the prop- 
erties of a representative group, the alkali metals. 


Information Contained in the Periodic Table 


iF 


The essence of the periodic table is that members of each group of repre- 
sentative elements exhibit similar chemical properties that change in a 
regular way. The quantum mechanical model has allowed us to under- 
stand that the similarity of properties of the atoms in a group arises from 
the identical valence electron configurations shared by group members. It 
is the number and type of valence electrons that primarily determine an 
atom’s chemistry. 


One of the most valuable types of information available from the periodic 
table is the electron configuration of any representative element. If you 
understand the organization of the table, you do not need to memorize 
electron configurations for the elements. Although the predicted electron 
configurations for transition metals are sometimes incorrect, this is not a 
serious problem. You should, however, memorize the configuration of two 
exceptions, chromium and copper, since these 3d transition elements are 
found in many important compounds. 


As we mentioned in Chapter 2, certain groups in the periodic table have 
special names. These names are summarized in Fig. 12.39. 


The most fundamental classification of the elements is into metals and 
nonmetals. The essential chemical property of a metal is the tendency to 
give up electrons to form a positive ion; metals tend to have low ionization 
energies. The metallic elements are found on the left side of the table, as 
shown in Fig. 12.39. The most reactive metals are found on the lower left- 
hand portion of the table where the ionization energies are smallest. The 
distinctive chemical property of a nonmetal is the ability to gain electrons 
to form an anion when reacting with a metal. The nonmetals have large 
ionization energies and most have negative electron affinities. The nonmet- 
als are found on the right side of the table. The most reactive ones are lo- 
cated in the upper right-hand corner, excluding the noble gas elements, 
which are quite unreactive. The division between metals and nonmetals 
shown in Fig. 12.39 is only approximate. Many elements along the divi- 
sion line exhibit both metallic and nonmetallic properties under certain 
circumstances. These elements are called metalloids, or semimetals. 
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Figure 12.39 Alkali ies 
Special names for groups in the peri- metals 


odic table. 
ie Alkaline 
earth 
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Actinides 





The Alkali Metals 


The metals of Group 1A, the alkali metals, illustrate well the relationships 
among the properties of the elements in a group. Lithium, sodium, potassium, 
rubidium, cesium, and francium are the most reactive of the metals. We will 
not discuss francium here since it occurs in nature in only very small quantities. 
Although hydrogen is found in Group 1A, it behaves as a nonmetal, in contrast 
to the other members of that group. The fundamental reason for hydrogen’s 
nonmetallic character is its very small size (see Fig. 12.38). The electron in the 
small 1s orbital is bound very tightly to the nucleus. 

Some important properties of the first five alkali metals are shown in Table 
12.9. The data in Table 12.9 show that when we move down the group, the 
first ionization energy decreases and the atomic radius increases. This agrees 
with the general trends discussed in Section 12.15. 

The overall increase in density in going down Group 1A is typical of all 
groups. It occurs because atomic mass generally increases more rapidly than 
atomic size. 

The smooth decrease in melting point (mp) and boiling point (bp) in going 
down Group 1A is not typical; in most other groups, more complicated behav- 
ior occurs. Note that the melting point of cesium is only 29°C. Cesium can be 


Table 12.9 


Properties of Five Alkali Metals 
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Element 


Valence 
Electron 
Configuration 





Lei 
Na 
K 
Rb 
Cs 








Density Atomic 

at 25°C mp bp First Ionization (covalent) Ionic (M*) 

(g/cm?) (2G) (GC) Energy (kJ/mol) Radius (pm) Radius (pm) 
0.53 180 1330 20. 152 60 
0.97 98 892 495 186 95 
0.86 64 760 419 ay 133 
ISS 39 688 409 247 148 
1.87 zo 690 265 169 


382 








melted readily from the heat of your hand. Cesium’s low melting point is very 
unusual—metals typically have high melting points. For example, tungsten 
melts at 3410°C. The only other metals with low melting points are mercury 
(mp = —39°C) and gallium (mp = 30°C). 

Recall that the chemical property most characteristic of a metal is the abil- 
ity to lose its valence electrons. The Group 1A elements are very reactive. They 
have low ionization energies and react readily with nonmetals to form ionic 
solids. A typical example involves the reaction of sodium with chlorine to form 
sodium chloride: 


2Na(s) + Cly(g) ——> 2NaCl(s) 


This is an oxidation-reduction reaction in which chlorine oxidizes sodium to 
form Na* and Cl ions. In the reactions between metals and nonmetals, it is 
typical for the nonmetal to behave as the oxidizing agent and the metal to be- 
have as the reducing agent, as shown by the following reactions: 

2Na(s) + S(s) ——> Na Sis) 


Contains Na®* and S?> ions 


6Li(s) + No(g) — > 2Li,N(s) 


Contains Li* and N?~ ions 
4Na(s) + O2(g) —> 2Na20(s) 
Contains Na* and O7~ ions 


For reactions of this type, the relative reducing powers of the alkali metals 
can be predicted from the first ionization energies listed in Table 12.9. Since it 
is much easier to remove an electron from a cesium atom than from a lithium 
atom, cesium should be the better reducing agent. The expected trend in reduc- 
ing ability is 

Gs Kb Kk Nat 


This order is observed experimentally for direct reactions between the solid 
alkali metals and nonmetals. However, this order of reducing ability is not 
observed when the alkali metals react in aqueous solution. For example, the 
reduction of water by an alkali metal is very vigorous and exothermic: 


2M(s) + 2H,O(/) —~> Hh(g) + 2M*(aq) + 2QOH (aq) + energy 
The order of reducing abilities observed for this reaction (for the first three 
group members) is 
bi ke Na 


which is not the order expected from the relative ionization energies of these 
metals. 
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Oitsettevescieacee Lithium: Behavior Medicine 








More and more people in our society seem to be 
suffering from the debilitating effects of mania and 
depression, but the alkali metal lithium can 
provide help for many. In fact, more than three 
million prescriptions for lithium carbonate are 
filled annually by retail pharmacies. 

Although the details are not well understood, 
the lithium ion seems to alleviate mood disorders 
by affecting the way that brain cells respond to 
neurotransmitters, a class of molecules that facili- 
tate the transmission of nerve impulses. 

Specifically, physiologists think that the lithium 
ion may interfere with a complex cycle of reactions 
that relays and amplifies messages carried to the 
cells by neurotransmitters and hormones. They 
theorize that exaggerated forms of behavior, such 
as mania or depression, arise from the overactivity 
of this cycle. Thus the fact that lithium inhibits this 
cycle may be responsible for its moderating effect 
on behavior. 

There is a growing collection of evidence that 





Phil Degginger/Alamy 


Capsules of lithium carbonate. 


violent behavior may result at least partially from 
the improper regulation of neurotransmitters and 
hormones. For example, a study in Finland showed 
that violent criminals, especially arsonists, often 


had low levels of serotonin, a common neurotrans- 
mitter. Studies are now under way to determine 
whether lithium might also be effective for treating 
these and other aberrant forms of behavior. 











Table 12.10 


Hydration Energies for Li*, Na‘, 
and K* lons 





Hydration Energy 





Ion (kJ/mol) 
lie —500 
Na* —400 
K* —300 








This unexpected order occurs because the formation of the M* ions in 
aqueous solution is strongly influenced by the hydration of these ions by the 
polar water molecules. The hydration energy of an ion represents the change in 
energy that occurs when water molecules attach to the M* ion. The hydration 
energies for the Lit, Na*, and K* ions shown in Table 12.10 indicate that the 
process is exothermic in each case. However, nearly twice as much energy is 
released by the hydration of the Li* ion as compared with that of the K* ion. 
This difference is caused by size effects; the Li* ion is much smaller than the K* 
ion, and thus its charge density (charge per unit volume) is much greater. This 
means that the polar water molecules are more strongly attracted to the small 
Li* ion. Because the Li* ion is so strongly hydrated, its formation from the 
lithium atom occurs more readily than the formation of the K* ion from the 
potassium atom. Although a potassium atom in the gas phase loses its valence 
electron more readily than a lithium atom in the gas phase, the opposite is true 
in aqueous solution. This anomaly is an example of the importance of the po- 
larity of the water molecule in aqueous reactions. 

There is one more surprise involving the highly exothermic reactions of the 
alkali metals with water. Experiments show that lithium is the best reducing 
agent in water, so we might expect lithium to react most violently with water. 
However, it does not. Sodium and potassium react much more vigorously. 
Why? The answer lies in the relatively high melting point for lithium. When 
sodium and potassium react with water, the heat evolved causes them to melt, 
giving a larger area of contact with water. Lithium, on the other hand, does not 
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melt under these conditions and thus reacts more slowly. This example illus- 
trates the important principle (which we will discuss in detail in Chapter 15) 
that the energy of a reaction and the rate at which it occurs are not necessarily 
related. 

In this section we have seen that the trends in atomic properties summa- 
rized by the periodic table can be a great help in understanding the chemical 
behavior of the elements. This fact will be emphasized over and over as we 
proceed in our study of chemistry. 





Key Terms For Review 
Section 12.1 OWL ana (SO HEUSIT 
electromagnetic radiation Sign in at www.cengage.com/ow!l to: 
wavelength ¢ View tutorials and simulations, develop problem-solving skills, and complete online homework 
fre quency assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
Section 12.2 (or purchase them at www.cengagebrain.com) 


ultraviolet catastrophe 
Planck’s constant 
quantized 

photon 
photoelectric effect 
dual nature of light 
diffraction 
diffraction pattern 
Section 12.3 
continuous spectrum 
line spectrum 


Section 12.4 
quantum model 
ground state 


Section 12.5 

wave mechanics (quantum 
mechanics) 

wave function 

orbital 

Heisenberg uncertainty principle 


Section 12.8 
probability distribution 
radial probability distribution 


Section 12.9 

quantum numbers 

principal quantum number (n) 

angular momentum quantum 
number (I) 

magnetic quantum number (m;) 

subshell 

nodal surfaces (nodes) 

lobe 

degenerate orbital 


Section 12.10 

electron spin 

electron spin quantum number 
Pauli exclusion principle 


Section 12.11 

polyelectronic atom 

effective nuclear charge 
self-consistent field (SCF) method 





Electromagnetic radiation 
= Characterized by its wavelength (A), frequency (v), and speed (c = 
RGD TI: X10 mis) 


Av=C 


m Can be viewed as a stream of “particles” called photons, each with 
energy hv, where / is Planck’s constant (6.626 X 10~*4 J - s) 


Photoelectric effect 

a When light strikes a metal surface, electrons are emitted 

a Analysis of the kinetic energy and numbers of the emitted electrons led 
Einstein to suggest that electromagnetic radiation can be viewed as a 
stream of photons 


Hydrogen spectrum 
a The emission spectrum of hydrogen shows discrete wavelengths 
a Indicates that hydrogen has discrete energy levels 


Bohr model of the hydrogen atom 

w Using the data from the hydrogen spectrum and assuming angular mo- 
mentum to be quantized, Bohr devised a model in which the electron 
traveled in circular orbits 

s Although an important pioneering effort, this model proved to be en- 
tirely incorrect 


Wave (quantum) mechanical model 

a An electron is described as a standing wave 

ms The square of the wave function (often called an orbital) gives a prob- 
ability distribution for the electron position 

The exact position of the electron is never known, which is consistent 
with the Heisenberg uncertainty principle: it is impossible to know accu- 
rately both the position and the momentum of a particle simultaneously 
a Probability maps are used to define orbital shapes 

a Orbitals are characterized by the quantum numbers n, ¢, and my 


Particle in a box 
a Not an accurate physical model of the hydrogen atom 
= Illustrates the mathematics of wave mechanics 
Oe: 
nh 


if SmL? 
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Section 12.12 
triads 
octaves 


Section 12.13 

aufbau principle 

Hund’s rule 

valence electron 

core electron 

transition metals 

lanthanide series 

actinide series 

main-group (representative) 
elements 


Section 12.14 


Electron spin : 

a Described by the spin quantum number m,, which can have values of +5 

= Pauli exclusion principle: no two electrons in a given atom can have the 
same set of quantum numbers 1, ¢, m,, and m, 

a Only two electrons with opposite spins can occupy a given orbital 


Periodic table 

= By populating the orbitals from the wave mechanical model (the aufbau 
principle), the form of the periodic table can be explained 

= According to the wave mechanical model, atoms in a given group have 
the same valence (outer) electron configuration 

= The trends in properties such as ionization energies and atomic radii 
can be explained in terms of the concepts of nuclear attraction, elec- 
tron repulsions, shielding, and penetration 


penetration effect 
shielding 


Section 12.15 
ionization energy 

first ionization energy 
second ionization energy 
electron affinity 

atomic radii 


Section 12.16 
metalloids (semimetals) 





Discussion Questions 











These questions are designed to be considered by groups of 5. Compare the first ionization energy of helium with its 
students in class. Often these questions work well for intro- second ionization energy, remembering that both elec- 
ducing a particular topic in class. trons come from the 1s orbital. Explain the difference 
; without using actual numbers from the text. 
1. Explain what it means for something to have wavelike S ae es _ 
properties; for something to have particulate properties. 6. Which has a larger second ionization energy, lithium or 
, oat : nt? ? 
Electromagnetic radiation can be discussed in terms of beryllium? Why: 
both particles and waves. Explain the experimental veri- 7. Explain why a graph of ionization energy versus atomic 
fication for each of these views. number (across a row) is not linear. Where are the ex- 
2. Defend and criticize Bohr’s model. Why was it reason- ceptions? Explain why they occur. 
able that such a model was proposed, and what evidence 8. Without referring to your text, predict the trend of sec- 
was there that it “works”? Why do we no longer “be- ond ionization energies for the elements sodium through 
lieve” in it? argon. Compare your answer with the data in Table 
3. The first ionization energy for magnesium is 735 kJ/mol. 12.6. Explain any differences. 
Which electron is this for? Estimate Z. for this electron, 9. Account for the fact that the line that separates the met- 
and explain your reasoning. Calculate Z.4 for this elec- als from the nonmetals on the periodic table is diagonal 
tron, and compare it to your estimate. downward to the right instead of horizontal or vertical. 
4. The first four ionization energies for elements X and Y 10. Explain the term electron from a quantum mechanical 
are shown below. The units are not kJ/mol. perspective, including a discussion of atomic radii, prob- 
abilities, and orbitals. 
& at Mises ute 11. Choose the best response for the following. The ioniza- 
tion energy f i i itude 
First 170 200 Oana or bn an atom is equal in magnitude 
o the electron affi 
Second 350 400 te eerie tec ‘ 
a. the Cl atom : 
Third 1800 3500 eis ivciennb 
ethe 
Fourth 2500 5000 shay ama ee Ge 
é athe. Cl ton 
Explain. 


Identify the elements X and Y. There may be more than 
one answer, so explain completely. 


12% 


13: 


14: 


tS: 


16. 


Consider the following statement: “The ionization energy 
for the potassium atom is negative because when K loses 
an electron to become K* it achieves a noble gas electron 
configuration.” Indicate what is incorrect. Explain. 


What is the difference between Z. and Z? When are 
they the same? Explain. 


In going across a row of the periodic table, electrons are 
added and ionization energy generally increases. In go- 
ing down a column of the periodic table, electrons are 
also being added but ionization energy generally de- 
creases. Explain. 


Explain the difference between the probability density 
distribution for an orbital and its radial probability. 


How does the energy of a hydrogen 1s orbital compare 
with that of a lithium 1s orbital? Why? What is meant by 


Exercises 


VA 
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the term energy of the orbital? What is its sign? Why? 
What is meant by the term lower in energy? 


Which is larger, the hydrogen 1s orbital or the lithium 1s 
orbital? Why? Which has the larger radius, the hydrogen 
atom or the lithium atom? Why? 


. Is the following statement true or false: The hydrogen 


atom has a 3s orbital. Explain. 


. Which is higher in energy: the 2s or 2p orbital in hydro- 


gen? Is this also true for helium? Explain. 


20. Prove mathematically that it is more energetically favor- 


able for a fluorine atom to take an electron from a so- 
dium atom than for a fluorine atom to take an electron 
from another fluorine atom. 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the end of this book and a solution appears in 
the Solutions Guide. 


Light and Matter 


yA 


22. 


24. 


Microwave radiation has a wavelength on the order of 
1.0 cm. Calculate the frequency and the energy of a sin- 
gle photon of this radiation. Calculate the energy of an 
Avogadro’s number of photons (called an einstein) of 
this electromagnetic radiation. 


Consider the following waves representing electromag- 
netic radiation: 


— 1.6 x 10° m———> 


NAV AV EVE 


Wave a 


Wave b 


Which wave has the longer wavelength? Calculate the 
wavelength. Which wave has the higher frequency and 
larger photon energy? Calculate these values. Which 
wave has the greater velocity? What type of electromag- 
netic radiation does each wave represent? 


. One type of electromagnetic radiation has a frequency of 


107.1 MHz, another type has a wavelength of 2.12 x 
10-19 m, and another type of electromagnetic radiation 
has photons with energy equal to 3.97 X 107!’ J/photon. 
Identify each type of electromagnetic radiation, and 
place them in order of increasing photon energy and in- 
creasing frequency. 

Carbon absorbs energy at a wavelength of 150. nm. The 
total amount of energy emitted by a carbon sample is 
1.98 X 105 J. Calculate the number of carbon atoms 


NB 
nN 


26. 


28. 


present in the sample, assuming that each atom emits 
one photon. 


. A carbon-oxygen double bond in a certain organic mol- 


ecule absorbs radiation that has a frequency of 6.0 X 

LO} se. 

a. What is the wavelength of this radiation? 

b. To what region of the spectrum does this radiation 
belong? 

c. What is the energy of this radiation per photon? Per 
mole of photons? 

d. A carbon-oxygen bond in a different molecule 
absorbs radiation with frequency equal to 5.4 X 
103 s~!. Is this radiation more or less energetic? 


X rays have wavelengths on the order of 1 X 107!° m. 
Calculate the energy of 1.0 X 107!° m X rays in units of 
kilojoules per mole of X rays. AM radio waves have 
wavelengths on the order of 1 X 10* m. Calculate the 
energy of 1.0 X 104 m radio waves in units of kilojoules 
per mole of radio waves. Consider that the bond energy 
of a carbon-carbon single bond found in organic com- 
pounds is 347 kJ/mol. Would X rays and/or radio waves 
be able to disrupt organic compounds by breaking 
carbon-carbon single bonds? 


. The work function of an element is the energy required 


to remove an electron from the surface of the solid. The 
work function for lithium is 279.7 kJ/mol (that is, it 
takes 279.7 kJ of energy to remove 1 mole of electrons 
from 1 mole of Li atoms on the surface of Li metal). 
What is the maximum wavelength of light that can re- 
move an electron from an atom in lithium metal? 


Ionization energy is the energy required to remove an 
electron from an atom in the gas phase. The ionization 
energy of gold is 890.1 kJ/mol. Is light with a wavelength 
of 225 nm capable of ionizing a gold atom (removing an 
electron) in the gas phase? 


29. It takes 208.4 kJ of energy to remove { mole of electrons 


from the atoms on the surface of rubidium metal. If ru- 
bidium metal is irradiated with 254-nm light, what is the 
maximum kinetic energy the released electrons can have? 
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. What experimental evidence supports the quantum the- 
ory of light? Explain the wave-particle duality of all 
matter. For what size particle must one consider both the 
wave and the particle properties? 


Explain the photoelectric effect. 


Calculate the de Broglie wavelength for each of the 
following. 

a. anelectron with a velocity 10.% of the speed of light 
b. a tennis ball (55 g) served at 35 m/s (~80 mi/h) 


Neutron diffraction is used in determining the structures 

of molecules. 

a. Calculate the de Broglie wavelength of a neutron 
moving at 1.00% of the speed of light. 

b. Calculate the velocity of a neutron with a wave- 
length of 75 pm (1 pm = 10-7 m). 

Calculate the velocities of electrons with de Broglie 

wavelengths of 1.0 X 107 nm and 1.0 nm, respectively. 


An atom of a particular element is traveling at 1% of the 
speed of light. The de Broglie wavelength is found to be 
3.31 X 10°? pm. Which element is this? 


Hydrogen Atom: The Bohr Model 


36 


. Characterize the Bohr model of the atom. In the Bohr 
model, what do we mean when we say something is 
quantized? How does the Bohr model of the hydrogen 
atom explain the hydrogen emission spectrum? Why is 
the Bohr model fundamentally incorrect? 


37. The following is an energy-level diagram illustrating three 


38. 


39. 


different electronic transitions in the Bohr hydrogen atom. 


ww wh ~«——s 
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a. Explain why the energy levels get closer together as 
they increase. Provide mathematical support for this. 

b. Verify that the colors given in the diagram are 
correct. Provide mathematical support. 


Calculate the wavelength of light emitted when each of 
the following transitions occur in the hydrogen atom. 
What type of electromagnetic radiation is emitted in 
each transition? 

a. n=4>5n=3 

bn=5 >n=4 

Cc n=S >n=3 

Assume that a hydrogen atom’s electron has been excited 


to the 1 = 5 level. How many different wavelengths of 
light can be emitted as this excited atom loses energy? 


40. 


41. 


42. 


43. 


44. 


46. 


47. 


What is the maximum wavelength of light capable of 
removing an electron from a hydrogen atom in the en- 
ergy states characterized by n = 1 and n = 3? 


An electron is excited from the ground state to the 7 = 3 
state in a hydrogen atom. Which of the following state- 
ments are true? Correct any false statements. 

a. It takes more energy to ionize (remove) the electron 
from = 3 than from the ground state. 

b. The electron is farther from the nucleus on average 
in the m = 3 state than in the ground state. 

c. The wavelength of light emitted if the electron drops 
from n = 3 to n = 2 is shorter than the wavelength 
of light emitted if the electron falls from 1 = 3 to 
n= 1. 

d. The wavelength of light emitted when the electron 
returns to the ground state from m = 3 is the same as 
the wavelength of light absorbed to go from n = 1 
ton = 3. 

e. The first excited state corresponds to n = 3. 


Does a photon of visible light (A = 400-700 nm) have 
sufficient energy to excite an electron in a hydrogen 
atom from the = 1 to the m = 5S energy state? From the 
n = 2 to the m = 6 energy state? 


An excited hydrogen atom emits light with a wavelength 
of 397.2 nm to reach the energy level for which m = 2. In 
which principal quantum level did the electron begin? 


An excited hydrogen atom with an electron in the n = 5 
state emits light having a frequency of 6.90 X 10! s7!. 
Determine the principal quantum level for the final state 
in this electronic transition. 


. Consider an electron for a hydrogen atom in an excited 


state. The maximum wavelength of electromagnetic ra- 
diation that can completely remove (ionize) the electron 
from the H atom is 1460 nm. Determine the initial ex- 
cited state for the electron (” = ?). 


Calculate the energy (in kJ/mol) required to remove the 
electron in the ground state for each of the following 
one-electron species using the Bohr model. 

arr b: He* aL dCs é. Fes? 


One of the emission spectral lines for Be** has a wave- 
length of 253.4 nm for an electronic transition that be- 
gins in the state with m = 5. What is the principal quan- 
tum number of the lower-energy state corresponding to 
this emission? 


Wave Mechanics and Particle in a Box 


48. 


The Heisenberg uncertainty principle can be expressed 
in the form 


AE-> At = 


NN | & 


where E represents energy and ¢ represents time. Show 
that the units for this form are the same as the units for 
the form used in this chapter: 


Nea pe 
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Probability (R?) 


Sys 
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Using the Heisenberg uncertainty principle, calculate Ax 
for each of the following. 

a. an electron with Av = 0.100 m/s 

b. a baseball (mass = 145 g) with Av = 0.100 m/s 
How does the answer in part a compare with the size of 
a hydrogen atom? How does the answer in part b cor- 
respond to the size of a baseball? 


We can represent both probability and radial probability 
versus distance from the nucleus for a hydrogen 1s or- 
bital as depicted below. 


Radial probability (47r?R?) 





Distance from nucleus (7) Distance from nucleus (7) 


What does each graph tell us about the electron in a hy- 
drogen 1s orbital? Describe the significance of the radial 
probability distribution. 


. Discuss why a function of the type A cos(Lx) is not an 


appropriate solution for the particle in a one-dimensional 
box. 


Calculate the wavelength of the electromagnetic radia- 
tion required to excite an electron from the ground state 
to the level with 7 = 5 in a one-dimensiona! box 40.0 pm 
in length. 


. An electron in a one-dimensional box requires a wave- 


length of 8080 nm to excite an electron from the 1 = 2 to 
the 7 = 3 energy level. Calculate the length of this box. 


An electron in a 10.0-nm one-dimensional box is excited 
from the ground state into a higher-energy state by ab- 
sorbing a photon of electromagnetic radiation with a 
wavelength of 1.374 X 107° m. Determine the final en- 
ergy state for this transition. 


. Discuss what happens to the energy levels for an electron 


trapped in a one-dimensional box as the length of the 
box increases. 

What is the total probability of finding a particle in a 
one-dimensional box in level 7 = 3 between x = 0 and 
x = L/6? 


_ Which has the lowest (ground-state) energy, an electron 


trapped in a one-dimensional box of length 10~° m or 
one with length 10~!° m? 


Orbitals and Quantum Numbers 


58. 


Ser 


What are quantum numbers? What information do we 
get from the quantum numbers , ¢, and my? We define 
a spin quantum number (m,), but do we know that an 
electron literally spins? 

How do 2p orbitals differ from each other? How do 2p 
and 3p orbitals differ from each other? What is a nodal 
surface in an atomic orbital? 


60. 
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Identify each of the following orbitals, and determine the 
n and / quantum numbers. Explain your answers. 


a. 





Which of the following orbital designations are incor- 
rect: 1s, 1p, 7d, 9s, 3f, 4f, 2d? 

Which of the following sets of quantum numbers are not 
allowed in the hydrogen atom? For the sets of quantum 
numbers that are incorrect, state what is wrong in each set. 
a. n=3,€=2,m,=2 

b. n=4, € =3,m,=4 

c. n=0,€ =0,me=0 

d= ler 


Which of the following sets of quantum numbers are not 
allowed? For each incorrect set, state why it is incorrect. 








a. n= 3, € = 3, me = 0, m, -5 
b. 2 = 4, € = 3, my = 2, m, = -5 
c. n=4,€=1,m, =1,m, = +5 
d. n=2,€ =1,m, = —1,m,= -1 
e. n=5,€ = —4, me = 2, m, = +4 


1 
ee Ms FON 








f, n= 3,€=1,m, 


. How many orbitals can have the designation Sp, 3d, 


4d,n = 5, and n = 4? 


. How many electrons in an atom can have the designa- 


tion 1p, 6d,2_y, 4f, 7py, 2s, and n = 3? 


. What is the physical significance of the value of Wy at a 


particular point in an atomic orbital? 


. In defining the sizes of orbitals, why must we use an ar- 


bitrary value, such as 90% of the probability of finding 
an electron in that region? 
From the diagrams of 2 and 3p orbitals in Fig. 12.19 
and Fig. 12.20, respectively, draw a rough graph of the 
square of the wave function for these orbitals in the di- 
rection of one of the lobes. 


The wave function for the 2p, orbital in the hydrogen 


atom Is 
1 Wy 3/2 vA 
v5 = wat=) CCRT COS 
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where dp is the value for the radius of the first Bohr orbit 
in meters (5.29 X 107!!), o is Zr/ao, r is the value for the 
distance from the nucleus in meters, and 6 is an angle. 
Calculate the value of y)7 at r= do for 6 = 0 (z axis) 
and for 0 = 90° (xy plane). 


For hydrogen atoms, the wave function for the state 
n= 3, =0, and m; = Oils 


1 1 \3? A i 
=) 07 = 18ceto tes 
vow aaa gg) 27 180 + Bee 


where o = r/ay and ap is the Bohr radius (5.29 X 107!! m). 
Calculate the position of the nodes for this wave function. 


Polyelectronic Atoms 


vile 


Dr 


Radial probability 





eo ees 
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Total radial probability distributions for the helium, 
neon, and argon atoms are shown in the following 
graph. How can the shapes of these curves be interpreted 
in terms of electron configurations, quantum numbers, 
and nuclear charges? 


Radial electron density 





0 0.5 1.0 


Distance from nucleus (A) 


The relative orbital levels for the hydrogen atom can be 
represented as 


3s — 3p——— 3d————— 
FE 2— p——— 
sites 


Draw the relative orbital energy levels for atoms with 
more than one electron, and explain your answer. Also 
explain how the following radial probability distribu- 
tions support your answer. 


Radial probability 





ucleus 


sf 


Distance from the 


Distance from the nucleus 
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What is the difference between core electrons and va- 
lence electrons? Why do we emphasize the valence elec- 
trons in an atom when discussing atomic properties? 
What is the relationship between valence electrons and 
elements in the same group of the periodic table? 


The periodic table consists of four blocks of elements that 
correspond to s, p, d, and f orbitals being filled. After f 
orbitals come g and h orbitals. In theory, if a g block and 
an h block of elements existed, how long would the rows 
of g and h elements be in this theoretical periodic table? 


What is the maximum number of electrons in an atom 
that can have these quantum numbers? 


a.n=4 

b. n=S5,me= +1 

G n= 35,m;, = +3 
d.n=3,€=2 

e. n=2,€=1 

f. 2= 0, = 0, me = 0 

g n=2,€=1,m = —1,m, = -3 
h. n= 3,m, = +4 

i. n=2,€=2 

J 


.-n=1, =0,m =90 
The elements of Si, Ga, As, Ge, Al, Cd, S, and Se are all 
used in the manufacture of various semiconductor de- 
vices. Write the expected electron configurations for 
these atoms. 


. Write the expected electron configurations for the fol- 


lowing atoms: Sc, Fe, P, Cs, Eu, Pt, Xe, and Br. 


. Write the expected electron configurations for each of 


the following atoms: Cl, As, Sr, W, Pb, and Cf. 


. Using Fig. 12.29, list elements (ignore the lanthanides 


and actinides) that have ground-state electron configura- 
tions that differ from those we would expect from their 
positions in the periodic table. 


Write the expected ground-state electron configuration 

for the following. 

a. the element with one unpaired Sp electron that 

forms a covalent compound with fluorine 

b. the (as yet undiscovered) alkaline earth metal after 

radium 

the noble gas with electrons occupying 4f orbitals 

. the first-row transition metal with the most unpaired 
electrons 


a9 


For elements 1-36, there are two exceptions to the filling 
order as predicted from the periodic table. Draw the 
atomic orbital diagrams for the two exceptions, and in- 
dicate how many unpaired electrons are present. 


Given the valence electron orbital level diagram and the 
description, identify the element or ion. 
a. A ground state atom 


38 3p 
b. An atom in an excited state (assume two electrons 
occupy the 1s orbital) 


2S 2p 


83. 


84. 


86. 


88. 


90. 


Oi 


22. 


c. A ground state ion with a charge of —1 


4s Ap 
How many valence electrons do each of the following 


elements have, and what are the specific valence elec- 
trons for each element? 


aneGa d. In 
b. O e. Ar 
c. element 117 fae Bi 


In the ground state of mercury (Hg), 

a. how many electrons occupy atomic orbitals with 
n = 3? 

b. how many electrons occupy d atomic orbitals? 

c. how many electrons occupy p, atomic orbitals? 

d. how many electrons have spin “up” (m, = +3)? 


). In the ground state of element 115, Uup, 


a. how many electrons have 7 = S as one of their 
quantum numbers? 

b. how many electrons have € = 3 as one of their 
quantum numbers? 

c. how many electrons have m1 = 1 as one of their 
quantum numbers? 

d. how many electrons have m, = 
quantum numbers? 


1 . : 
— > as one of their 


Give possible values for the quantum numbers of the va- 
lence electrons in an atom of titanium (Ti). 


. One bit of evidence that the quantum mechanical model 


is “correct” lies in the magnetic properties of matter. At- 
oms with unpaired electrons are attracted by magnetic 
fields and thus are said to exhibit paramagnetism. The 
degree to which this effect is observed is directly related 
to the number of unpaired electrons present in the atom. 
Consider the ground-state electron configurations for Li, 
N, Ni, Te, Ba, and Hg. Which of these atoms would be 
expected to be paramagnetic, and how many unpaired 
electrons are present in each paramagnetic atom? 


Which of elements 1-36 have two unpaired electrons in 
the ground state? 


. Which of elements 1-36 have one unpaired electron in 


the ground state? 


A certain oxygen atom has the electron configuration 
1s?2s?2p,?2p,?. How many unpaired electrons are pres- 
ent? Is this an excited state for oxygen? In going from 
this state to the ground state, would energy be released 
or absorbed? 


How many unpaired electrons are present in each of the 
following in the ground state: O, O*, O-, Os, Zr, S, F, Ar? 


Which of the following electron configurations correspond 
to an excited state? Identify the atoms, and write the 
ground-state electron configuration where appropriate. 

as’ f3°23"3p" e, is spas 

b. Us72572p° d. [Ar]4s*3d>4p! 


The Periodic Table and Periodic Properties 


O35: 


Using the element phosphorus as an example, write 
equations for the processes in which the energy change 


94, 


Xe 
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100. 
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104. 


Exercises 589 


will correspond to the ionization energy and to the elec- 
tron affinity. 


Explain why the first ionization energy tends to increase 
as one proceeds from left to right across a period. Why is 
the first ionization energy of aluminum lower than that 
of magnesium and the first ionization energy of sulfur 
lower than that of phosphorus? 


. Why do the successive ionization energies of an atom 


always increase? Note the successive ionization energies 
for silicon given in Table 12.6. Would you expect to see 
any large jumps between successive ionization energies 
of silicon as you removed all the electrons, one by one, 
beyond those shown in the table? 


The radius trend and the ionization energy trend are exact 
opposites. Does this make sense? Define electron affinity. 
Electron affinity values are both exothermic (negative) 
and endothermic (positive). However, ionization energy 
values are always endothermic (positive). Explain. 


. Arrange the following groups of atoms in order of in- 


creasing size. 


a. Te, S, Se d. Rb, Na, Be 
Deke iat e. Sr, Se, Ne 
cy Bansitue fen @) 


Arrange the atoms in Exercise 97 in order of increasing 
first ionization energy. 


In each of the following sets, which atom or ion has the 
smallest ionization energy? 


a GamSiaba a, SSS 
b. K, Mn, Ga e. Cs, Ge, Ar 
GaN Oa 


In each of the following sets, which atom or ion has the 
smallest radius? 

a, lal, late 

b. Cl, In, Se 

c. element 120, element 119, element 117 

d. Nb, Zn, Si 

Can Naan Nan Nau 

The first ionization energies of As and Se are 0.947 MJ/ 
mol and 0.941 MjJ/mol, respectively. Rationalize these 
values in terms of electron configurations. 


. Rank the elements Be, B, C, N, and O in order of in- 


creasing first ionization energy. Explain your reasoning. 


. We expect the atomic radius to increase down a group in 


the periodic table. Can you suggest why the atomic ra- 
dius of hafnium breaks this rule? (See the following data.) 





Atomic Atomic 
Element Radius (A) Element Radius (A) 
Se Poy, wi 1.477 
ne 1693 LE 1593 
La SSS Hf 1.476 
Three elements have the electron configurations 


Ns-2872p3s93p°, ls-2s- 2p 355 anc, tse 2 p°3s-ops4s. 
The first ionization energies of these elements (not in the 
same order) are 0.419, 0.735, and 1.527 MJ/mol. The 
atomic radii are 1.60, 0.98, and 2.35 A. Identify the 
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three elements, and match the appropriate values of ion- pick the one with ’ bis 
ization energy and atomic radius to each configuration. a. the more favorable (exothermic) electron affinity 
105. Predict some of the properties of element 117 (symbol b. the higher OO | 
Uus following conventions proposed by the Interna- c. the larger size 
tional Union of Pure and Applied Chemistry [TUPAC]). The Alkali Metals 
a. What will be its electron configuration? 
b. What element will it most resemble chemically? 113. Does the information on alkali metals in Table 12.9 of 
c. What will be the formulas of the neutral binary com- the text confirm the general periodic trends in ionization 
pounds it forms with sodium, magnesium, carbon, energy and atomic radius? Explain. 
and oxygen? 114. An ionic compound of potassium and oxygen has the 
d. What oxyanions would you expect Uus to form? empirical formula KO. Would you expect this com- 
106. Order each of the following sets from the least exother- pound to be potassium(II) oxide or potassium peroxide? 
mic electron affinity to the most. Explain. 
a. F, Cl, Br, I b. N, O, F 115. Complete and balance the equations for the following 
107. In the second row of the periodic table, Be, N, and Ne reactions. 
all have endothermic (unfavorable) electron affinities, a. Li(s) + No(g) —> c. Cs(s) + H,O(1) —> 
whereas the other second-row elements have exothermic b. Rb(s) + S(s) —> d. Na(s) + Ch(g) —> 
(favorable) electron affinities. Rationalize why Be, N, 116. Cesium was discovered in natural mineral waters in 
and Ne have unfavorable electron affinities. 1860 by R. W. Bunsen and G. R. Kirchhoff, using the 
108. Which has the more negative electron affinity, the oxy- spectroscope they invented in 1859. The name comes 
gen atom or the O~ ion? Explain your answer. from the Latin word caesius, meaning “sky blue,” which 
109. The electron affinity for sulfur is more exothermic than describes the prominent blue line observed for this ele- 
that for oxygen. How do you account for this? ment at 455.5 nm. Calculate the frequency and energy of 
110. The electron affinities of the elements from aluminum to ‘ photen a Hehe, , 
chlorine are —44 kJ/mol, —120 kJ/mol, —74 kJ/mol, 117. The bright yellow light emitted by a sodium vapor lamp 
~200.4 kJ/mol, and —348.7 kJ/mol, respectively. Ratio- consists of two emission lines at 589.0 nm and 589.6 
nalize the trend in these values. nm. What are the frequency and the energy of a photon 
? 
| 11. Use data in this chapter to determine the following. of ae er Ce aoe de we 
a. the electron affinity of Mg** Blea rol : 
b. the electron affinity of Al* 118. Give the name and formula of the binary compound 
c. the ionization energy of Cl- formed by each of the following pairs of elements. 
d. the ionization energy of Cl a. Liand N d. Liand P 
e. the electron affinity of Cl* b. Na and Br e. Rb andH 
112. For each of the following pairs of elements, ae f. Na and H 
119. Predict the atomic number of the next alkali metal after 
(CandN) — (Arand Br) = (MgandK) —(F and Cl) francium, and give its ground-state electron configuration. 
Additional Exercises 
120. Spectroscopists use emission spectra to confirm the pres- 124. A certain microwave oven delivers 750. watts (J/s) of 
ence of an element in materials of unknown composi- power to a coffee cup containing 50.0 g of water at 
tion. How is this possible? 25.0°C. If the wavelength of microwaves in the oven is 
121. On which quantum number(s) does the energy of an 9.75 cm, how long does it take, and how many photons 
electron depend in each of the following? must be absorbed, to make the water boil? The specific 
a. a one-electron atom or ion heat capacity of water is 4.18 J °C~! g~!. Assume that 
b. an atom or ion with more than one electron only the water absorbs the energy of the microwaves. 
122. Elements with very large ionization energies also tend to 125, Mars is roughly 60 million km from earth. How long 
have highly exothermic electron affinities. Explain. does it take for a radio signal originating from earth to 
Which group of elements would you expect to be an ex- reach Mars? 
ception to this statement? 126. Photogray lenses incorporate small amounts of silver 
123. Diagonal relationships in the periodic table exist as well chloride in the glass of the lens. When light hits the AgCl 


as vertical relationships. For example, Be and Al are simi- 
lar in some of their properties, as are B and Si. Rational- 
ize why these diagonal relationships hold for properties 
such as size, ionization energy, and electron affinity. 


particles, the following reaction occurs: 


jhe 
AgCl —> Ag + Cl 


bay. 


Wavelength 7X 10~ 


128. 


129; 


130. 


Pele 


132% 


Red | Orange 


The silver metal formed causes the lenses to darken. The 
enthalpy change for this reaction is 3.10 X 10? kJ/mol. 
Assuming that all this energy must be supplied by light, 
what is the maximum wavelength of light that can cause 
this reaction? 


Consider the following approximate visible light spec- 
trum: 


6X 10> 510° 4X10° om 


Yellow | Green | Blue | Violet | Ultraviolet 


Barium emits light in the visible region of the spectrum. 
If each photon of light emitted from barium has an en- 
ergy of 3.59 X 107! J, what color of visible light is 
emitted? 











One of the visible lines in the hydrogen emission spec- 
trum corresponds to the 7 = 6 to 7 = 2 electronic transi- 
tion. What color light is this transition? See Exercise 127. 


Consider the representations of the p and d atomic orbit- 
als in Figs. 12.19 and 12.21. What do the + and — signs 
indicate? 


The following graph plots the first, second, and third 
ionization energies for Mg, Al, and Si. Without referenc- 
ing the text, which plot corresponds to which element? 
In one of the plots, there is a huge jump in energy be- 
tween I, and [3, unlike in the other two plots. Explain 
this phenomenon. 


— Ionization energy (kJ/mol) —» 





—_ 
No 
Ww 


Number of electrons removed 


Using data from this chapter, calculate the change in en- 
ergy expected for each of the following processes. 

a. Na(g) + Cl(g) —~> Na*(g) + Cl“(g) 

boMa(g) + P(g) > Mg? (g) + Fr (g) 

GoMe te) Bighsa Me “ig) dF -(g) 

d. Mg(g) + 2F(g) —> Mg**(g) + 2F (g) 

Write equations corresponding to the following energy 
terms. 

. the fourth ionization energy of Se 

. the electron affinity of S~ 

the electron affinity of Fe** 

. the ionization energy of Mg 

the work function of Mg (see Exercise 27) 


os 
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The successive ionization energies for an unknown ele- 
ment are 


I, = 896 kJ/mol 

I, = 1752 kJ/mol 
I; = 14,807 kJ/mol 
I, = 17,948 kJ/mol 


To which family in the periodic table does the unknown 
element most likely belong? 


An unknown element is a nonmetal and has a valence 

electron configuration of ns*np?. 

a. How many valence electrons does this element have? 

b. What are some possible identities for this element? 

c. What is the formula of the compound this element 
would form with potassium? 

d. Would this element have a larger or smaller radius 
than barium? 

e. Would this element have a greater or smaller ioniza- 
tion energy than fluorine? 


. An ion having a 4+ charge and a mass of 49.9 amu has 


two electrons with 1 = 1, eight electrons with m = 2, and 

ten electrons with m = 3. Supply the following properties 

for the ion. (Hint: In forming ions, the 4s electrons are 

lost before the 3d electrons.) 

. the atomic number 

. total number of s electrons 

. total number of p electrons 

. total number of d electrons 

. the number of neutrons in the nucleus 

. the mass of 3.01 X 107? atoms 

. the ground-state electron configuration of the 
neutral atom 


MWmoeandoewe 


Consider the following ionization energies for aluminum. 
I, = 580 kJ/mol 

I, = 1815 kJ/mol 

I; = 2740 kJ/mol 

I, = 11,600 kJ/mol 


Al(g) —> Al*(g) +e 
Al*(g) —> AP*t(g) + e&7 
Al*(g) —> A}*(g) + e~ 
Ab*+(g) —> Al**(g) +e 


a. Account for the increasing trend in the values of the 
ionization energies. 

b. Explain the large increase between [; and I4. 

c. Which one of the four ions has the greatest electron 
affinity? Explain. 

d. List the four aluminum ions given in the preceding 
reactions in order of increasing size, and explain 
your ordering. (Hint: Remember that most of the 
size of an atom or ion is due to its electrons.) 


. Answer the following questions, assuming that mm, has 


four values rather than two and that the normal rules 

apply for n, €, and me. 

a. How many electrons could an orbital hold? 

b. How many elements would be contained in the first 
and second periods of the periodic table? 

c. How many elements would be contained in the first 
transition metal series? 

d. How many electrons would the set of 4f orbitals be 
able to hold? 
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138. Although Mendeleev predicted the existence of several trons can occupy each allowed energy level, calculate 
undiscovered elements, he did not predict the existence the wavelength of electromagnetic radiation necessary 
of the noble gases, the lanthanides, or the actinides. Pro- to promote the highest-energy electron into the first ex- 
pose reasons why Mendeleev was not able to predict the cited state. 
existence of the noble gases. 141. The figure below represents part of the emission spec- 
139. Human color vision is “produced” by the nervous sys- trum for a one-electron ion in the gas phase. All the lines 
tem based on how three different cone receptors interact result from electronic transitions from excited states to 
with photons of light in the eye. These three different the n = 3 state. 
types of cones interact with photons of different fre- 
quency light, as indicated in the following chart: A B 
Cone Range of Light 
Type Frequency Detected 
S 6.00-7.49 X 1014 57! 
M 4.76-6.62 X 10% 57! 
Ss 1h 
IG 4.28-6.00 x 10'*'s Wavelencth 
What wavelength ranges (and corresponding colors) do a. What electronic transitions correspond to lines A 
the three types of cones detect? and B? 
140. Assume that four electrons are confined to a one- b. If the wavelength of line B is 142.5 nm, calculate the 
dimensional box 5.64 X 107!° m in length. If two elec- wavelength of line A. 
Challenge Problems 
142. An atom moving at its root mean square velocity at 147. For a hydrogen atom in its ground state, calculate the 
100.°C has a wavelength of 2.31 X 107!! m. Which relative probability of finding the electron in the area 
atom Is it? described. 
143. The ground state ionization energy for the one electron a. ina sphere of volume 1.0 x 107° pm* centered at 
ion X”"* is 4.72 X 104 kJ/mol. Identify X and m. ' the aie ne ean: 
; ; : UX ae x 
144. When the excited electron in a hydrogen atom falls from ae ee he were - oe oe eke 
n = 5 ton = 2, a photon of blue light is emitted. If an ‘ 2 5% fare baat a w oe . q 
excited electron in He* falls from n = 4, which energy : Shee os eae. j | Soe a 
level must it fall to so that a similar blue light (as with P Ae Ra pepe hs, ; 
recon emited prove d. ina shell between two concentric spheres, one with 
MoERS sire ai radius 9.95 pm and the other with radius 10.05 pm 
145, se eas ofa particle ina one-dimensional box can ean a shell between two concentric spheres, one with 
ee ee eae box Soe ale Ly radius 52.85 pm and one with radius 52.95 pm 
pio bee esey hae rege oe Ren eRerey 148. The treatment of a particle in a one-dimensional box can 
be fang snp be extended to a rectangular box of dimensions L,, L,, 
E= ‘ST a" p2 and L,, yielding the following expression for energy: 
x Ns 
The two quantum numbers independently can assume i he (2 2 ey z * 
only integer values. Consider an electron confined to a 8m\L, L L? 
two-dimensional box that is 8.00 nm in the x direction 
Piles Ober hes tien: The three quantum numbers 7,, ,, and 1, independently 
a. What are the quantum numbers for the first three pee Neat gga oe races vadage 
allonedencrey levels? a. Determine the energies of the three lowest levels, 
b. Calculate the wavelength of light necessary to sda etuaeee BOBO Naess = San 
Nromore antelecrromereambtne face erelied centers b. Describe the degeneracies of all the levels that corre- 
et SUS ae | spond to quantum numbers having values of 1 or 2. 
: How will these degeneracies change in a b h 
146. The following numbers are the ratios of second ioniza- dice fe i Seth aaa aS 
tion energy to first ionization energy: ; Get. 
BY BY 149. Assume that eight electrons are placed into the allowed 


Nave ee eal ets3 
Mg: 2.0 Stee 
Als 321 Chics 
Sime) AT ies 


Explain these relative numbers. 


energy levels of a cubic box where two electrons can oc- 
cupy each allowed energy level. (See Exercise 148 for the 
appropriate energy equation.) Calculate the wavelength 
of light necessary to promote the highest-energy ground- 
state electron into the lowest-energy excited state assum- 


ing a cubic box with dimensions 1.50 nm X 1.50 nm X 
1.50 nm. 


150. Assume that we are in another universe with different 
physical laws. Electrons in this universe are described by 
four quantum numbers with meanings similar to those 
we use. We will call these quantum numbers p, q, r, and 
s. The rules for these quantum numbers are as follows: 


Re We cer tale ee 
q takes on positive odd integer values and g S p. 
r takes on all even integer values from —q to +q. 


(Zero is considered an even number.) 
1 


s= +h Or —5 

a. Sketch what the first four periods of the periodic 
table will look like in this universe. 

b. What are the atomic numbers of the first four ele- 

ments you would expect to be least reactive? 

Give an example, using elements in the first four 

rows, of ionic compounds with the formulas XY, 

Ne XY, IES and Xo Y3. 


(@) 


Marathon Problem* 


iS yl 


152. 


Marathon Problem 593 


How many electrons can have p = 3? 

How many electrons can have p = 4, g = 3, r = 2? 
How many electrons can have p = 4, gq = 3? 

How many electrons can have p = 3, g = 0,r = 0? 
What are the possible values of g and r for p = 5? 
How many electrons can have p = 6? 


Se a 


a 


The ionization energy for a 1s electron in a silver atom is 

2.462 X 10° kJ/mol. 

a. Determine an approximate value for Z. for the Ag 
1s electron. You will first have to derive an equation 
that relates Z., to ionization energy. 

b. How does Z. from part a compare to Z for Ag? 
Rationalize the relative numbers. 


Without looking at data in the text, sketch a qualitative 
graph of the third ionization energy versus atomic num- 
ber for the elements Na through Ar, and explain your 
graph. 





153. From the information below, identify element X. 

a. The wavelength of the radiowaves sent by an FM 
station broadcasting at 97.1 MHz is 30 million 
(3.00 X 10”) times greater than the wavelength cor- 
responding to the energy difference between a par- 
ticular excited state of the hydrogen atom and the 
ground state. 

b. Let V represent the principal quantum number for 
the valence shell of element X. If an electron in the 
hydrogen atom falls from shell V to the inner shell 





*From James H. Burness, “The Use of “Marathon” Problems as Effective Ve- 
hicles for the Presentation of General Chemistry Lectures,” Journal of Chemical 
Education, 68(11). Copyright © 1991 American Chemical Society. Reprinted by 
permission. 


corresponding to the excited state mentioned in 

part a, the wavelength of light emitted is the same as 
the wavelength of an electron moving at a speed of 
570. m/s. 

c. The number of unpaired electrons for element X in 
the ground state is the same as the maximum 
number of electrons in an atom that can have the 
quantum number designations 1 = 2, my = —1, and 


oh 
Mie ater) 


d. Let A represent the principal quantum number for 
the electron in an excited He* ion in which the 
single electron has the same energy as the electron in 
the ground state of a hydrogen atom. This value of 
A also represents the angular momentum quantum 
number for the subshell containing the unpaired 


electron(s) for element X. 
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OWL 


Sign in to OWL at www.cengage.com/owl 
to view tutorials and simulations, develop 
problem-solving skills, and complete online 
homework assigned by your professor. 


Fe) Chemistry 


Download mini lecture videos for 
key concept review and exam prep 
from OWL or purchase them 

from www.cengagebrain.com. 





(top) Quartz grows in beautiful, regular 
crystals. (bottom) Two forms of carbon: 


graphite and diamond. 


he world around us is composed almost entirely of compounds and 

mixtures of compounds: Rocks, coal, soil, petroleum, trees, and hu- 

man bodies are all complex mixtures of chemical compounds in 

which different kinds of atoms are bound together. Substances com- 
posed of unbound atoms do exist in nature, but they are very rare. Examples 
are the argon in the atmosphere and the helium mixed with natural gas re- 
serves. 

The manner in which atoms are bound together in a given substance has a 
profound effect on its chemical and physical properties. For example, graphite 
is a soft, slippery material used as a lubricant in locks, and diamond is one of 
the hardest materials known, valuable both as a gemstone and in industrial 
cutting tools. Why do these materials, both composed solely of carbon atoms, 
have such different properties? The answer, as we will see, lies in the bonding 
within these substances. 

Silicon and carbon are next to each other in Group 4A on the periodic ta- 
ble. From our knowledge of periodic trends, we might expect $10) and CO) to 
be very similar. But SiO, is the empirical formula of silica, which is found in 
sand and quartz, whereas carbon dioxide is a gas, a product of respiration. 
Why are they so different? We will be able to answer this question after we 
have developed models for bonding. 

Bonding and structure play a central role in determining the course of all 
chemical reactions, many of which are vital to our survival. Later in this book 
we will demonstrate the importance of bonding and structure by showing how 
enzymes facilitate complex chemical reactions, how genetic characteristics are 
transferred, and how hemoglobin in the blood carries oxygen throughout the 
body. All these fundamental biological reactions hinge on the geometric struc- 
tures of molecules, sometimes depending on very subtle differences in molecu- 
lar shape to channel the chemical reaction one way rather than another. 

Many of the world’s current problems require fundamentally chemical an- 
swers: disease and pollution control, the search for new energy sources, the 
development of new fertilizers to increase crop yields, the improvement of 
the protein content in various staple grains, and many more. To understand 
the behavior of natural materials, we must understand the nature of chemical 
bonding and the factors that control the structures of compounds. In this chap- 
ter we will present various classes of compounds that illustrate the different 
types of bonds and then develop models to describe the structure and bonding 
that characterize materials found in nature. Later these models will prove use- 
ful in understanding chemical reactions. 





13.1 | 


Types of Chemical Bonds 


What is a chemical bond? There is no simple and yet complete answer to this 
question. In Chapter 2 we defined bonds as forces that hold groups of atoms 
together and make the atoms function as a unit. 

There are many types of experiments we can perform to determine the 
fundamental nature of materials. For example, we can study physical proper- 
ties such as melting point, hardness, and electrical and thermal conductivity. 
We can also study solubility characteristics and the properties of the resulting 
solutions. To determine the charge distribution in a molecule, we can study its 
behavior in an electric field. We can obtain information about the strength of 
a bonding interaction by measuring the energy required to break the bond, the 
bond energy. Spectroscopy, the study of the interactions of electromagnetic 
radiation with matter, gives a wealth of information about molecular structure 
and energy level spacings. 
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There are several ways atoms can interact with one another to form ag- 
gregates. We will consider several specific examples to illustrate the various 
types of chemical bonds. 

When solid sodium chloride is melted, it conducts electricity, a fact that 
convinces us that sodium chloride contains Na* and Cl- ions. Thus, when so- 
dium and chlorine react to form sodium chloride, electrons must be transferred 
from the sodium atoms to the chlorine atoms to form Na* and Cl- ions, which 
then aggregate to form solid sodium chloride. Why does this happen? The best 
simple answer is that the system can achieve the lowest possible energy by be- 
having in this way. Part of the favorable energy change results from the attrac- 
tion of a chlorine atom for an extra electron. Even more important are the very 
strong attractions between the oppositely charged ions. The resulting solid so- 
dium chloride is a very sturdy material; it has a melting point of about 800°C. 
The bonding forces that produce this great thermal stability result from the 
electrostatic attractions of the closely packed, oppositely charged ions. This is 
an example of ionic bonding. Ionic substances are formed when an atom that 
loses electrons relatively easily reacts with an atom that has a high affinity for 
electrons. That is, an ionic compound results when a metal reacts with a 
nonmetal. 

The energy of interaction between a pair of ions can be calculated by using 
Coulomb’s law: 


y = 2:2: 


47re€or 





lel 0a | nm( 222) 

where V has units of joules, r is the distance between the ion centers in nano- 
meters, O; and Q, are the numerical ion charges, and € is the permittivity of 
the vacuum. For example, in solid sodium chloride, where the distance be- 
tween the centers of the Na* and Cl ions is 276 picometers (0.276 nm), the 
ionic energy per pair of ions is 


Gil) Gel) 
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| = -8.37 x 10719J 


The negative sign indicates an attractive force. That is, the ion pair has lower 
energy than the separated ions. For a mole of pairs of Na* and Cl ions, the 
energy of interaction Is 


(-8.37 m 10-9 J |f 6.022 x 1023 co | 


V ; 
ion pair mol 


lI 


—504 kJ/mol 


Note that this energy refers to a mole of Na* - - Cl” ion pairs in the gas phase 
where a given pair is far from any other pair. In solid sodium chloride, which 
contains a large array of closely packed Na* and Cl” ions, where a given ion is 
close to many oppositely charged ions, the energy associated with ionic bond- 
ing is much greater than 504 kJ/mol because of the larger numbers of interact- 
ing ions. 

Coulomb’s law can also be used to calculate the repulsive energy when two 
like-charged ions are brought together. In this case the calculated energy value 
will have a positive sign. 

We have seen that a bonding force develops when two very different atoms 
react to form oppositely charged ions. But how does a bonding force develop 
between two identical atoms? Let’s explore this situation from a very simple 
point of view by considering the energy terms that result when two hydrogen 
atoms are brought close together, as shown in Fig. 13.1(a). For two closely 
spaced hydrogen atoms, there are two unfavorable energy terms, proton—proton 
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*H atom ~ Hatom’ 


Sufficiently far apart 
to have no interaction 





H atom H atom 
The atoms begin to interact 
as they move closer together. 








H, molecule 


Optimum distance to achieve 
(a) lowest overall energy of system 


Figure 13.1 

(a) The interaction of two hydrogen 
atoms. (b) Energy profile as a function 
of the distance between the nuclei of 
the hydrogen atoms. As the atoms 
approach each other, the energy 
decreases until the distance reaches 
0.074 nm (0.74 A) and then begins to 
increase again because of repulsions. 


Bonding occurs if the energy of the 
aggregate is lower than that of the sep- 
arated atoms. 


The atoms in He (and all other mole- 
cules) actually vibrate back and forth 
around the equilibrium internuclear 
distance. 


Energy (kJ/mol) 


-458 —~ 





0 0.074 Internuclear distance (nm) —————_—_—> 


(b) (H—H bond length) 


repulsion and electron-electron repulsion, and one favorable term, proton— 
electron attraction. Under what conditions will the H molecule be favored over 
the separated hydrogen atoms? That is, what conditions will favor bond forma- 
tion? The answer lies in nature’s strong tendency to achieve the lowest possible 
energy. A bond will form—that is, the two hydrogen atoms will exist as a mo- 
lecular unit—if the system can lower its total energy in the process. 

Therefore, the hydrogen atoms will assume the positions that give the low- 
est possible energy; the system will act to minimize the sum of the positive 
(repulsive) energy terms and the negative (attractive) energy terms. The dis- 
tance at which the energy is minimum is called the equilibrium internuclear 
distance or, more commonly, the bond length. The total energy of this system 
as a function of distance between the hydrogen nuclei is shown in Fig. 13.1(b). 
Note four important features of this diagram: 


1. The energy terms involved are the potential energy that results from the 
attractions and repulsions among the charged particles and the kinetic en- 
ergy caused by the motions of the electrons. 


2. The zero reference point for energy is defined for the atoms at infinite 
separation. 


3. At very short distances the energy rises steeply because of the great impor- 
tance of the internuclear repulsive forces at these distances. 


4. The bond length is the distance at which the system has minimum energy, 
and the bond energy corresponds to the depth of the “well” at this distance. 


In the H) molecule the electrons reside primarily in the space between the 
two nuclei, where they are attracted simultaneously by both protons. This po- 
sitioning is precisely what leads to the stability of the H, molecule relative to 
two separated hydrogen atoms. The potential energy of each electron is low- 
ered because of the increased attractive forces in this area. Although it is not 
usually discussed in connection with simple models of bonding, we should note 
that the kinetic energy of the electrons also changes when the individual atoms 
form the molecule. Thus the energy plotted in Fig. 13.1(b) is the total energy of 
the system, not just the potential energy. When we say that a bond is formed 
between the hydrogen atoms, we mean that the H) molecule is more stable 
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No Lead Pencils 


Chemical Insights 





Did you ever wonder why the part of a pencil that 
makes the mark is called the “lead”? Pencils have 
no lead in them now—and they never have. Appar- 
ently the association between writing and the 
element lead arose during the Roman Empire, 
when lead rods were used as writing utensils 
because they leave a gray mark on paper. Many 
centuries later, in 1564, a deposit of a black sub- 
stance found to be very useful for writing was dis- 
covered in Borrowdale, England. This substance, 
originally called “black lead,” was shown in 1879 
by Swedish chemist Carl Sheele to be a form of 
carbon and was subsequently named graphite 
(after the Greek graphein, meaning “to write”). 
Originally, chunks of graphite from Borrow- 
dale, called “marking stones,” were used as 
writing instruments. Later, sticks of graphite were 
used. Because graphite is brittle, the sticks needed 
reinforcement. At first they were wrapped in 
string, which was unwound as the core wore 
down. Eventually, graphite rods were tied between 
two wooden slats or inserted into hollowed-out 
wooden sticks to form the first crude pencils. 
Although Borrowdale graphite was pure 
enough to use directly, most graphite must be 
mixed with other materials to be useful for writing 
instruments. In 1795, French chemist Nicolas- 
Jaques Conté invented a process in which graphite 
is mixed with clay and water to produce pencil 
“lead,” a recipe that is still used today. In modern 
pencil manufacture, graphite and clay are mixed 
and crushed into a fine powder to which water is 
added. After the gray sludge is blended for several 
days, it is dried, ground up again, and mixed with 
more water to give a gray paste. The paste is 
extruded through a metal tube to form thin rods, 
which are then cut into pencil-length pieces called 





“leads.” These leads are heated in an oven to 
1000°C until they are smooth and hard. The ratio 
of clay to graphite is adjusted to vary the hardness 
of the lead—the more clay in the mix, the harder 
the lead and the lighter the line it makes. 

Pencils are made from a slat of wood with 
several grooves cut in it to hold the leads. A similar 
grooved slat is then placed on top and glued to 
form a “sandwich” from which individual pencils 
are cut, sanded smooth, and painted. Although 
many types of wood have been used over the years 
to make pencils, the current favorite is incense 
cedar from the Sierra Nevada Mountains of 
California. 

Modern pencils are simple but amazing instru- 
ments. The average pencil can write approximately 
45,000 words, which is equivalent to a line 
35 miles long. The graphite in a pencil is easily 
transferred to paper because graphite contains 
layers of carbon atoms bound together in a 
“chicken-wire” structure. Although the bonding 
within each layer is very strong, the bonding 
between layers is weak, giving graphite its slippery, 
soft nature. In this way, graphite is much different 
from diamond, the other common elemental form 
of carbon. In diamond the carbon atoms are 
bound tightly in all three dimensions, making it 
extremely hard—the hardest natural substance. 

Pencils are very useful—especially for doing 
chemistry problems—because we can erase our 
mistakes. Most pencils used in the United States 
have erasers (first attached to pencils in 1858), 
although most European pencils do not. Laid end 
to end, the number of pencils made in the United 
States each year would circle the earth about 
15 times. Pencils illustrate how useful a simple 
substance like graphite can be. 








Types of Chemical Bonds 


than two separated hydrogen atoms by a certain quantity of energy (the bond 
energy). 

We can also think of a bond in terms of forces. The simultaneous attrac- 
tion for each electron by the two protons generates a force that pulls the pro- 
tons toward each other. This attractive force just balances the proton—proton 
and electron-electron repulsive forces at the distance corresponding to the 
bond length. 

The type of bonding we encounter in the hydrogen molecule and in many 
other molecules in which electrons are shared by nuclei is called covalent 


bonding. 
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Figure 13.2 

The effect of an electric field on hydro- 
gen fluoride molecules. (a) When no 
electric field is present, the molecules 
are randomly oriented. (1b) When the 
field is turned on, the molecules tend to 
line up with their negative ends toward 
the positive pole and their positive ends 
toward the negative pole. (This illustra- 
tion exaggerates the effect. Actually, 
only a small fraction of the molecules 
are lined up with the field at a given 
instant.) 





























So far we have considered two extreme types of bonding. In ionic bonding 
the participating atoms are so different that one or more electrons are transferred 
to form oppositely charged ions. The bonding results from electrostatic interac- 
tions among the resulting ions. In covalent bonding two identical atoms share 
electrons equally. The bonding results from the mutual attraction of the two 
nuclei for the shared electrons. Between these extremes lie intermediate cases in 
which the atoms are not so different that electrons are completely transferred but 
are different enough so that unequal sharing results. These are called polar cova- 
lent bonds. An example of this type of bond occurs in the hydrogen fluoride (HF) 
molecule. When a sample of hydrogen fluoride gas is placed in an electric field, 
the molecules tend to orient themselves as shown in Fig. 13.2, with the fluoride 
end closest to the positive pole and the hydrogen end closest to the negative pole. 
This result implies that the HF molecule has the following charge distribution: 


HF 
OemOrm 


where 6 (delta) is used to indicate a fractional charge. This same effect was 
noted in Chapter 4, where many of water’s unusual properties were attributed 
to the polar O—H bonds in the H,O molecule. 

The most logical explanation for the development of the partial positive 
and negative charges on the atoms (bond polarity) in such molecules as HF and 
H,0 is that the electrons in the bonds are not shared equally. For example, we 
can account for the polarity of the HF molecule by assuming that the fluorine 
atom has a stronger attraction for the shared electrons than the hydrogen atom. 
Similarly, in the H,O molecule the oxygen atom appears to attract the shared 
electrons more strongly than the hydrogen atoms. Because bond polarity has 
important chemical implications, we find it useful to quantify the ability of an 
atom to attract shared electrons. In the next section we show how this is done. 
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Electronegativity 


The different affinities of atoms for the electrons in a bond are described by a 
property called electronegativity: the ability of an atom in a molecule to attract 
shared electrons to itself. 

The most widely accepted method for determining electronegativity values 
is that of Linus Pauling (1901-1995), an American scientist who won Nobel 
Prizes for both chemistry and peace. To understand Pauling’s model, consider 
a hypothetical molecule HX. The relative electronegativities of the H and X 
atoms are determined by comparing the measured H—X bond energy with the 





Decreasing electronegativity 


Figure 13.3 

The Pauling electronegativity values. 
Electronegativity generally increases 
across a period and decreases down a 
group. 


The factor of 0.102 is a conversion 
factor between kJ and eV (the units 
originally used by Pauling). 


Table 13.1 


The Relationship Between 
Electronegativity and Bond Type 














Electronegativity 
Difference in the Bond 
Bonding Atoms Type 
Zero Covalent 
| dj Polar 
Intermediate tien 
Large Tonic 
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Increasing electronegativity 








“expected” H—X bond energy. The expected bond energy is an “average” 
(actually the geometric mean) of the H—H and X—X bond energies: 


Expected H—X bond energy 
= [(H—H bond energy)(X—X bond energy)]!” 


The difference (A) between the actual (measured) and expected bond energies is 
a (HX) ag _ (Ela Jere 


If H and X have identical electronegativities, (H—X)act and (H—X),xp are the 
same and A is 0. On the other hand, if X has a greater electronegativity than 
H, the shared electron(s) will tend to be closer to the X atom. The molecule 
will be polar, with the following charge distribution: 


bax 
oO o— 


Note that this bond can be viewed as having an ionic as well as a covalent 
component. The electrostatic attraction between the partially charged H and 
X atoms will lead to a greater bond strength. Thus (H—X),, will be larger 
than (H—X),.x». The greater the difference in the electronegativities of the at- 
oms, the greater is the ionic component of the bond and the greater is the value 
of A. Thus the relative electronegativities of H and X can be assigned from the 
A values. 

The actual formula Pauling used to calculate electronegativity (EN) differ- 
ences is 


EN(X) — EN(H) = 0.102V/A 


where all bond energies are in units of kJ/mol. Pauling then obtained absolute 
electronegativity values for the elements by assigning a value of 4.0 to fluorine 
(the element with the highest electronegativity). 

Electronegativity values have been determined by this process for virtually 
all the elements; the results are given in Fig. 13.3. Note that for the representa- 
tive elements, electronegativity generally increases from left to right across a 
period and decreases down a group. The range of electronegativity values is 
from 4.0 for fluorine to 0.7 for francium. 

The relationship between electronegativity and bond type is shown in 
Table 13.1. For identical atoms (electronegativity difference of zero), the elec- 
trons in the bond are shared equally and no polarity occurs. When two atoms 
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Table 13.2 


A Comparison of Pauling’s and Allen’s 
Electronegativity Values for Selected 
Representative Elements 














with widely differing electronegativities interact, electron transfer usually oc- 
curs, producing ions—an ionic substance is formed. Intermediate cases give 
polar covalent bonds with unequal electron sharing. 


OWL INTERACTIVE EXAMPLE 13.1 


Arrange the following bonds according to increasing polarity: H-H, O—H, 
CI—H, S—H, and F—H. 


Solution The polarity of the bond increases as the difference in electronegativ- 
ity increases. From the electronegativity values in Fig. 13.3, the following vari- 
ation in bond polarity is expected (the Pauling electronegativity value appears 
in parentheses below each element): 


H—H"=..S—H = Cl = Od ar it 
(2.2)(2.2)  (2.6)(2.2) (3.2)(2.2)  (3.4)(2.2) (4.0)(2-2) 


Electronegativity 
difference 0 0.4 Lt 132. 1.8 


Covalent bond ——————————> polar covalent bond 
Polarity increases 


Although Pauling’s electronegativity values are the ones most commonly 
found in textbooks, several other systems for obtaining electronegativity val- 
ues have been proposed. Recently, Leland C. Allen of Princeton University has 
pioneered an electronegativity scale based on the average ionization energies of 
the valence electrons for a given atom. Allen’s system allows calculation of an 
electronegativity value for an atom that is independent of its bonding environ- 
ment. In this system electronegativity becomes a property of the isolated atom. 
This approach is fundamentally different from Pauling’s system, which is de- 
rived from the bond energies of atoms attached to one another. 

Although we will not consider the details of Allen’s quantum mechanical 
analysis, it is useful to compare Allen’s and Pauling’s values for some of the 
more important representative elements (Table 13.2). While many values are 
similar, some significant differences appear. 

Allen has made a strong case that his system for obtaining electronegativi- 
ties is more meaningful than that created by Pauling. Allen’s values are now 
becoming accepted by the chemical community. 





Atom Pauling Allen 
H AGL) 2.300 
Li 0.98 O91? 
Be 1S 7/ 1.576 
B 2.04 2.051 
Cc 2 SS) 2.544 
N 3.04 3.066 
O 3.44 3.610 
F 3298 4.193 
Ne -— 4.787 
Cl 3.16 2.869 
Br 2.96 2.685 
I 2.66 23399 
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The debye is named after Peter Debye, 
who pioneered in the measurement of 


dipole moments 


Bond Polarity and Dipole Moments 


We have seen that when hydrogen fluoride is placed in an electric field, the 
molecules have a preferential orientation (Fig. 13.2). This follows from the 
charge distribution in the HF molecule, which has a positive end and a negative 
end. A molecule such as HF that has a center of positive charge and a center of 
negative charge is said to be dipolar, or to have a dipole moment. A molecule 
that has a positive center of charge of magnitude O and a negative center of 
charge of magnitude O separated by a distance R has a dipole moment given 
by the expression 


Dipole moment = 4 = OR 


which has SI units of coulomb meter (C m) but is most often given in units of 
debye [1 debye (D) = 3.336 X 10-°° C m]. The dipolar character of a molecule 





Figure 13.4 

An electrostatic potential diagram of 
HF. Red indicates the most electron- 
rich area (the fluorine atom) and blue 
indicates the most electron-poor region 
(the hydrogen atom). 


Table 13.3 


The Dipole Moments of Some 
Diatomic Molecules (gas phase) 








Molecule Dipole Moment (D) 
CO 0.112 

HF 1.83 

HCl eid 

HBr 0.78 

HI 0.38 

NaCl 9.00 

LiF 6.33 

KF 8.60 


KBr 10.41 
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is often represented by an arrow pointing to the negative charge center, with 
the tail of the arrow indicating the positive center of charge: 


b+ fo) 


The dipole moment of a molecule gives useful information about its bond- 
ing and electron distribution. For example, the observed dipole moment for 
HF is 1.83 D. If HF were totally ionic (H*F~), the expected dipole moment 
(symbolized by w) would be 


H—F bond 
charge distance 
v 1 
we = (1.60 X 10-19 C)(9.17 x 10-11 m) 


1.47 x 10°” Cm =4.40D 


Electron 


This calculation shows that HF is not fully ionic, since the measured dipole 
moment is much less than 4.40 D. We can estimate the ionic character of HF 
by assuming that the hydrogen has a charge 6+ and the fluorine has a charge 
5—. Using the measured dipole moment, we have 


1D, 


1.83 D. = 6)(9. 17 (052m) 
(6)( BE rere ain 





Solving for 5 gives 6.66 X 10°*° C. Since the charge on an electron is 
1.60 X 107!’ C, each atom in HF has a fractional charge of 
6.668x, 10me> C 
1.60:< 1022'C 





= 0.416 


From this argument we might say that HF has 42% ionic bonding. Although 
this analysis is somewhat oversimplified (it assumes that charge distributions 
can be represented as point charges, for example), it does provide useful infor- 
mation about bonding. Recall that the dipolar character of a molecule is often 
represented by an arrow pointing to the negative charge center with the tail of 
the arrow indicating the positive center of charge: 





Another way to represent the charge distribution in HF is by an electro- 
static potential diagram (Fig. 13.4). For this representation the colors of visible 
light are used to show the variation in charge distribution. Red indicates the 
most electron-rich region of the molecule, and blue indicates the most electron- 
poor region. 

From what has been said so far, we would expect any diatomic molecule 
with a polar bond (between atoms with different electronegativities) to ex- 
hibit a dipole moment. Although this is generally true, the observed dipole 
moments of diatomic molecules are sometimes smaller than expected. For 
example, the carbon monoxide molecule CO has a dipole moment of only 
0.11 D, much smaller than expected from the polarity of the CO bond. This 
discrepancy is most likely caused by the lone pairs of electrons on the atoms, 
which make large contributions to the dipole moment in opposition to that 
from the bond polarity. We will not explore the details of this situation here. 
The dipole moments of some representative diatomic molecules are listed in 


Tiablel3.3: 
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Figure 13.5 

(a) The charge distribution in the water 
molecule. (b) The water molecule in an 
electric field. (c) The electrostatic poten- 
tial diagram of the water molecule. 


Figure 13.6 

(a) The structure and charge distribution 
of the ammonia molecule. The polarity 
of the N—H bonds occurs because 
nitrogen has a greater electronegativity 
than hydrogen. (b) The dipole moment 
of the ammonia molecule oriented in an 
electric field. (c) The electrostatic poten- 
tial diagram for ammonia. 


Figure 13.7 

(a) The carbon dioxide molecule. 

(6) The opposed bond polarities cancel 
out, and the carbon dioxide molecule 
has no dipole moment. (c) The electro- 
static potential diagram for carbon 
dioxide. 











(a) (b) (c) 





(a) (b) 


Polyatomic molecules can also exhibit dipolar behavior. For example, be- 
cause the oxygen atom in the water molecule has a greater electronegativity 
than the hydrogen atoms, the molecular charge distribution is that shown in 
Fig. 13.5(a). This charge distribution causes the water molecule to behave in an 
electric field as if it had two centers of charge—one positive and one negative— 
as shown in Fig. 13.5(b). Thus the water molecule has a dipole moment. Simi- 
lar behavior is observed for the NH; molecule (Fig. 13.6). Some molecules 
have polar bonds but do not have a dipole moment. This occurs when the in- 
dividual bond polarities are arranged in such a way that they cancel. An ex- 
ample is the CO) molecule, a linear molecule that has the charge distribution 
shown in Fig. 13.7. In this case, since the opposing bond polarities cancel, the 
carbon dioxide molecule does not have a dipole moment. There is no preferen- 
tial way for this molecule to line up in an electric field. (Try to find a preferred 
orientation.) 

There are many cases where the bond polarities in molecules oppose and 
exactly cancel each other. Some common types of molecules with polar bonds 
but without dipole moments are shown in Table 13.4. 


EXAMPLE 13.2 


For each of the following molecules, show the direction of the bond polarities. 
Also indicate which ones have dipole moments: HCl, Cl, SO; (planar), CH, 
(tetrahedral), and HS (V-shaped). 
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Table 13.4 


Types of Molecules with Polar Bonds but No Resulting Dipole Moment 





Cancellation 











Type of Polar Bonds Example Ball-and-Stick Model 
Linear molecules with B—A—B — 
two identical bonds oe ; e 8 8 
Planar molecules with B 8 
three identical bonds ae | SO; 2 ra) 
120 degrees apart 5 i} 
ee eee eos 8 
Tetrahedral molecules B s 
with four identical bonds ; me | CCl, e 
109.5 degrees apart e wy FO ARS ae 
/ \ an our 
i J2 A\—p e gs 
See i 8 3 
B e 








Solution The HCl molecule: Because the electronegativity of chlorine (3.2) is 
greater than that of hydrogen (2.2), the chlorine is partially negative, and the 
hydrogen is partially positive. The HCI molecule has a dipole moment oriented 
as follows: 


5+ 5- 





The Cl, molecule: Because the two chlorine atoms share the electrons equally, 
no bond polarity occurs. The Cl, molecule has no dipole moment. 


The SO; molecule: Because the electronegativity of oxygen (3.4) is greater 
than that of sulfur (2.6), each oxygen has a partial negative charge, and the 
sulfur has a partial positive charge: 





However, the bond polarities cancel, and the molecule has no dipole moment. 





The CH, molecule: Carbon has a slightly higher electronegativity (2.6) than 
hydrogen (2.2). This leads to small partial positive charges on the hydrogen 
atoms and a small partial negative charge on the carbon: 


ED 5+ 
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This case is similar to the third type in Table 13.4. Since the bond polarities 
cancel, the molecule has no dipole moment. 


The H,S molecule: Since the electronegativity of sulfur (2.6) is greater than that 
of hydrogen (2.2), the sulfur has a partial negative charge, and the hydrogen 
atoms have a partial positive charge, which can be represented as follows: 


6+ Ho H 5+ 


26- 


This case is analogous to the water molecule. The polar bonds result in a dipole 
moment oriented as shown. 


y y 





13.4 


Atoms in stable compounds usually 
have a noble gas electron configuration. 


As we will see later, there are excep- 
tions to these rules, but they remain a 
useful place to start. 


In the solid state of an ionic compound, 
the ions are relatively close together, 
and many ions are simultaneously 
interacting: 


6.00 
ae ' see <—> repulsion 
o ‘ <—> attraction 





Ions: Electron Configurations and Sizes 


The description of the electron arrangements in atoms that emerged from the 
quantum mechanical model has helped a great deal in our understanding of 
what constitutes a stable compound. For example, in a very large number of 
stable compounds, the atoms have noble gas arrangements of electrons. Non- 
metallic elements achieve a noble gas electron configuration either by sharing 
electrons with other nonmetals to form covalent bonds or by taking electrons 
from metals to form ions. In the latter case the nonmetals form anions and the 
metals form cations. The following generalizations can be applied to the elec- 
tron configurations in most stable compounds: 


a When two nonmetals react to form a covalent bond, they share electrons in 
a way that completes the valence electron configurations of both atoms. That 
is, both nonmetals attain noble gas electron configurations. 


a When a nonmetal and a representative group metal react to form a binary 
ionic compound, the ions form so that the valence electron configuration of 
the nonmetal is completed and the valence orbitals of the metal are emptied. 
In this way both ions achieve noble gas electron configurations. 


Although there are some important exceptions, these generalizations apply 
to the vast majority of compounds and are important to remember. We will 
deal with covalent bonds more thoroughly later. Next, we will consider what 
implications these rules hold for ionic compounds. 


Predicting Formulas of lonic Compounds 


At the beginning of this discussion, we should emphasize that when chemists 
use the term ionic compound, they are usually referring to the solid state of 
that compound. Solid ionic compounds contain a large collection of positive 
and negative ions packed together in a way that minimizes the © - - © and 
@®--@ repulsions and maximizes the @ - : © attractions. This situation is in 
contrast to the gas phase of an ionic substance, where discrete ion pairs exist. 
Thus, when we speak in this text of the stability of an ionic compound, we are 
referring to the solid state, where the large attractive forces present among the 
oppositely charged ions tend to stabilize (favor the formation of) the ions. For 
example, as we mentioned in the previous chapter, the O2~ ion is not stable as 


In the gas phase of an ionic substance, 
the ions would be relatively far apart 
and would not contain large groups of 
ions: 


So @ 
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an isolated gas-phase species but, of course, is very stable in many solid ionic 
compounds. That is, MgO(s), which contains Mg*t and O?~ ions, is very sta- 
ble, but the isolated gas-phase ion pair Mg?* - - O?> is not energetically favor- 
able in comparison with the separate neutral gaseous atoms. Thus you should 
keep in mind that in this section, and in most other cases in which we are de- 
scribing the nature of ionic compounds, the discussion usually refers to the 
solid state, in which many ions are simultaneously interacting. 

To illustrate the principles of electron configurations in stable, solid ionic 
compounds, we will consider the formation of an ionic compound from cal- 
cium and oxygen. We can predict what compound will form by considering the 
valence electron configurations of the two atoms: 


Ca: [Ar|4s? 
O: [He]2s?2p4 


From Fig. 13.3 we see that the electronegativity of oxygen (3.4) is much greater 
than that of calcium (1.0). Because of this large difference, electrons will be 
transferred from calcium to oxygen to form oxygen anions and calcium cations 
in the compound. How many electrons are transferred? We can base our pre- 
diction on the observation that noble gas configurations are generally the most 
stable. Note that oxygen needs two electrons to fill its 2s and 2p valence orbit- 
als and to achieve the configuration of neon (1s?2s?2p°). And by losing two 
electrons, calcium can achieve the configuration of argon. Two electrons are 
therefore transferred: 
Ca + O —> Ca? + O?- 

ae 

To predict the formula of the ionic compound, we simply recognize that 
chemical compounds are always electrically neutral—they have the same quan- 
tities of positive and negative charges. In this case we must have equal numbers 
of Ca?* and O7~ ions, and the empirical formula of the compound is CaO. 

The same principles can be applied to many other cases. For example, 
consider the compound formed between aluminum and oxygen. Because alu- 
minum has the configuration [Ne]3s?3p!, it must lose three electrons to form 
the Al>* ion and thus achieve the neon configuration. Therefore, the Al?* and 
©?~ ions form in this case. Since the compound must be electrically neutral, 
there must be three O?~ ions for every two Al°* ions, and the compound has 
the empirical formula Al,O3. 

Table 13.5 shows common elements that form ions with noble gas electron 
configurations in ionic compounds. In losing electrons to form cations, metals 
in Group 1A lose one electron, those in Group 2A lose two electrons, and those 
in Group 3A lose three electrons. In gaining electrons to form anions, nonmet- 
als in Group 7A (the halogens) gain one electron, and those in Group 6A gain 


Table 13.5 





Electron 
Group 1A. Group2A_  Group3A  Group6A Group 7A — Configuration 





Vie bal Be** [He] 
Na* Me2+ AB O2- F [Ne] 
Ka Ga 5 Cl” [Ar] 
Rb* Sra? Se? Br [Kr] 

[Xe] 
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For isoelectronic ions, size generally 
decreases as Z increases. 





two electrons. Hydrogen typically behaves as a nonmetal and can gain one 
electron to form the hydride ion (H~), which has the electron configuration of 
helium. 

There are some important exceptions to the rules discussed here. For ex- 
ample, tin forms both Sn2* and Sn‘* ions, and lead forms both Pb** and Pb** 
ions. Also, bismuth forms Bi3* and Bi’* ions, and thallium forms Tl* and TI* 
ions. There are no simple explanations for the behavior of these ions. For now, 
just note them as exceptions to the very useful rule that ions generally adopt 
noble gas electron configurations in ionic compounds. Our discussion here 
refers to representative metals. The transition metals exhibit more complicated 
behavior, forming a variety of ions that will be considered in Chapter 19. 


Sizes of lons 


Ion size plays an important role in determining the structure and stability of 
ionic solids, the properties of ions in aqueous solution, and the biological ef- 
fects of ions. As with atoms, it is impossible to define precisely the sizes of ions. 
Most often, ionic radii are determined from the measured distances between 
ion centers in ionic compounds. This method, of course, involves an assump- 
tion about how the distance should be divided up between the two ions. Thus 
you will note considerable disagreement among ionic sizes given in various 
sources. Here we are mainly interested in trends and will be less concerned 
with absolute ion sizes. 

Various factors influence ionic size. We will first consider the relative sizes 
of an ion and its parent atom. Since a positive ion is formed by removing elec- 
trons from a neutral atom, the resulting cation is smaller than its parent atom. 
The opposite is true for negative ions; the addition of electrons to a neutral 
atom produces an anion significantly larger than its parent atom. 

It is also important to know how the sizes of ions vary depending on the 
positions of the parent elements in the periodic table. Figure 13.8 shows the 
sizes of the most important ions (each with a noble gas configuration) and their 
position in the periodic table. Note that ion size increases down a group. The 
changes that occur horizontally are complicated because of the change from 
predominantly metals on the left-hand side of the periodic table to nonmetals 
on the right-hand side. A given period thus contains both elements that give up 
electrons to form cations and ones that accept electrons to form anions. 

One trend worth noting involves the relative sizes of a set of isoelectronic 
ions—ions containing the same number of electrons. Consider the ions O2-, 
F~, Na*, Mg**, and Al°*. Each of these ions has the neon electron configura- 
tion. How do the sizes of these ions vary? In general, there are two important 
facts to consider in predicting the relative sizes of ions: the number of electrons 
and the number of protons. Since these ions are isoelectronic, the number of 
electrons is 10 in each case. Electron repulsions should therefore be about the 
same in all cases. However, the number of protons increases from 8 to 13 as 
we go from the O?~ ion to the Al>* ion. Thus, in going from O2~ to Al*, the 
10 electrons experience a greater attraction as the positive charge on the nu- 
cleus increases. This causes the ions to become smaller. You can confirm this 
by looking at Fig. 13.8. In general, for a series of isoelectronic ions, the size 
decreases as the nuclear charge (Z) increases. 


WWL INTERACTIVE EXAMPLE 13.3 


Arrange the ions Se?-, Br-, Rb*, and Sr2* in order of decreasing size. 


Solution This is an isoelectronic series of ions with the krypton electron con- 
figuration. Since these ions all have the same number of electrons, their sizes 


Figure 13.8 


Sizes of ions related to positions of 
elements in the periodic table. Note 
that size generally increases down a 
group. Also note that in a series of 
isoelectronic ions, size decreases with 
increasing atomic number. The ionic 
radii are given in units of picometers. 


lon size generally increases down a 


group. 
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60 31 
140 136 
Na* Mg?* Al** % 
@ @ @ wi @ 
95 65 50 
184 181 
Ga** 
9) 
ee 198 
In°?* Sn*? Sb°t = 
148 113 81 71 62 2 
221 





will depend on nuclear charge. The Z values are 34 for Se*~, 35 for Br-, 37 for 
Rb*, and 38 for Sr?*. Since the nuclear charge is greatest for Sr**, it is the 
smallest of these ions. The Se?~ ion is largest. 


Se2- > Br> > Rbt > Sr2+ 
t i} 


Largest Smallest 


OWL INTERACTIVE EXAMPLE 13.4 
Choose the largest ion in each of the following groups. 


atlas Na’ Kee Rb Gs” bo Bat, Gs®, lester 


Solution 

a. The ions are all from Group 1A elements. Since size increases down a group 
(the ion with the greatest number of electrons is the largest), Cs* is the larg- 
est 10n. 

b. This is an isoelectronic series of ions, all of which have the xenon electron 
configuration. The ion with the smallest nuclear charge is the largest ion. 


Letra cer Cs Batt 
R= 50)  F= 530 Z=5h0. Z=56 





13.5 


Formation of Binary Ionic Compounds 


In this section we will introduce the factors that influence the stability and the 
structures of solid binary ionic compounds. We know that metals and nonmet- 
als react by transferring electrons to form cations and anions that are mutually 
attractive. The resulting ionic solid forms because the aggregated oppositely 
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The structures of ionic solids will be 
discussed in detail in Chapter 16. 


charged ions have a lower energy than the original elements. Just how strongly 
the ions attract each other in the solid state is indicated by the lattice energy— 
the change in energy that takes place when separated gaseous ions are packed 
together to form an ionic solid: 


M*(g) + X-(g) —~> MX(s) 


The lattice energy is often defined as the energy released when an ionic solid 
forms from its ions. However, in this book the sign of an energy term is always 
determined from the system’s point of view: negative if the process is exother- 
mic; positive if endothermic. Thus lattice energy has a negative sign. 

We can illustrate the energy changes involved in the formation of an ionic 
solid by considering the formation of solid lithium fluoride from its elements: 


Li(s) + $F,(g) ——> LiF(s) 


To see the energy terms associated with this process, we take advantage of the 
fact that energy is a state function and break this reaction into steps, the sum 
of which gives the overall reaction. 


Step 1 
Sublimation of solid lithium. Sublimation involves taking a substance from the 
solid state to the gaseous state: 


Li(s) =>" Tilg) 
The enthalpy of sublimation for Li(s) is 161 kJ/mol. 
Step 2 
Ionization of lithium atoms to form Li* ions in the gas phase: 
Li(g) ——> Li*(g) + e7 


This process corresponds to the first ionization energy for lithium, which is 
520 kJ/mol. 


Step 3 


Dissociation of fluorine molecules. We need to form 1 mole of fluorine atoms 
by breaking the F—F bonds in 0.5 mole of F, molecules: 


sF,(g) —> F(g) 


The energy required to break this bond is 154 kJ/mol. In this case we are 
breaking the bonds in a half mole of fluorine, so the energy required for this 
step is 154 kJ/2, or 77 kJ. 


Step 4 
Formation of F~ ions from fluorine atoms in the gas phase: 
Pees > ee) 


The energy change for this process corresponds to the electron affinity of fluo- 
rine, which is —328 kJ/mol. 


Step 5 

Formation of solid lithium fluoride from the gaseous Lit and F> ions: 
Lit(g) + F-(g) —~> LiF(s) 

This corresponds to the lattice energy for LiF, which is —1047 kJ/mol. 


Figure 13.9 

The energy changes involved in the for- 
mation of solid lithium fluoride from its 
elements. The numbers in parentheses 
refer to the reaction steps discussed in 
the text. 


In doing this calculation, we have 
ignored the small aifference between 
AH gyp and AEs. 
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Lit(g) + F(g) 
Wiowweenweey ft. 
328 kJ (4) 
Es a | 
520 kJ (2) Li'(g) + F (g) 
Li(g) +3 Fy(g) 
E 161 kJ (1) NOs 
1047 kJ (5) 
Overall 
change 
617 kJ 
LiF(s) 


Since the sum of these five processes yields the desired overall reaction, the 
sum of the individual energy changes gives the overall energy change: 








Process Energy Change (kJ) 
Lifs) = Life) 161 
Li) == lure) =P e- 520 
3Fa(g) > F(g) 77 
(se Oa TES) OLS 
Li*(g) + F-(g) — LiF(s) —1047 
Overall: Li(s) + 5F(g) — LiF(s) —617 kJ (per mole of LiF) 


This process is summarized by the energy diagram in Fig. 13.9. Note that 
the formation of solid lithium fluoride from its elements is highly exothermic 
mainly because of the very large negative lattice energy. A great deal of energy 
is released when the ions combine to form the solid. In fact, note that the en- 
ergy released when an electron is added to a fluorine atom to form the F~ ion 
(328 kJ/mol) is not enough to remove an electron from lithium (520 kJ/mol). 
That is, when a metallic lithium atom reacts with a nonmetallic fluorine atom 
to form separated ions, 


Liga) Lig) P(g) 


the process is endothermic and thus unfavorable. Clearly, then, the main impe- 
tus for the formation of the ionic compound rather than a covalent compound 
results from the strong mutual attractions among the Li* and F~ ions in the 
solid. The lattice energy is the dominant energy term. 

The structure of the solid lithium fluoride is represented in Fig. 13.10. 
Note the alternating arrangement of the Lit and F” ions. Also note that each 
Li* is surrounded by six F~ ions and each F~ ion is surrounded by six Li* ions. 
This structure can be rationalized by assuming that the ions behave as hard 
spheres that pack together in a way that both maximizes the attractions among 
the oppositely charged ions and minimizes the repulsions among the identically 
charged ions. 

All the binary ionic compounds formed by an alkali metal and a halogen 
have the structure shown in Fig. 13.10, except for the cesium salts. The ar- 
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Figure 13.10 

The structure of lithium fluoride. 

(a) Represented by a ball-and-stick 
model. Note that each Li* ion Is sur- 
rounded by six F~ ions, and each 

F~ ion is surrounded by six Li* ions. 

(bo) Represented with the ions shown as 
spheres. The structure is determined by 
packing the spherical ions in a way that 
both maximizes the ionic attractions 
and minimizes the ionic repulsions. 


Since the equation for lattice energy 
contains the product Q,Qs, the lattice 
energy for a solid with 2+ and 2-— ions 
should be four times that for a solid 
with 1+ and 1— ions. That is, 


For MgO and NaF, the observed ratio 
of lattice energies (Fig. 13.11) is 
—3916 kJ 


Eaaciiatem as 


rangement of ions shown in Fig. 13.10 is often called the sodium chloride 
structure, after the most common substance that possesses it. 


Lattice Energy Calculations 
In discussing the energetics of the formation of solid lithium fluoride, we empha- 


sized the importance of lattice energy in contributing to the stability of the ionic 
solid. Lattice energy can be represented by a modified form of Coulomb’s law, 


Lattice energy = p( 2122) 


where k is a proportionality constant that depends on the structure of the solid 
and the electron configurations of the ions, O; and Q> are the charges on the 
ions, and r is the shortest distance between the centers of the cations and an- 
ions. Note that the lattice energy has a negative sign when Q; and Q) have 
opposite signs. This result is expected, since bringing cations and anions to- 
gether is an exothermic process. Also note that the process becomes more exo- 
thermic as the ionic charges increase and as the distances between the ions in 
the solid decrease. 

The importance of the charges in ionic solids can be illustrated by compar- 
ing the energies involved in the formation of NaF(s) and MgO(s). These solids 
contain the isoelectric ions Na*, F-, Mg**, and O?~. The energy diagram for 
the formation of the two solids is given in Fig. 13.11. Note several important 
features: 


The energy released when the gaseous Mg’* and O77 ions combine to form 
solid MgO is much greater (more than four times greater) than that released 
when the gaseous Na‘ and F ions combine to form solid NaF. 

The energy required to remove two electrons from the magnesium atom 
(735 kJ/mol for the first and 1445 kJ/mol for the second, yielding a total of 
2180 kJ/mol) is much greater than the energy required to remove an elec- 
tron from a sodium atom (495 kJ/mol). 

Energy (737 kJ/mol) is required to add two electrons to the oxygen atom in the 
gas phase. Addition of the first electron is exothermic (—141 kJ/mol), but 
addition of the second electron is quite endothermic (878 kJ/mol). This lat- 
ter energy must be obtained indirectly, since the O*~(g) is not stable. 


Because twice as much energy is required to remove the second electron 
from magnesium as to remove the first, and because addition of an electron to 
the gaseous O~ ion is quite endothermic, it seems puzzling that magnesium 
oxide contains Mg** and O?~ ions rather than Mg* and O° ions. The answer 
lies in the lattice energy. Note that the lattice energy for combining gaseous 
Mg?* and O?~ ions to form MgO(s) is 3000 kJ/mol more negative than that for 
combining gaseous Na* and F~ ions to form NaF(s). Thus the energy released 
in forming a solid containing Mg** and O?~ ions rather than Mg* and O~ ions 
more than compensates for the energies required for the processes that produce 
the Mg** and O7~ ions. 

If there is so much lattice energy to be gained in going from singly charged 
to doubly charged ions in the case of magnesium oxide, why then does solid 
sodium fluoride contain Na* and F~ ions rather than Na2* and F2~ ions? We 
can answer this question by recognizing that both Na+ and F~ ions have the 
neon electron configuration. Removal of an electron from Na* requires an ex- 
tremely large quantity of energy (4560 kJ/mol) because a 2p electron must be 
removed. Conversely, the addition of an electron to F~ would require use of the 
relatively high-energy 3s orbital, which is also an unfavorable process. Thus we 


Mg**(g) + O7 (g) 
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Electron affinity 


737 


Mg>*(g) + O(g) 








Mg"*(g) + 5 O2(g) 


247 














Lattice 
energy 
-3916 
. Ionization energy 
2180 
5 ELA Na*(g) + F(g) 
i Na"(g) + > F,(g) zi 
ectron 
affinity 
Tonization Na*(g) + F(g) —328 
energy ———— 
495 
Mg(g) + > O2(g) be 
M ig 150 Na(g) + > F,(g) 
su) 109f —Na(s) + 1 F,(g) ae 
energy 
Overall Overall —923 
energy energy 
change change 
—602 —570 
NaF(s) 
Figure 13.11 


Comparison of the energy changes 
involved in the formation of solid 
sodium fluoride and solid magnesium 
oxide. Note the large lattice energy for 
magnesium oxide (where doubly 
charged ions are combining) compared 
with that for sodium fluoride (where 
singly charged ions are combining). 


can say that for sodium fluoride the extra energy required to form the doubly 
charged ions is greater than the gain in lattice energy that would result. 

This discussion of the energies involved in the formation of solid ionic 
compounds illustrates that a variety of factors operate to determine the com- 
position and structure of these compounds. The most important of these fac- 
tors involve the balancing of the energies required to form highly charged ions 
and the energy released when highly charged ions combine to form the solid. 





13.6 


Partial Ionic Character of Covalent Bonds 


Recall that when atoms with different electronegativities react to form mole- 
cules, the electrons are not shared equally. The possible result is a polar cova- 
lent bond or, in the case of a large electronegativity difference, a complete 
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(b) 

(c) 

Figure 13.12 

The three possible types of bonds: 

(a) a covalent bond formed between 
identical F atoms; (b) the polar covalent 
bond of HF, with both ionic and cova- 


lent components; and (c) an ionic bond 
with no electron sharing. 





Molten NaCl conducts an electric 
current, indicating the presence of 
mobile Na* and Cl- ions. 
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transfer of one or more electrons to form ions. The cases are summarized in 
Fig. 13.12. 

How well can we tell the difference between an ionic bond and a polar 
covalent bond? The only honest answer to this question is that there are prob- 
ably no totally ionic bonds between discrete pairs of atoms. The evidence for 
this statement comes from calculations of the percent ionic character for the 
bonds of various binary compounds in the gas phase. These calculations are 
based on comparisons of the measured dipole moments for molecules of the 
type X—Y with the calculated dipole moments for the completely ionic case, 
X*Y~. We performed a calculation of this type for HF in Section 13.3. The 
percent ionic character of a bond can be defined as 


Percent ionic character of a bond 





3 (ae dipole moment of X—Y 
~ \calculated dipole moment of X*Y~ 


) x 100% 


Application of this definition to various compounds (in the gas phase) gives the 
results shown in Fig. 13.13, where percent ionic character is plotted versus the 
difference in the electronegativity values of X and Y. Note from this plot that 
ionic character increases with electronegativity difference, as expected. How- 
ever, none of the bonds reaches 100% ionic character, even though compounds 
with the maximum possible electronegativity differences are considered. Thus, 
according to this definition, no individual bonds are completely ionic. This 
conclusion is in contrast to the usual classification of many of these compounds 
(as solids). All the compounds shown in Fig. 13.13 with more than 50% ionic 
character are normally considered to be ionic solids. Recall, however, that the 
results in Fig. 13.13 are for the gas phase, where individual XY molecules ex- 
ist. These results cannot necessarily be assumed to apply to the solid state, 
where the existence of ions is favored by the multiple ion interactions. 

Another complication in identifying ionic compounds is that many sub- 
stances contain polyatomic ions. For example, NH4Cl contains NH4* and Cl- 
ions, and Na,SO, contains Na* and SO,2~ ions. The ammonium and sulfate 
ions are held together by covalent bonds. Thus, calling NH4Cl and Na»$O, 
ionic compounds is somewhat ambiguous. 

We will avoid these problems by adopting an operational definition of 
ionic compounds: Any compound that conducts an electric current when 
melted will be classified as ionic. Also, the generic term salt will be used inter- 
changeably with ionic compound in this book. 


100 


Percent ionic character 
nN 
=) 





Electronegativity difference 


Figure 13.13 

The relationship between the ionic character of a covalent bond and the electronegativity 
difference of the bonded atoms. The compounds normally considered to be ionic in the 
solid phase are shown in red. 
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A tetrahedron has four equal triangular 


faces 


Before we develop specific models for covalent chemical bonding, it will be 
helpful to summarize some of the concepts introduced in this chapter. 

What is a chemical bond? Chemical bonds can be viewed as forces that 
cause a group of atoms to behave as a unit. 

Why do chemical bonds occur? There is no principle of nature that states 
that bonds are favored or disfavored. Bonds are neither inherently “good” nor 
inherently “bad” as far as nature is concerned; they result from the tendency of 
a system to seek its lowest possible energy. From a simplistic point of view, 
bonds occur when collections of atoms are more stable (lower in energy) than 
the separate atoms. For example, about 1652 kJ of energy is required to break 
a mole of methane (CH,4) molecules into separate C and H atoms. Or, taking 
the opposite view, 1652 kJ of energy is released when 1 mole of methane is 
formed from 1 mole of gaseous C atoms and 4 moles of gaseous H atoms. Thus 
we can say that 1 mole of CH, molecules in the gas phase is 1652 kJ lower in 
energy than | mole of carbon atoms plus 4 moles of hydrogen atoms. Methane 
is therefore a stable molecule relative to its separated atoms. 

We find it useful to interpret molecular stability in terms of a model called 
a chemical bond. To help understand why this model was invented, let’s con- 
tinue with methane, which consists of four hydrogen atoms arranged at the 
corners of a tetrahedron around a carbon atom: 





Given this structure, it is natural to envision four individual C—H interactions 
(we call them bonds). The energy of stabilization of CH, is divided equally 
among the four bonds to give an average C—H bond energy per mole of 
C—H bonds: 


1652 kJ 


Fae oN 


Next, consider methyl chloride, which consists of CH3;Cl molecules having 
the structure 






so 
> fa 


we 


its 
See 
H- 


ae 


Experiments have shown that about 1578 kJ of energy is required to break 
down 1 mole of gaseous CH3Cl! molecules into gaseous carbon, chlorine, and 
hydrogen atoms. The reverse process can be represented as 


C(g) + Cl(g) + 3H(g) —— CH;Cl(g) + 1578 kJ/mol 


A mole of gaseous methyl chloride is lower in energy by 1578 kJ than its sepa- 
rate gaseous atoms. Thus a mole of methyl chloride is held together by 
1578 kJ of energy. Again, it is very useful to divide this energy into individual 
bonds. Methyl chloride can be visualized as containing one C—Cl bond 
and three C—H bonds. If we assume arbitrarily that a C—H interaction rep- 
resents the same quantity of energy in any situation (that is, the strength of a 
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Bonding is a model proposed to 
explain molecular stability 


The concept of individual bonds makes 
it much easier to deal with complex 
molecules such as DNA. A small 
segment of a DNA molecule is shown 
here. 


Will & Deni Mcintyre/Photo Researchers 


C—H bond is independent of its molecular environment), we can do the fol- 
lowing bookkeeping: 


1 mol of C—Cl bonds plus 3 mol of C—H bonds = 1578 kJ 
C—Cl bond energy + 3(average C—H bond energy) = 1578 kJ 
C—Cl bond energy + 3(413 kJ/mol) = 1578 kJ 

C—Cl bond energy = 1578 — 1239 = 339 kJ/mol 


These assumptions allow us to associate given quantities of energy with C—H 
and C—C] bonds. 

It is important to note that the bond concept is a human invention. Bonds 
provide a method for dividing up the energy evolved when a stable molecule is 
formed from its component atoms. Thus in this context a bond represents a 
quantity of energy obtained from the molecular energy of stabilization in a 
rather arbitrary way. This is not to say that the concept of individual bonds is 
a bad idea. In fact, the modern concept of the chemical bond, conceived by 
American chemists G. N. Lewis and Linus Pauling, is one of the most useful 
ideas chemists have ever developed. 


Models: An Overview 


The framework of chemistry, like that of any science, consists of models— 
attempts to explain how nature operates on the microscopic level based on 
experiences in the macroscopic world. To understand chemistry, one must un- 
derstand its models and how they are used. We will use the concept of bonding 
to reemphasize the important characteristics of models, including their origin, 
structure, and uses. 

Models originate from our observations of the properties of nature. For 
example, the concept of bonds arose from the observations that most chemical 
processes involve collections of atoms and that chemical reactions involve rear- 
rangements of the ways in which the atoms are grouped. So to understand re- 
actions, we must understand the forces that bind atoms together. 

In natural processes there is a tendency toward lower energy. Collections 
of atoms therefore occur because the aggregated state has lower energy than 
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A ball-and-stick model of a protein 
segment illustrating the alpha helix. 
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the separated atoms. Why? As we have seen earlier in this chapter, the best 
explanations for the energy change involve atoms sharing electrons or atoms 
transferring electrons to become ions. In the case of electron sharing, we find 
it convenient to assume that individual bonds occur between pairs of atoms. 
Let’s explore the validity of this assumption and see how it is useful. 

In a diatomic molecule such as H), it is natural to assume that a bond ex- 
ists between the atoms, holding them together. It is also useful to assume that 
individual bonds are present in polyatomic molecules such as CH. So instead 
of thinking of CH, as a unit with a stabilization energy of 1652 kJ per mole, 
we choose to think of CH, as containing four C—H bonds, each worth 413 kJ 
of energy per mole of bonds. Without this concept of individual bonds in mol- 
ecules, chemistry would be hopelessly complicated. There are millions of dif- 
ferent chemical compounds, and if each of these compounds had to be consid- 
ered as an entirely new entity, the task of understanding chemical behavior 
would be overwhelming. 

The bonding model provides a framework to systematize chemical behav- 
ior by enabling us to think of molecules as collections of common fundamental 
components. For example, a typical biomolecule, such as a protein, contains 
hundreds of atoms and might seem discouragingly complex. However, if we 
think of a protein as constructed of individual bonds, C—C, C—H, C—N, 
C—O, N—H, and so on, it helps tremendously in predicting and understand- 
ing the protein’s behavior. The essential idea is that we expect a given bond to 
behave about the same in any molecular environment. Used in this way, the 
model of the chemical bond has helped chemists to systematize the reactions of 
the millions of existing compounds. 





Fundamental Properties of Models 





1. Models are human inventions, always based on an incomplete understanding of 
how nature works. A model does not equal reality. 


2. Models are often wrong. This property derives from the first property. Models are 
based on speculation and are always oversimplifications. 


3. Models tend to become more complicated as they age. As flaws are discovered in 
our models, we “patch” them and thus add more detail. 


4, It is very important to understand the assumptions that are inherent in a particu- 
lar model before you use it to interpret observations or to make predictions. 
Simple methods usually involve very restrictive assumptions and can be expected 
to yield only qualitative information. Asking for a sophisticated explanation from 
a simple model is like expecting to get an accurate mass for a diamond by using 
a bathroom scale. 

For a model to be used effectively, we must understand its strengths and 
weaknesses and ask only appropriate questions. An illustration of this point is the 
simple aufbau principle used to explain the electron configurations of the ele- 
ments. Although this model correctly predicts the configuration for most atoms, 
chromium and copper do not agree with the predictions. Detailed studies show 
that the configurations of chromium and copper result from complex electron 
interactions that are not taken into account in the simple model. However, this 
does not mean that we should discard the simple model that is so useful for most 
atoms. Instead, we must apply it with caution and not expect it to be correct in 
every case. 


5. When a model is wrong, we often learn much more than when it is right. If a 
model makes a wrong prediction, it usually means we do not understand some 
fundamental characteristics of nature. We often learn by making mistakes. (Try to 
remember that when you get back your next chemistry test.) 
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In addition to being very useful, the bonding model is physically sensible. 
It makes sense that atoms can form stable groups by sharing electrons; shared 
electrons give a lower energy state because they are simultaneously attracted 
by two nuclei. 

Also, as we will see in the next section, bond energy data support the exis- 
tence of discrete bonds that are relatively independent of the molecular envi- 
ronment. It is very important to remember, however, that the chemical bond is 
only a model. Although our concept of discrete bonds in molecules agrees with 
many of our observations, some molecular properties require that we think of 
a molecule as a whole, with the electrons free to move through the entire mol- 
ecule. This is called delocalization of the electrons, a concept that will be dis- 
cussed more completely in the next chapter. 





13.8 | Covalent Bond Energies and Chemical 
Reactions 


In this section we will consider the energies associated with various types of 
bonds and see how the bonding concept is useful in dealing with the energies 
of chemical reactions. One important consideration is to establish the sensitiv- 
ity of a particular type of bond to its molecular environment. For example, 
consider the stepwise decomposition of methane: 


Process Energy Required (kJ/mol) 
CH4(g) — CH3(g) + H(g) 435 
CH; (g)) 7 \CHa(s) >= Eg) 453 
aes 7 CHi(g) = TA(2) 425 
H(g) > C(g) + H(g) lite Eo 
Total = 1652 

1652 


Average = Peas 413 


Although a C—H bond is broken in each case, the energy required varies 
in a nonsystematic way. This example shows that the C—H bond is somewhat 
sensitive to its environment. We use the average of these individual bond dis- 
sociation energies even though this quantity only approximates the energy as- 
sociated with a C—H bond in a particular molecule. The degree of sensitivity 
of a bond to its environment can also be seen from experimental measurements 
of the energy required to break the C—H bond in the following molecules: 


Measured C—H Bond 


Molecule Energy (kJ/mol) 
HCBr; 380 
HCCl; 380 
HCE; 430 
C,H, 410 


These data show that the C—H bond strength varies significantly with its en- 
vironment, but the concept of an average C—H bond strength remains useful 
to chemists. The average values of bond energies for various types of bonds are 
listed in Table 13.6. 

So far we have discussed bonds in which one pair of electrons is shared. 
This type of bond is called a single bond. As we will see in more detail later, 
atoms sometimes share two pairs of electrons, forming a double bond, or share 
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Table 13.6 
Average Bond Energies (kJ/mol) 














Single Bonds Multiple Bonds 

lols 432 Neat aI i=l 149 G—G 614 
late 56S N—N 160 I—Cl 208 C=C 839 
H—Cl 427 NE D2. 13h As) O=0O 495 
alley 363 N—Cl 200 C=O* 745 
Fl 2S) INS Br 243 lal 347 C=O 1072 

N=O 201 Sa B27, N=O 607 
(Cal 413 O—H 467 S—Cl Ms) N=N 418 
CAC 347 ©=© 146 She 218 N=N 941 
CaN 305 OFF 190 SS 266 C=N 615 
CO 358 O—Cl 203 C=N 891 
C8 485 @= I 234 SiS 340 
GG 839 Sig 393 
Cie 276 ee 154 SiC 360 
Call 240 Cl PISS: Si ©) 452 
Gs eye) F—Br 237), 

Ccl—Cl 2BY 

Cl—Br Dales 

bi br 198 








three pairs of electrons, forming a triple bond. The bond energies for these 
multiple bonds are also given in Table 13.6. 

A relationship also exists between the number of shared electron pairs and 
the bond length. As the number of shared electrons increases, the bond length 
shortens. This relationship is shown for selected bonds in Table 13.7. 


Bond Energy and Enthalpy 


Bond energy values can be used to calculate approximate energies for reac- 
tions. To illustrate how this is done, we will calculate the change in energy that 
accompanies the following reaction: 


EDg et Fo(2)g—— > Ang) 


This reaction involves breaking one H—H and one F—F bond and forming 
two H—F bonds. For bonds to be broken, energy must be added to the system— 
an endothermic process. Consequently, the energy terms associated with bond 
breaking have positive signs. The formation of a bond releases energy, an exo- 


Table 13.7 
Bond Lengths for Selected Bonds 











Bond Energy (kJ/mol) 








Bond Bond Type Bond Length (pm) 

C=C Single 154 347 
C€—G Double 134 614 
C=C Triple 120 839 
C—O Single 143 358 
Cc=0 Double 123 745 
GaN Single 143 305 
C=N Double 138 615 
C=N Triple 116 891 





620 Chapter 13 Bonding: General Concepts 


Since bond energies are typically aver- 


ages taken from several compounds, 
the AH calculated from bond energies 
is not expected to agree exactly with 
that calculated from enthalpies of 
farmation. 





thermic process, and the energy terms associated with bond making carry a neg- 
ative sign. We can write the enthalpy change for a reaction as follows: 


AH = sum of the energies required to break old bonds (positive signs) plus 
the sum of the energies released in the formation of new bonds 
(negative signs) 


This leads to the expression 


AH = & D (bonds broken) — } D (bonds formed) 


> 








Energy required Energy released 


where > represents the sum of terms and D represents the bond energy per 
mole of bonds. (D always has a positive sign.) 
In the case of the formation of HF, 


AH oo Dyn 4F Dy_¢ ae 2Dy_—¢ 


Bon ile Meee lo Klee eee peesoonal 
mo mol mol 








=. t-niol x 


~544 kJ 


Thus, when 1 mole of H2(g) and 1 mole of F,(g) react to form 2 moles of 
HF(g), 544 kJ of energy should be released. 

This result can be compared with the calculation of AH for this reaction 
from the standard enthalpy of formation for HF (—271 kJ/mol): 


AH = 2 mol X (—271 kJ/mol) = —542 kJ 


Thus the use of bond energies to calculate AH works quite well in this case. 


WWL INTERACTIVE EXAMPLE 13.5 


Using the bond energies listed in Table 13.6, calculate AH for the reaction of 
methane with chlorine and fluorine to give Freon-12 (CF)Cl,). 


CHa(g) + 2Ch(g) + 2F:(g) —> CF,Cl(g) + 2HF(g) + 2HCI(g) 
Solution The idea here is to break the bonds in the reactants to give indi- 


vidual atoms and then assemble these atoms into the products by forming 
new bonds: 


Energy Energy 


required released 
Reactants atoms ———> products 
We then combine the energy changes to calculate AH: 


AH = energy required __ energy released 
to break bonds when bonds form 


where the minus sign gives the correct sign to the energy terms for the exother- 
mic processes. 


Reactant bonds broken: 








CH, 4 mol C—H 4 mol X 1K. = 1652 kJ 
mol 

2Cl, 2 mol CI—Cl 2 mol X eo7 = 478kj 
mol 

2F, 2 mol F—F 2 mol X ed = 308kJ 
mol 





Total energy required = 2438 kJ 
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Product bonds formed: 


CF,Cl, 2 mol C—F DOM pe 97) 
mol 
and ce 

2 mol C—Cl 2 mol X sae 678 kJ 
mol 

HF 2 mol H—F 2 mol X LES) = 1130kJ 
mol 

HCl 2 mol H—Cl penile) gai) = 854k] 
mol 


Total energy released = 3632 kJ 
We now can calculate AH: 


energy required __ energy released 


seh to break bonds when bonds form 


= 2438 kJ — 3632 kJ = —1194kJ 


Since the sign of the value for the enthalpy change is negative, this means that 
1194 kJ of energy is released per mole of CF)Cl, formed. The value of AH 
calculated for this reaction using enthalpies of formation is —1126 kJ. 


In performing the calculations in this section, we have made several ap- 
proximations. Of course, we made the usual assumption that average bond 
energies apply regardless of the specific molecular environment. We also ig- 
nored the difference between enthalpy and internal energy in these calcula- 
tions. Recall from Chapter 9 that at constant pressure AE = AH — PAV. Thus, 
if a reaction involves a change in volume, a correction should be applied to the 
calculations of reaction enthalpies from bond energies. However, this correc- 
tion is usually small compared with the uncertainties inherent in this method. 

It should also be noted that the use of bond energies to estimate enthalpies 
of reaction should be limited to cases in which all the reactants and products 
are in the gas phase, where intermolecular interactions are expected to be mini- 
mal. Bond energies do not take these interactions into account. 
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The Localized Electron Bonding Model 


So far we have discussed the genera! characteristics of the chemical bonding 
model and have seen that properties such as bond strength and polarity can be 
assigned to individual bonds. In this section we introduce a specific model used 
to describe covalent bonds. We need a simple model that can be easily applied 
even to very complicated molecules and that can be used routinely by chemists 
to interpret and organize the wide variety of chemical phenomena. The model 
that serves this purpose is often called the localized electron (LE) model. This 
model assumes that a molecule is composed of atoms that are bound together 
by using atomic orbitals to share electron pairs. The electron pairs in the mol- 
ecule are assumed to be localized on a particular atom or in the space between 
two atoms. Those pairs of electrons localized on an atom are called lone pairs, 
and those found in the space between the atoms are called bonding pairs. 
As we will apply it, the LE model has three parts: 


1. Description of the valence electron arrangement in the molecule using 
Lewis structures (will be discussed in the next section). 

2. Prediction of the geometry of the molecule, using the valence shell electron- 
pair repulsion (VSEPR) model (will be discussed in Section 13.13). 

3. Description of the types of atomic orbitals used by the atoms to share elec- 
trons or hold lone pairs (will be discussed in Chapter 14). 
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Lewis structures show only valence 
electrons. 





Figure 13.14 

G. N. Lewis (above) conceived the 
octet rule while lecturing to a class of 
general chemistry students in 1902. He 
was also one of the two authors of a 
now classic work on thermodynamics, 
Lewis and Randall, Thermodynamics 
and the Free Energy of Chemical Sub- 
stances (1928). (right) This is his origi- 
nal sketch. From G. N. Lewis, Valence, 
Dover Publications, Inc., New York, 
1966. 


From G.N. Lewis, Valence, Dover Publications, Inc. New York, 1966 


The Lewis structure of a molecule represents the arrangement of valence elec- 
trons among the atoms in the molecule. These representations are named after 
G. N. Lewis (Fig. 13.14). The rules for writing Lewis structures are based on 
the observations of thousands of molecules, which show that in most stable 
compounds the atoms achieve noble gas electron configurations. Although this 
is not always the case, it is so common that it provides a very useful place to 
start. 

We have already seen that when metals and nonmetals react to form solid 
binary ionic compounds, electrons are transferred, and the resulting ions typi- 
cally have noble gas electron configurations. An example is the formation of 
KBr, where the K* ion has the [Ar] electron configuration and the Br ion has 
the [Kr] electron configuration. In writing Lewis structures, the rule is that 
only the valence electrons are included. Using dots to represent electrons, the 
Lewis structure for KBr is 


K > Br: 


re us 
Ie ihk—= 
charge charge 


No dots are shown in the K* ion since it has no valence electrons. The Br~ ion 
is shown with eight electrons since it has a filled valence shell. 
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Next, we will consider Lewis structures for molecules with covalent bonds 
involving elements in the first and second periods. The principle of achieving a 
noble gas electron configuration applies to these elements as follows: 


Hydrogen forms stable molecules where it shares two electrons. That is, it fol- 
lows a duet rule. For example, when two hydrogen atoms, each with one 
electron, combine to form the H) molecule, we have 


H: -H 
Fates ted 


By sharing electrons, each hydrogen in H; has two electrons. This gives each 
hydrogen a filled valence shell. 


CLOED 


Helium does not form bonds because its valence orbitals are already filled; it is 
a noble gas. Helium has the electron configuration 1s* and can be repre- 
sented by the Lewis structure 


ile: 
The second-row nonmetals (carbon through fluorine) form stable molecules 
Carbon, nitrogen, oxygen, and fluorine when they are surrounded by enough electrons to fill the valence orbitals— 
almost always obey the octet rule in the 2s and the three 2p orbitals. Since eight electrons are required to fill the 
stable molecules 2s and 2p orbitals, these elements typically obey the octet rule; they are sur- 


rounded by eight electrons. An example is the F, molecule, which has the 
following Lewis structure: 


B lee = SIRI S e——— «Fs 
F atom with seven F, F atom with seven 
valence electrons molecule valence electrons 


Note that each fluorine atom in F) is, in effect, surrounded by eight elec- 
trons, two of which are shared with the other atom. Recall that the shared 
pair of electrons is called a bonding pair. Each fluorine atom also has three 
pairs of electrons not involved in bonding. These are the Jone pairs. 

Neon does not form bonds since it already has an octet of valence electrons (it 
is a noble gas). The Lewis structure is 


:Ne: 


Note that only the valence electrons of the neon atom (2s*2p°) are repre- 
sented by the Lewis structure. The 1s? electrons are core electrons and take 
no part in chemical reactions. 


From the discussion above, we can formulate the following rules for writ- 
ing Lewis structures of molecules containing atoms from the first two periods. 


‘STEPS Writing Lewis Structures 


1 Sum the valence electrons from all the atoms. Do not worry about keeping 
track of which electrons come from which atoms. It is the total number of 
electrons that is important. 


2 Use a pair of electrons to form a bond between each pair of bound atoms. 


3 Arrange the remaining electrons to satisfy the duet rule for hydrogen and 
the octet rule for the second-row elements. 
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H—O—-H represents H:O:H 


To see how these rules are applied, we will construct the Lewis structures 
for a few molecules. We will first consider the water molecule and follow the 
rules above. 

Step 1 
We sum the valence electrons for H,O as shown: 


1+1+6 = 8 valence electrons 


Step 2 
Using one pair of electrons per bond, we draw in the two O—H single bonds: 


H—O—i 
Note that a line instead of a pair of dots is used to indicate each pair of bond- 
ing electrons. This is the standard notation. 


Step 3 


We distribute the remaining electrons around the atoms to achieve a noble gas 
electron configuration for each atom. Since four electrons have been used in 
forming the two bonds, four electrons (8 — 4) remain to be distributed. Hydro- 
gen is satisfied with two electrons (duet rule), but oxygen needs eight electrons 
to achieve a noble gas configuration. Thus the remaining four electrons are 
added to oxygen as two lone pairs. Dots are used to represent the lone pairs: 


H—O—H Lone pairs 
ee 


This is the correct Lewis structure for the water molecule. Each hydrogen has 
two electrons and the oxygen has eight: 


As a second example, we will write the Lewis structure for carbon dioxide. 
Summing the valence electrons gives 


4+6+6=16 
ete es 


After forming a bond between the carbon and each oxygen, 
G-G—) 


the remaining electrons are distributed to achieve noble gas configurations on 
each atom. In this case we have 12 electrons (16 — 4) remaining after the bonds 
are drawn. The distribution of these electrons is determined by a trial-and- 
error process. We have six pairs of electrons to distribute. Suppose we try three 
pairs on each oxygen to give 


nOe G20). 
To see if this structure is correct, we need to check two things: 


1. The total number of electrons. There are 16 valence electrons in this struc- 
ture, which is the correct number. 


2. The octet rule for each atom. Each oxygen has eight electrons, but the 
carbon has only four. This cannot be the correct Lewis structure. 


6=C=0 represents Cre: :0 
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How can we arrange the 16 available electrons to achieve an octet for each 
atom? Suppose that there are two shared pairs between the carbon and each 


8 electrons 8 electrons 8 electrons 


Now each atom is surrounded by 8 electrons, and the total number of electrons 
is 16, as required. Thus the correct Lewis structure for carbon dioxide has two 
double bonds. 

Finally, let’s consider the Lewis structure of the CN~ (cyanide) ion. Sum- 
ming the valence electrons, we have 


Ce Nes 
peep 
4+5+1=10 


Note that the negative charge requires that an extra electron be added. After 
drawing a single bond (C—N), we distribute the remaining electrons to achieve 
a noble gas configuration for each atom. Eight electrons remain to be distrib- 
uted. We can try various possibilities, for example: 


C—N 
This structure is incorrect because C and N have only six electrons each instead 
of eight. The correct arrangement is 
[;C=N:]- 


(Satisfy yourself that both carbon and nitrogen have eight electrons.) 


WWL INTERACTIVE EXAMPLE 13.6 

Give the Lewis structure for each of the following. 

aca ELE b. N> c. NH; dCi: Care fINOF 

Solution In each case we apply the three rules for writing Lewis structures. Re- 


call that lines are used to indicate shared electron pairs and that dots are used to 
indicate nonbonding pairs (lone pairs). We have the following tabulated results: 








Calculate Use Remaining 
Total Number of Electrons to 
Valence Draw Single Electrons Achieve Noble 
Electrons Bonds Remaining Gas Configurations 
a.HF 1+7=8 H—F 6 H—F: 
b. No §+5=10 N—N 8 aNE=INic 
c NH Oo -3(t)=8 H—-N-H 2 H—-N—H 
H H 
| if 
d. CH, 4+ 4(1) =8 ae 0 se 
Ei H 


(continued) 
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Calculate Use Remaining 
Total Number of Electrons to 
Valence Draw Single Electrons Achieve Noble 
Electrons Bonds Remaining Gas Configurations 
F p F 5 
| 2 i 
Go (her 4 + 4(7) = 32 ew 24 g erie 
EB iF: 
1 Oa ORE Ole aC) N—O 8 [;:N=O:]* 


When writing Lewis structures, don’t worry about which electrons came 
from which atoms. The best way to look at a molecule is to regard it as a new 
entity that uses all of the available valence electrons of the atoms to achieve the 
lowest possible energy.* The valence electrons belong to the molecule rather 
than to the individual atoms. Simply distribute all valence electrons so that the 
various rules are satisfied, without regard to the origin of each particular 
electron. 





13.11 


A valid Lewis structure is one that 
obeys the rules we have outlined. 





Resonance 


Sometimes more than one valid Lewis structure is possible for a given mole- 
cule. For example, consider the Lewis structure for the nitrate ion (NO37), 
which has 24 valence electrons. So that an octet of electrons surrounds each 
atom, a structure like the following is required: 


If this structure accurately represents the bonding in NO; , there should be 
two types of N—O bonds observed in the molecule: one shorter bond (the 
double bond) and two identical longer ones (the two single bonds). However, 
experiments clearly show that NO3;~ exhibits only one type of N—O bond 
with a length and strength between those expected for a single bond and a 
double bond. Thus, although the structure we have shown above is a valid 
Lewis structure, it does not correctly represent the bonding in NO;~. This is a 
serious problem, and it means that the model must be modified. 

Look again at the proposed Lewis structure for NO3~. Because there is no 
reason for choosing a particular oxygen atom to have the double bond, there 
are really three valid Lewis structures: 


| 
‘ wa BS yaw 
faleles) [och Seay er Ney 


Is any of these structures a correct description of the bonding in NO;~? No, 
because NO}; does not have one double and two single bonds—it has three 





“In a sense this approach corrects for the fact that the LE model overemphasizes the point that a 


molecule is simply a sum of its parts—that is, that the atoms retain their individual identities in the 
molecule. 


Equivalent Lewis structures contain the 
same numbers of single and multiple 
bonds. For example, the resonance 
structures for Os, 


are equivalent Lewis structures. They 
are equally important in describing the 
bonding in O3. Nonequivalent Lewis 
structures contain different numbers of 
single and multiple bonds. 
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equivalent bonds. We can solve this problem by making the following assump- 
tion: The correct description of NO3~ is not given by any one of the three 
Lewis structures individually but is given only by the superposition of all three. 

The nitrate ion does not exist as any of the three extreme forms indicated 
by the individual Lewis structures but instead exists as an average of all three. 
Resonance is invoked when more than one valid Lewis structure can be written 
for a particular molecule. The resulting electron structure of the molecule is 
given by the average of these resonance structures. This situation is usually 
represented by double-headed arrows as follows: 


Note that in all these resonance structures the arrangement of the nuclei is the 
same. Only the placement of the electrons differs. The arrows do not indicate 
that the molecule “flips” from one resonance structure to another. They simply 
show that the actual structure is an average of the three resonance structures. 

The concept of resonance is necessary because the LE model postulates 
that electrons are localized between a given pair of atoms. However, nature 
doesn’t really operate this way. Electrons are actually delocalized—they can 
move around the entire molecule. The valence electrons in the NO3~ molecule 
distribute themselves to provide equivalent N—O bonds. Resonance is neces- 
sary to compensate for this defective assumption of the LE model. However, 
because this model is so useful, we retain the concept of localized electrons and 
add resonance to accommodate species like NO3. 


EXAMPLE 13.7 | 


Describe the electron arrangement in the nitrite anion (NO) using the LE 
model. 


Solution We will follow the usual procedure for obtaining the Lewis structure 
for the NO, ion. 


In NO,” there are 5 + 2(6) + 1 = 18 valence electrons. 
Indicating the single bonds gives the structure 


Oho 


The remaining 14 electrons (18 — 4) can be distributed to produce these 
structures: 


N N 
“a | <— \oas 
soa tO! ‘Ome: 

This is a resonance situation. Two equivalent Lewis structures can be 
drawn. The electronic structure of the molecule is not correctly represented by 
either resonance structure but by the average of the two. There are two equiva- 
lent N—O bonds, each one intermediate between a single and a double bond. 
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Exceptions to the Octet Rule 


The LE model is a simple but very successful model, and the rules we have used 
for Lewis structures apply to most molecules. To implement this model, we 
have relied heavily on the octet rule. So far we have treated molecules for 
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A computer-generated representation 
of sulfur hexafluoride. 
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which this rule is easily applied. However, inevitably, cases arise where the 
importance of an octet of electrons is called into question. Boron, for example, 
tends to form compounds in which the boron atom has fewer than eight elec- 
trons around it—it does not have a complete octet. Boron trifluoride (BF3), a 
gas at normal temperatures and pressures, reacts very energetically with mol- 
ecules such as water and ammonia that have available lone pairs. The violent 
reactivity of BF; with electron-rich molecules occurs because the boron atom is 
electron-deficient. Boron trifluoride has 24 valence electrons. The Lewis struc- 
ture that seems most consistent with the properties of BF; is 


B 
5 PI Hh 
say 
Note that in this structure boron has only six electrons around it. The octet 
rule for boron can be satisfied by drawing a structure with a double bond, 
such as 


F 
| 


B 
wae 
oN Sigal oe 


and there are some theoretical studies that support such a structure for BF3. 
However, since fluorine is so much more electronegative than boron, this 
structure seems questionable. In fact, some experiments indicate that each 
B—F bond is probably best described by the first Lewis structure, which is also 
consistent with the reactivity of BF; toward electron-rich molecules such as 
NH; with which it reacts to form H3;NBF;: 


H F: H F: 
Ny fas < Fae 
H—N:+ B—F: —>» H—N—B—F: 
Zo og A News 
H F: H F: 


In this stable compound, boron has an octet of electrons. 

It is characteristic of boron to form molecules in which the boron atom is 
electron-deficient. On the other hand, carbon, nitrogen, oxygen, and fluorine 
do obey the octet rule. 

Some atoms appear to exceed the octet rule. This behavior is observed only 
for those elements in Period 3 of the periodic table and beyond. To see how 
this arises, we will consider the Lewis structure for sulfur hexafluoride (SF,). 
The sum of the valence electrons for SF, is 


6 + 6(7) = 48 electrons 


Indicating the single bonds gives the structure on the left below: 


Ses os Sele 
Pee see Os 
Peiferr ea) re 
F ere 


We have used 12 electrons to form the S—F bonds, which leaves 36 electrons. 
Since fluorine always follows the octet rule, we complete the six fluorine octets 
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to give the structure on the right above. This structure uses all 48 valence elec- 
trons for SF,, but sulfur has 12 electrons around it; that is, sulfur exceeds the 
octet rule. How can this happen? There are several ways to approach this situ- 
ation. The classical explanation for molecules like SF, involves using the empty 
3d orbitals on the third-period elements. Recall that the second-row elements 
have only 2s and 2p valence orbitals, whereas the third-row elements have 3s, 
3p, and 3d orbitals. The 3s and 3p orbitals fill with electrons in going from 
sodium to argon, but the 3d orbitals remain empty. For example, the valence- 
orbital diagram for a sulfur atom is 


aaah ; 
3p 3 


36 





Thus one way to account for the electronic structure of SF, is to assume that 
the empty 3d orbitals on sulfur can be used to accommodate extra electrons: 
The sulfur atom can have 12 electrons around it by using the 3s and 3p orbit- 
als to hold 8 electrons, with the extra 4 electrons in the formerly empty 3d 
orbitals. 


Lewis Structures and the Octet Rule 








1. The second-row elements C, N, O, and F should always be assumed to obey the 
octet rule. 


2. The second-row elements B and Be often have fewer than eight electrons around 
them in their compounds. These electron-deficient compounds are very reactive. 


3. The second-row elements never exceed the octet rule, since their valence orbitals 
(2s and 2p) can accommodate only eight electrons. 


4. Third-row and heavier elements often satisfy the octet rule but are assumed in the 
simplest model to exceed the octet rule by using their empty valence d orbitals. 


5. When writing the Lewis structure for a molecule, first draw single bonds between 
all bonded atoms, and then satisfy the octet rule for all the atoms. If electrons 
remain after the octet rule has been satisfied, place them on the elements having 
available d orbitals (elements in the third period or beyond). 


OWL INTERACTIVE EXAMPLE 13.8 


Write the Lewis structure for PCls. 


Solution We can follow the same stepwise procedure we used previously for 
sulfur hexafluoride. 


Step 1 
Sum the valence electrons. 


5 + 5(7) = 40 electrons 


eae 
IY Cl 
Step 2 
Indicate single bonds between bound atoms. 
Lo 
Chak 


| me 
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Step 3 

Distribute the remaining electrons. In this case, 30 electrons (40 — 10) remain. 
These are used to satisfy the octet rule for each chlorine atom. The final Lewis 
structure 1s 


ag 
eee 
ort iee & 

Che 


Note that phosphorus, a third-row element, exceeds the octet rule by two 
electrons. 

In the PCI; and SF, molecules, the third-row central atoms (P and §, re- 
spectively) are assigned the extra electrons. However, in molecules having 
more than one atom that can exceed the octet rule, it is not always clear which 
atom should have the extra electrons. Consider the Lewis structure for the 
triiodide ion (I;~), which has 


3(7) + 1 = 22 valence electrons 
- , 
I —1 charge 
Indicating the single bonds gives I—I—I. At this point 18 electrons (22 — 4) 
remain. Trial and error will convince you that one of the iodine atoms must 
exceed the octet rule, but which one? 

The rule we will follow is that when it is necessary to exceed the octet rule 
for one of several third-row (or higher) elements, assume that the extra elec- 
trons are placed on the central atom. 

Thus for I,~ the Lewis structure is 


: i—r—1;] 
where the central iodine exceeds the octet rule. This structure agrees with 
known properties of I;~. 





Write the Lewis structure for each molecule or ion. 


a. CIF; b. XeO; Cc. RnCl, d. BeCl, e. IGh= 


Solution 


a. The chlorine atom (third row) accepts the extra electrons. 


F: 
‘ClL—=F: 
F: 
b. All atoms obey the octet rule. 
O: 
a) 
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c. Radon, a noble gas in Period 6, accepts the extra electrons. 
: Cl—Rn'—Cl : 

d. Beryllium is electron-deficient. 
: Cl—Be—Cl: 


e. lodine exceeds the octet rule. 


Cl CHE 
Le NEA 


ee . 


So far we have assumed that third-row and heavier atoms can exceed the 
octet rule by using their valence d orbitals to accommodate the extra electrons. 
However, recent calculations* indicate that because the 3d orbitals are so 
much higher in energy than the 3s and 3p orbitals for a given atom, it is not 
feasible to use them. Researchers argue that satisfying the octet rule is a high 
priority for molecules and that there are ways to describe the bonding in mol- 
ecules like SF, and PCl; without formally exceeding the octet rule. One such 
explanation depends on a concept called hyperconjugation, which is explained 
in the special feature “Hyperconjugation—The Octet Rules” on p. 632. 

The main point that should be made here is that chemists disagree on the 
best way to explain molecules such as SF¢ and PCl;. Researchers continue to 
try to find the best answers. 


Odd-Electron Molecules 


In addition to the question about the use of d orbitals in third-row and heavier 
atoms, another problem for the simple LE model involves molecules with odd 
numbers of electrons. Although relatively few molecules formed from nonmet- 
als contain odd numbers of electrons, there are some notable examples. One 
such molecule is nitric oxide (NO), which is formed when nitrogen and oxygen 
gases react at the high temperatures present in automobile engines. Nitric ox- 
ide is emitted into the air, where it reacts with oxygen to form gaseous nitrogen 
dioxide (NO >), another odd-electron molecule. 

Since the LE model is based on pairs of electrons, it does not handle odd- 
electron cases in a natural way, although Lewis structures are sometimes writ- 
ten for these species. To treat odd-electron molecules accurately, we need a 
more sophisticated model. 


Formal Charge 


Molecules or polyatomic ions often have many nonequivalent Lewis struc- 
tures, all which obey the rules for writing Lewis structures. For example, as we 
will see in detail, the sulfate ion has a Lewis structure with all single bonds and 
several Lewis structures that contain double bonds. How do we decide which 
of the many possible Lewis structures best describes the actual bonding in sul- 
fate? One method involves estimating the charge on each atom in the various 
possible Lewis structures and using these charges to select the most appropri- 
ate structure(s). We will see below how this is done, but first we must decide 
on a method to evaluate atomic charges in molecules. 





*L. Suidan, J. K. Bodenhopp, E. D. Glendening, and F. Weinhold, J. Chem. Ed. 72 (1995): 583. 
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Hyperconjugation—The Octet Rules 





All our observations tell us that molecules such as 
SF, and PCl; are very stable, but what is the 
bonding like in these molecules? There are two 
extreme points of view: (1) The S and P atoms in 
these molecules exceed the octet rule, placing the 
extra electrons in 3d orbitals, and (2) the S and 

P atoms in these molecules obey the octet rule, 
resorting to hyperconjugation. Hyperconjugation 
involves binding v atoms to a central atom using 
fewer than 7 electron pairs around the central 
atom. To illustrate this model, consider SF. We 
know that there are six fluorine atoms around the 
central sulfur atom in this molecule. Can we 
explain the bonding without exceeding the octet 
rule? The answer is yes, by using Lewis structures 
such as the following: 


jes 
ra ib Nike va 

ra iy 
F 


> FF: 


Note that in each of these resonance structures 
(and the many other similar ones that can be 
drawn) the sulfur atom always has an octet of elec- 
trons around it. The “true” structure is a compos- 
ite of these equivalent resonance structures. The 
overall bonding is described as a combination of 
covalent and ionic contributions. The covalent 
contribution to the bonding involves four electron 
pairs “spread out” over the six sulfur—fluorine 
bonds. The ionic contribution to the bonding 
arises as follows. Note that for each Lewis struc- 
ture two of the fluorines have —1 formal charges 
and the sulfur has a +2 formal charge, 
oe i 
aur 
Koy 
ra alee 


DF: 
(-1) 





leading to ionic attractive forces. It is important to 
recall at this point that the description of the 
bonding in SF, by this model involves all the reso- 
nance structures similar to the one shown. Thus 
the F atoms are bound to the S atom by a combi- 
nation of covalent bonding, 


4 electron-pair bonds 





6 S—F interactions 
= + covalent bond per S—F interaction 


plus the ionic bonding described above. 
A similar treatment can be given for PCl;, 
using the following resonance structures, 








oe Cl: 
Be Gls eine -* (—1) 
Oil (4B) cas ‘Cl 7 
6p Che <a 1 Cl: 
Cite (— 1) ‘ ae 
is aa 


each of which satisfies the octet rule. 

Thus the use of hyperconjugation preserves the 
octet rule and does not require the central atom to 
use d orbitals, which this model’s proponents 
argue are too high in energy to participate in the 
bonding of these types of molecules. 

So honest disagreements exist among chemists 
as to the best Lewis structures for molecules that, 
at least at first glance, appear to exceed the octet 
rule. This uncertainty shows the limitations of the 
Lewis model with its localized electron pairs. Note, 
however, that even with its limitations, it is still 
very useful because of its simplicity. The ability to 
obtain a reasonable bonding picture with a “back- 
of-the-envelope” model has led to the enduring 
influence of the Lewis model. 
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In Chapter 4 we discussed one system for obtaining charges for atoms in 
molecules-——oxidation states. However, in assigning oxidation states, we al- 
ways count both of the shared electrons as belonging to the more electronega- 
tive atom in a bond. This practice leads to highly exaggerated estimates of 
charge. In other words, although oxidation states are useful for bookkeeping 
electrons in redox reactions, they are not realistic estimates of the actual 
charges on individual atoms in a molecule, and so they are not suitable for 
judging the appropriateness of Lewis structures. A second definition of atomic 
charges in a molecule, the formal charge, is more suitable for evaluating Lewis 
structures. 

The concept of formal charge requires that we compare 


1. the number of valence electrons on the free neutral atom (which has a 
charge of zero because the number of electrons equals the number of pro- 
tons) and 


2. the number of valence electrons “belonging” to a given atom in a molecule. 


If an atom in a molecule has the same number of valence electrons as it does in 
the free state, the positive and negative charges just balance, and the atom has 
a formal charge of 0. If an atom has one more valence electron in a molecule 
than it has on a free atom, it has a formal charge of —1, and so on. Thus the 
formal charge on an atom in a molecule is defined as 


(number of valence electrons 
— assigned to the atom in the 
molecule) 


(number of valence 
Formal charge = 

electrons on a free atom) 

To compute the formal charge of an atom in a molecule, we assign the 
valence electrons to the various atoms by making the following assumptions: 


1. Lone pair electrons belong entirely to the atom in question. 
2. Shared electrons are divided equally between the two sharing atoms. 


Thus the number of valence electrons assigned to a given atom is calculated as 
follows: 


(number of lone +(number of 


Valencevelectrons)..ca | 
( Jassgned pair electrons) shared electrons) 


We will illustrate the procedures for calculating formal charges by consid- 
ering two of the possible Lewis structures for the sulfate ion, which has 32 
valence electrons. For the Lewis structure 


each oxygen atom has six lone pair electrons and shares two electrons with the 
sulfur atom. Thus, according to the preceding assumptions, each oxygen is as- 
signed seven valence electrons: 


; 1 
Valence electrons assigned to each oxygen = 6 plus 3(2) = 7 
t t 
Lone Shared 
pair electrons 


electrons 
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Formal charge on oxygen = 6-7 = —1 
t 
Valence 


electrons on 
a free O atom 
Valence electrons 
assigned to each O 
in SO, 


The formal charge on each oxygen is —1. 
For the sulfur atom, there are no lone pair electrons, and eight electrons 
are shared with the oxygen atoms. Thus for sulfur, 


Valence electrons assigned to sulfur = 0 + 3(8) = 4 
t 


A 


Lone Shared 
pair electrons 
electrons 


Formal charge on sulfur = 6 — 4 = 2 


A 


Valence 
electrons on | 


free S atom 
Valence 
electrons 
assigned to S$ 
in SO47 
A second possible Lewis structure is 


2- 


In this case the formal charges are as calculated below. 


For oxygen atoms with single bonds: 
Valence electrons assigned = 6 + +(2) =a 
Formal charge = 6 — 7 = —1 


For oxygen atoms with double bonds: 


II 


Valence electrons assigned = 4 + (4) = 6 


A 
| 


Each double bond 
has 4 electrons 


Formal charge = 6 — 6 = 0 
For the sulfur atom: 
Valence electrons assigned = 0 + $(12) = 6 
Formal charge = 6 — 6 = 0 


Now, having determined the formal charges for the various Lewis structures of 
the sulfate ion, can we use them to identify which of the resonance structures 
is closest to the actual electronic structure of the ion? There are two schools of 
thought on this issue. One position assumes that the atoms in a molecule or ion 
wili try to achieve minimum formal charges. In other words, the assumption is 
that electrons will naturally flow from negatively charged parts of the molecule 
to positively charged parts, thus minimizing the charges on the atoms. From 
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this point of view, the resonance structures of $O,2~ with two double bonds 
(and minimum formal charges) 





fo) lems 
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would be favored. Note that these structures exceed the octet rule, thus requir- 
ing the sulfur to use its 3d orbitals to hold electrons. 

The other school of thought argues for the primacy of the octet rule and 
against the use of 3d orbitals. This position favors the single-bonded resonance 
structure of SO4?> 








with its octet of electrons around the sulfur and its high formal charges. 

Which point of view is correct? What do we know about the sulfate ion 
that might help us decide? One pertinent fact is that the sulfur-oxygen bonds in 
SO,?~ are known by experiment to be shorter than expected for normal single 
bonds. This would seem to favor the resonance structures with double bonds. 
However, one can also argue that the high formal charges on the atoms in the 
single-bonded structure cause ionic attractions that pull the atoms closer to- 
gether. Thus both schools of thought can adequately explain the short sulfur— 
oxygen bond lengths. 

At this point the dispute continues about which position is correct. For 
second-row elements where the octet rule is never exceeded, it seems clear that 
the “best” Lewis structures conform to the following rules: 


1. Atoms in molecules try to achieve formal charges as close to zero as possible. 


2. Any negative formal charges are expected to reside on the most electro- 
negative atoms. 


However, for molecules or ions containing third-row or heavier atoms, the 
situation is still unclear. 


Rules Governing Formal Charge 


1. To calculate the formal charge on an atom: 


¢ Take the sum of the lone pair electrons and one-half of the shared electrons. 
This is the number of valence electrons assigned to a given atom in the 
molecule. 


¢ Subtract the number of assigned electrons from the number of valence electrons 
on the free, neutral atom to obtain the formal charge. 


2. The sum of the formal charges of all atoms in a given molecule or ion must equal 
the overall charge on that species. 


3. If nonequivalent Lewis structures exist for a species containing second-row at- 
oms, those with formal charges closest to zero and with any negative formal 
charges on the most electronegative atoms are considered to best describe the 
bonding in the molecule or ion. 
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| EXAMPLE 13.10 
Give possible Lewis structures for XeO3, an explosive compound of xenon. 


Determine the formal charges of each atom in the various Lewis structures. 


Solution For XeQ; (26 valence electrons) we can draw the following possible 
Lewis structures (formal charges are indicated in parentheses): 


oe 


“, (+3) (+2) ** (+2) (+2) 
Xe Xe Xe 

ae *, Z SOA Aaa ets Bee Sc 

‘Opal WO: stele 30) Oc Leos joa ©: 

ei Oia) (0) *O* (24) (ihe (=) 1°? @) 
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(+1) (+1) °° (+1) (0) 
Xe Xe : Xewaes 
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fo, IL xen : Onlio OF Ola: Oe Oe 

‘e 1) ic (0) (O) :O: (OQ) (O) O. (—1) (0) AS) (0) 
(0) (—1) (0) (0) 


The concept of formal charge is most often used to evaluate the impor- 
tance of various Lewis structures for molecules that exhibit resonance. How- 
ever, formal charge arguments also can be helpful in predicting which, among 
a given group of atoms, is the central atom in a simple molecule. For example, 
why is carbon dioxide O—C—O rather than C—O—O? Although this ques- 
tion can be pursued at many different levels of sophistication, the simplest 
approach involves considering the formal charges in the two possible struc- 
tures. Note that in the Lewis structure given previously for carbon dioxide, 


-O=C=0; 


all atoms have formal charges of 0. However, if the atoms are arranged as 
follows, 


C—O) 


all the Lewis structures give unreasonable formal charges. Consider the follow- 
ing possibilities, where the formal charges are listed below each atom: 


:C=0=01" [C=0=0! :C—O=0: 


1 +2. =1 22. 0 = hee Saba 


None of these Lewis structures (with their resulting formal charges) agrees 
with our observation that oxygen has a significantly greater electronegativity 
than carbon. That is, it doesn’t make sense that a compound would contain a 
negatively charged carbon atom next to a positively charged oxygen atom. 

As a final note, there are several cautions about formal charge to keep in 
mind. First, although formal charges are closer to actual atomic charges in mole- 
cules than are oxidation states, formal charges still are only estimates of charge— 
they should not be taken as actual atomic charges. Second, the evaluation of 
Lewis structures using formal charge ideas can lead to erroneous predictions. 

In this same vein, note the difference between a “correct,” or valid, Lewis 
structure and an electronic structure that accurately accounts for a molecule’s 
observed properties. A valid Lewis structure is one that obeys the rules we have 
established for Lewis structures. However, this Lewis structure may or may 
not give an accurate picture of the molecule and its properties. Experiments 
must be carried out to make the final decisions on the correct description of the 
bonding in a molecule or polyatomic ion.* 





*For a discussion of this issue, see Gordon H. Purser, J. Chem. Ed. 76 (1999): 1013. 


13.13 Molecular Structure: The VSEPR Model 637 





13.13 


The origin of the “repulsions” among 
electron pairs probably results more 

from the operation of the Pauli exclu 

sion principle than from electrostatic 

effects, but we will not be concerned 
with that in this text 


| Molecular Structure. The VSEPR Model 


The structures of molecules play a very important role in determining their 
chemical properties. As we will see later, structure is particularly important for 
biological molecules; a slight change in the structure of a large biomolecule can 
completely destroy its usefulness to a cell or may even change the cell from 
normal to cancerous. 

Many accurate methods now exist for determining molecular structure, 
the three-dimensional arrangement of the atoms in a molecule. These methods 
must be used if precise information about structure is required. However, it is 
often useful to predict the approximate molecular structure of a molecule. In 
this section we consider a simple model that allows us to do this. This model, 
called the valence shell electron-pair repulsion (VSEPR) model, is useful in 
predicting the geometries of molecules formed from nonmetals. The main pos- 
tulate of this model is that the structure around a given atom is determined 
principally by minimizing electron-pair repulsions. The idea is that the bond- 
ing and nonbonding pairs around a given atom should be positioned as far 
apart as possible. To see how this model works, we will first consider the mol- 
ecule BeCh, which has the Lewis structure 


: Cl—Be—Cl : 


Note that there are two pairs of electrons around the beryllium atom. What 
arrangement of these electron pairs allows them to be as far apart as possible 
to minimize the repulsions? Clearly, the best arrangement places the pairs on 
opposite sides of the beryllium atom at 180 degrees: 





This is the maximum possible separation for two electron pairs. Once we have 
determined the optimal arrangement of the electron pairs around the central 
atom, we can specify the molecular structure of BeCl, — that is, the positions 
of the atoms. Since each electron pair on beryllium is shared with a chlorine 
atom, the molecule has a linear structure with a bond angle of 180 degrees: 


Cl Be— Cl 


vo Fe -o 


Next, let’s consider BF3, which has the Lewis structure 


Here the boron atom is surrounded by three pairs of electrons. What arrange- 
ment will minimize the repulsions? The electron pairs are farthest apart at an- 
gles of 120 degrees: 





Steve Borick Photograph © Cengage Learning. All rights 


reserved. 
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When four uniform balloons are tied 
together, they naturally form a tetrahe- 
dral shape. 





Figure 13.15 

The molecular structure of methane. 
The tetrahedral arrangement of elec- 
tron pairs produces a tetrahedral 
arrangement of hydrogen atoms. 


Since each electron pair is shared with a fluorine atom, the molecular structure is 


J 


F 
I< 120° 
pbs 


rF 6 -) 


This is a planar (flat) and triangular molecule, which is commonly described as 


trigonal planar. 
Next, let’s consider the methane molecule, which has the Lewis structure 


There are four pairs of electrons around the central carbon atom. What ar- 
rangement of these electron pairs best minimizes the repulsions? First, let’s try 
a square planar arrangement: 





The carbon atom and the electron pairs are centered in the plane of the paper, 
and the angles between the pairs are all 90 degrees. 

Is there another arrangement with angles greater than 90 degrees that 
would put the electron pairs even farther away from each other? The answer is 
yes. The tetrahedral arrangement has angles of 109.5 degrees: 





It can be shown that this is the maximum possible separation of four pairs 
around a given atom. This means that whenever four pairs of electrons are 
present around an atom, they should always be arranged tetrahedrally. 

Now that we have obtained the electron-pair arrangement that gives the 
least repulsions, we can determine the positions of the atoms and thus the mo- 
lecular structure of CH4. In methane each of the four electron pairs is shared 
between the carbon atom and a hydrogen atom. Thus the hydrogen atoms are 
placed as shown in Fig. 13.15, giving the molecule a tetrahedral structure with 
the carbon atom at the center. 

Recall that the fundamental idea of the VSEPR model is to find the ar- 
rangement of electron pairs around the central atom that minimizes the elec- 
tron repulsions. Then we can determine the molecular structure from knowing 
how the electron pairs are shared with the peripheral atoms. 
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aia | Steps for Using the VSEPR Model 


1 Draw the Lewis structure for the molecule. 


2 Count the electron pairs around the central atom, and arrange them in the 
way that minimizes repulsions (that is, put the pairs as far apart as 
possible). 


3 Determine the positions of the atoms from the ways the electron pairs are 


shared. 


4 Name the molecular structure from the positions of the atoms. 





We will now predict the structure of ammonia (NH3) using this approach. 


= Draw the Lewis structure. 


= Count the pairs of electrons, and arrange them to minimize repulsions. 


The NH; molecule has four pairs of electrons: three bonding pairs and one 
nonbonding pair. From the discussion of the methane molecule, we know 
that the best arrangement of four electron pairs is a tetrahedral array, as 
shown in Fig. 13.16(a). 


s Determine the positions of the atoms. 
The three H atoms share electron pairs, as shown in Fig. 13.16(b). 
= Name the molecular structure. 


It is very important to recognize that the name of the molecular structure is 
always based on the positions of the atoms. The placement of the electron 
pairs determines the structure, but the name is based on the positions of the 
atoms. Thus it is incorrect to say that the NH; molecule is tetrahedral. It has 
a tetrahedral arrangement of electron pairs but not a tetrahedral arrange- 
ment of atoms. The molecular structure of ammonia is a trigonal pyramid 
(one triangular side is different from the other three), rather than a tetrahe- 
dron, as shown in Fig. 13.16(c). 





Figure 13.16 

(a) The tetrahedral arrangement of electron pairs around the nitrogen atom in the ammonia 
molecule. (b) Three of the electron pairs around nitrogen are shared with hydrogen atoms, 
as shown, and the fourth is a lone pair. Although the arrangement of electron pairs is tetra- 
hedral, as in the methane molecule, the hydrogen atoms in the ammonia molecule occupy 
only three corners of the tetrahedron. A lone pair occupies the fourth corner. (c) Note that 

molecular geometry is trigonal pyramidal, not tetrahedral. 
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Figure 13.17 

(a) The tetrahedral arrangement of the 
four electron pairs around oxygen in 
the water molecule. (fb) Two of the 
electron pairs are shared between 
oxygen and the hydrogen atoms, and 
two are lone pairs. (c) The V-shaped 
molecular structure of the water 
molecule. 


Figure 13.18 

The bond angles in the CH,, NHs, and 
H»2O molecules. Note that the bond 
angle between bonding pairs 
decreases as the number of lone pairs 
increases. 








EXAMPLE 13.11 _ 








(a) (b) (c) 


Describe the molecular structure of the water molecule. 
Solution The Lewis structure for water is 
H—O—H 


There are four pairs of electrons: two bonding pairs and two nonbonding 
pairs. To minimize repulsions, these are best arranged in a tetrahedral array, as 
shown in Fig. 13.17(a). Although H,O has a tetrahedral arrangement of elec- 
tron pairs, it is not a tetrahedral molecule. The atoms in the H,O molecule 
form a V-shape, as shown in Fig. 13.17(b) and (c). 


From Example 13.11 we see that the H,O molecule is V-shaped, or bent, 
because of the presence of the lone pairs. If no lone pairs were present, the 
molecule would be linear, the polar bonds would cancel, and the molecule 
would have no dipole moment. This would make water very different from the 
polar substance so familiar to us. 

From the previous discussion, we would predict that the H—X—H bond 
angle (where X is the central atom) in CH4, NH3, and H;O should be the tet- 
rahedral angle (109.5 degrees). Experiments, however, show that the actual 
bond angles are those given in Fig. 13.18. What significance do these results 
have for the VSEPR model? One possible point of view is that the observed 
angles are close enough to the tetrahedral angle to be satisfactory. The oppo- 
site view is that the deviations are significant enough to require modification of 
the simple model so that it can more accurately handle similar cases. We will 
take the latter view. 

Let’s examine the following data: 


CH, NH; H,O 
Number of lone pairs 0 1 fs) 
Bond angle 109-52 107° 104.5° 
Methane Ammonia Water 
i 
107° af -S 104.5° uw! 












x 


(b) 


Figure 13.19 

(a) In a bonding pair of electrons, the 
electrons are shared by two nuclei. 

(b) In a lone pair, since both electrons 
must be close to a single nucleus, they 
tend to take up more of the space 
around that atom. 
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One interpretation of the trend observed here is that lone pairs require more 
space than bonding pairs; in other words, as the number of lone pairs in- 
creases, the bonding pairs are increasingly squeezed together. 

This interpretation seems to make physical sense if we think in the follow- 
ing terms: A bonding pair is shared between two nuclei, and the electrons can 
be close to either nucleus. Therefore they are relatively confined between the 
two nuclei. A lone pair is localized on only one nucleus, so both electrons are 
close to that nucleus only, as shown schematically in Fig. 13.19. These pictures 
help us to understand why a lone pair may require more space near an atom 
than a bonding pair. 

As a result of these observations, we make the following addition to the 
original postulate of the VSEPR model: Lone pairs require more room than 
bonding pairs and tend to compress the angles between the bonding pairs. 

So far we have considered cases with two, three, and four electron pairs 
around the central atom. These are summarized in Table 13.8. Table 13.9 sum- 
marizes the structures possible for molecules in which there are four electron 
pairs around the central atom with various numbers of atoms bonded to it. 
Note that molecules with four pairs of electrons around the central atom can be 
tetrahedral (AB,), trigonal pyramidal (AB3), and V-shaped (AB,). For five pairs 


Table 13.8 


Arrangements of Electron Pairs Around an Atom Yielding Minimum Repulsion 
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Table 13.9 


Structures of Molecules That Have Four Electron Pairs 


Around the Central Atom 


Table 13.10 


Structures of Molecules with Five Electron Pairs 
Around the Central Atom 








Electron-Pair Arrangement 





Molecular Structure 


Electron-Pair Arrangement Molecular Structure 
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Trigonal 
bipyramidal 
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See-saw 


BZ 
oe @ 
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T-shaped 


@ 


6%-@ 
BS 


Tetrahedral 


Trigonal pyramid 


®-@ 
P 


V-shaped (bent) 


Linear 





of electrons, there are several possible electron-pair arrangements. The one that 
produces minimum repulsion is a trigonal bipyramid. Note from Table 13.8 
that this arrangement has two different angles, 90 degrees and 120 degrees. As 
the name suggests, the structure formed by this arrangement of pairs consists of 
two trigonal-based pyramids that share a common base. Table 13.10 summa- 
rizes the structures possible for molecules in which there are five electron pairs 
around the central atom with various numbers of atoms bonded to it. Note that 
molecules with five pairs of electrons around the central atom can be trigonal 
bipyramidal (ABs), see-saw (AB), T-shaped (AB;), and linear (AB»). Six pairs of 
electrons can best be arranged around a given atom to form an octahedral struc- 
ture with 90-degree angles, as shown in Table 13.8. 

To use the VSEPR model to determine the geometric structures of mole- 
cules, you should memorize the relationships between the number of electron 
pairs and their best arrangement. 


Lewis structure for PCI; 
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Tetrahedral PCl,* cation 
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OWL INTERACTIVE EXAMPLE 13.12 


When phosphorus reacts with excess chlorine gas, the compound phosphorus 
pentachloride (PCls) is formed. In the gaseous and liquid states, this substance 
consists of PCl; molecules, but in the solid state, it consists of a 1:1 mixture of 
PCl4* and PCl,~ ions. Predict the geometric structures of PCls;, PCl4*, and 
PCle=. 


Solution The traditional Lewis structure for PCl; is shown in the margin. Five 
pairs of electrons around the phosphorus atom require a trigonal bipyramidal 
arrangement (see Table 13.8). When the chlorine atoms are included, a trigo- 
nal bipyramidal molecule results. 





The Lewis structure for the PCl,* ion [5 + 4(7) — 1 = 32 valence elec- 
trons] is shown in the margin. There are four pairs of electrons surrounding the 
phosphorus atom in the PCl,* ion. This requires a tetrahedral arrangement of 
the pairs, as shown in the figure in the margin. Since each pair is shared with a 
chlorine atom, a tetrahedral PCl4* cation results. 

The traditional Lewis structure for PCl,~ [5 + 6(7) + 1 = 48 valence elec- 
trons] is 


wn: Cline. 
Ch | _UCE 
sees 
Cl, 
Since phosphorus is surrounded by six pairs of electrons, an octahedral ar- 
rangement is required to minimize repulsions, as shown below on the left. 


Since each electron pair is shared with a chlorine atom, an octahedral PCl¢~ 
anion is predicted. 





OWL INTERACTIVE EXAMPLE 13.13 


Because the noble gases have filled s and p valence orbitals, they are not ex- 
pected to be chemically reactive. In fact, for many years these elements were 
called inert gases because of this supposed inability to form any compounds. 
However, in the early 1960s, several compounds of krypton, xenon, and radon 
were synthesized. For example, a team at the Argonne National Laboratory 
produced the stable colorless compound xenon tetrafluoride (XeF,). Predict its 
structure and determine whether it has a dipole moment. 


Argonne National Laboratory 
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Xenon tetrafluoride crystals. 


Figure 13.20 

Possible electron-pair arrangement for 
XeF 4. Since arrangement (a) has lone 
pairs 90 degrees apart, it is less favor- 
able than arrangement (b), where the 
lone pairs are 180 degrees apart. 





Solution The traditional Lewis structure for XeF, is 


The xenon atom in this molecule is surrounded by six pairs of electrons, re- 
quiring an octahedral arrangement: 





The structure predicted for this molecule depends on how the lone pairs 
and bonding pairs are arranged. Consider the two possibilities shown in Fig. 
13.20. The bonding pairs are indicated by the presence of fluorine atoms. Since 
the structure predicted differs in the two cases, we must decide which of these 
arrangements is preferable. The key is to look at the lone pairs. In the structure 
in part (a), the lone pair—lone pair angle is 90 degrees; in the structure in part 
(b), the lone pairs are separated by 180 degrees. Since lone pairs require more 
room than bonding pairs, a structure with two lone pairs at 90 degrees is un- 
favorable. Thus the arrangement in Fig. 13.20(b) is preferred, and the molecu- 
lar structure is predicted to be square planar. Note that this molecule is not 
described as being octahedral. There is an octahedral arrangement of electron 
pairs, but the atoms form a square planar structure. 


leads to the 
structure 


G& 





(a) 


leads to the ea 3 peewee Lip aN @ 
structure 3 





(b) 


Figure 13.21 

Three possible arrangements of the 
electron pairs in the ls_ ion. Arrange- 
ment (c) is preferred because there are 
no 90-degree lone pair—lone pair 
interactions. 
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Although each Xe—F bond is polar (fluorine has a greater electronegativ- 
ity than xenon), the square planar arrangement of these bonds causes the po- 
larities to cancel. 





Thus XeF, has no dipole moment. 


We can further illustrate the use of the VSEPR model for molecules or 
ions with lone pairs by considering the triiodide ion (I;~). The Lewis structure 
for I~ is 





The central iodine atom has five pairs around it, requiring a trigonal bipyrami- 
dal arrangement. Several possible arrangements of the lone pairs are shown in 
Fig. 13.21. Note that structures (a) and (b) have lone pairs at 90 degrees, 
whereas in (c) all lone pairs are at 120 degrees. Thus structure (c) is preferred. 
The resulting molecular structure for I,~ is linear. 


(Sie 


The VSEPR Model and Multiple Bonds 

So far in our treatment of the VSEPR model, we have not considered any mol- 
ecules with multiple bonds. To see how these molecules are handled by this 
model, let’s consider the NO3;~ ion, which requires three resonance structures 
to describe its electronic structure: 





<—_ <_— 
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Chemical Insights 
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Semiochemicals 





Chemical Structure and Communication: 





In this chapter we have stressed the importance of 
being able to predict the three-dimensional structure 
of a molecule. Molecular structure is important 
because of its effect on chemical reactivity. This is 
especially true in biological systems, where reactions 
must be efficient and highly specific. Among the 
hundreds of types of molecules in the fluids of a 
typical biological system, the appropriate reactants 
must find and react only with each other—they must 
be very discriminating. This specificity depends pri- 
marily on structure. The molecules are constructed 
so that only the appropriate partners can approach 
each other in a way that allows reaction. 

Molecular structure is also central for those 
molecules used as a means of communication. 
Examples of chemical communication occurring in 
humans are the conduction of nerve impulses 
across synapses, the control of the manufacture 
and storage of key chemicals in cells, and the 
senses of smell and taste. Plants and animals also 
use chemical communication. For example, ants 
lay down a chemical trail so that other ants can 
find a certain food supply. Ants also warn their 
fellow workers of approaching danger by emitting 
certain chemicals. 

Molecules convey messages by fitting into 
appropriate receptor sites in a very specific way, 
which is determined by their structure. When a 
molecule occupies a receptor site, chemical pro- 
cesses that produce the appropriate response are 
stimulated. Sometimes receptors can be fooled, as 
in the use of artificial sweeteners—molecules fit the 
sites on the taste buds that stimulate a “sweet” 
response in the brain, but they are not metabolized 
in the same way as natural sugars. Similar decep- 





tion is useful in insect control. If an area is sprayed 
with synthetic female sex attractant molecules, the 
males of that species become so confused that 
mating does not occur. 

A semiochemical is a molecule that delivers a 
message between members of the same or different 
species of plant or animal. There are three groups 
of these chemical messengers: allomones, kairo- 
mones, and pheromones. Each is of great ecologi- 
cal importance. 

An allomone is defined as a chemical that gives 
adaptive advantage to the producer. For example, 
leaves of the black walnut tree contain an herbi- 
cide, juglone, that appears after the leaves fall to 
the ground. Juglone is not toxic to grass or certain 
grains, but it is effective against plants such as 
apple trees that would compete for the available 
water and food supplies. 

Antibiotics are also allomones, since the micro- 
organisms produce them to inhibit other species 
from growing near them. 

Many plants produce bad-tasting chemicals to 
protect themselves from plant-eating insects and 
animals. The familiar compound nicotine deters 
animals from eating the tobacco plant. The milli- 
pede sends an unmistakable “back off” message by 
squirting a predator with benzaldehyde and hydro- 
gen cyanide. 

Defense is not the only use of allomones, 
however. Flowers use scent to attract pollinating 
insects. Honeybees, for instance, are guided to 
alfalfa flowers by a series of sweet-scented 
compounds. 

Kairomones are chemical messengers that bring 
advantageous news to the receiver. For example, 





The NO3° ion is known to be planar with 120-degree bond angles: 





This planar structure is the one expected for three pairs of electrons around 
a central atom, which means that a double bond should be counted as one ef- 
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the floral scents are kairomones from the honey- 
bees’ viewpoint. Many predators are guided by 
kairomones emitted by their food. For example, 
apple skins exude a chemical that attracts the 
codling moth larva. In some cases kairomones help 
the underdog. Certain marine mollusks can pick 
up the “scent” of their predators, the sea stars, and 
make their escape. 

Pheromones are chemicals that affect receptors 
of the same species as the donor. That is, they are 
specific within a species. Releaser pheromones 
cause an immediate reaction in the receptor, 
whereas primer pheromones cause long-term 
effects. Examples of releaser pheromones are the 
sex attractants of insects, generated in some species 
by the males and in others by the females. Sex 
pheromones have also been found in plants and 
mammals. 

Alarm pheromones are highly volatile com- 
pounds (ones easily changed to a gas) released to 
warn of danger. Honeybees produce isoamyl 
acetate (C>H,4Q3) in their sting glands. Because of 
its high volatility, this compound does not linger 
after the state of alert is over. Social behavior in 
insects is characterized by the use of trail phero- 
mones, which are used to indicate a food source. 
Social insects such as bees, ants, wasps, and ter- 





Scott Camazine/Photo Researchers 


Honeybees are attracted to these alfalfa flowers by 
sweet-scented compounds the flowers emit. 


removed from the hive or dies, the worker bees are 
activated by the absence of the queen substance 
and begin to feed royal jelly to bee larvae to raise a 


mites use these substances. Since trail pheromones 
are less volatile compounds, the indicators persist 
for some time. 

Primer pheromones, which cause long-term 
behavioral changes, are harder to isolate and iden- 
tify. One example, however, is the “queen sub- 


new queen. The queen substance also prevents the 
development of the workers’ ovaries so that only 
the queen herself can produce eggs. 

Many studies of insect pheromones are now 
under way in the hope that they will provide a 
method of controlling insects that is more efficient 


stance” produced by queen honeybees. All the eggs and safer than the current chemical pesticides. 


in a colony are laid by one queen bee. If she is 











fective pair in using the VSEPR model. This makes sense because the two pairs 
of electrons involved in the double bond are not independent pairs. Both of the 
electron pairs must be in the space between the nuclei of the two atoms to form 
the double bond. In other words, the double bond acts as one center of electron 
density to repel the other pairs of electrons. The same holds true for triple 
bonds. This leads us to another general rule: For the VSEPR model, multiple 
bonds count as one effective electron pair. 

The molecular structure of nitrate also illustrates one more important 
point: When a molecule exhibits resonance, any one of the resonance struc- 
tures can be used to predict the molecular structure using the VSEPR model. 
These rules are illustrated in Example 13.14. 
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Smelling and Tasting Electronically 





The human nose and tongue are excellent quality- 
control sensors. For example, we can tell whether 
food is spoiled by its disagreeable odor and taste. 
Because it’s impractical to use humans as sensors 
in industrial settings, several companies are now 
developing electronic noses. 

Cyrano Sciences has developed a hand-held elec- 
tronic nose (called a Cyranose) that can identify spe- 
cific odors by the “smell print” they create in the 
32 sensors of the instrument. Each sensor is com- 
posed of conductive carbon black combined with a 
nonconducting polymer. In the presence of the 
chemicals associated with an odor, the polymer 
swells, thereby disrupting the conductive pathways 
and increasing the resistance. The device is “trained” 
to detect particular odors by subjecting it to known 
sources of those odors and storing the electrical 
signals in the machine’s database. When the “nose” 
is then exposed to an odor in an industrial setting, it 
identifies the odor by comparing the input signals 
with its database. The Cyranose is used in the food 
and beverage industries to monitor the condition of 
raw materials and the quality of the finished 
product. In the chemical industry, it is used to pin- 
point leaks and to identify manufacturing odors. 

Other artificial noses are now being developed 
that can furnish early detection of diseases. 
Various researchers are now developing “noses” 
that can detect different types of bacteria and can 
provide early diagnosis of lung cancer. 

A company called Alpha M.O.S. has recently 
introduced what it calls the “world’s first commer- 
cial electronic tongue,” a device used to identify 
various tastes associated with liquids. Like the 
Cyranose, the electronic tongue must first be 
“trained” by exposing its probe to known liquid 
characteristics to record their “fingerprints.” Once 
programmed, the “tongue” can recognize tastes 
such as sweetness, sourness, bitterness, and salti- 





Courtesy, Cyrano Science, Inc. 





A Cyranose sensor (an “electronic nose”). 


ness and can detect rancidity and various types of 
contamination. The electronic tongue is of particu- 
lar interest to the pharmaceutical industry, where 
it is hoped it can reduce the need for human 
tasting panels. 

Artificial tasters are also being developed for 
sensing diseases. For example, Eric V. Anslyn and 
his coworkers at the University of Texas at Austin 
have reported a system that can recognize the 
“taste of heart disease” by analyzing the “taste” of 
blood samples. 

Humans and animals are still the best 
“smellers” and tasters, but computers are rapidly 
catching up. 
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OWL INTERACTIVE EXAMPLE 13.14 


Predict the molecular structure of the sulfur dioxide molecule. Is this molecule 
expected to have a dipole moment? 


Solution First, we must determine the Lewis structure for the SO) molecule, 
which has 18 valence electrons. The expected resonance structures are 


Neer aaa a 


To determine the molecular structure, we must count the electron pairs around 
the sulfur atom. In each resonance structure, the sulfur has one lone pair, one 
pair in a single bond, and one double bond. Counting the double bond as one 
pair yields three effective pairs around the sulfur. According to Table 13.8, a 
trigonal planar arrangement is required, yielding a V-shaped molecule: 

120° 

Oe 

S 
Thus the structure of the SO) molecule is expected to be V-shaped with a 120- 
degree bond angle. The molecule has a dipole moment directed as shown: 


Om 50 
S 
a 
Since the molecule is V-shaped, the polar bonds do not cancel. 


It should be noted at this point that lone pairs oriented at least 120 degrees 
from other pairs do not produce significant distortions of bond angles. For 
example, the angle in the SO, molecule is actually quite close to 120 degrees. 
We will follow the general principle that an angle of 120 degrees provides lone 
pairs with enough space so that distortions do not occur. Angles less than 
120 degrees are distorted when lone pairs are present. 


Molecules Containing No Single Central Atom 


So far we have considered molecules consisting of one central atom surrounded 
by other atoms. The VSEPR model can be readily extended to more compli- 
cated molecules, such as methanol (CH3OH). This molecule is represented by 
the following Lewis structure: 


H—C—0-H 
H 


The VSEPR Model 





The following rules are helpful in using the VSEPR model to predict molecular 
structure. 


1. Determine the Lewis structure(s) for the molecule. 


2. For molecules with resonance structures, use any of the structures to predict the 
molecular structure. 


3. Sum the electron pairs around the central atom. 


(continued) 


650 Chapter 13 Bonding: General Concepts 





(b) 





(c) 

Figure 13.22 

The molecular structure of methanol. 
(a) The arrangement of electron pairs 
and atoms around the carbon atom. 
(b) The arrangement of bonding and 
lone pairs around the oxygen atom. 
(c) The molecular structure. 


Ken O’Donoghue/Photograph © Cengage 


The VSEPR Model (Continued) 





4, When counting pairs, count each multiple bond as a single effective pair. 


5. Determine the arrangement of the pairs that minimizes electron-pair repulsions. 
These arrangements are shown in Table 13.8. 

6. Lone pairs require more space than bonding pairs. Choose an arrangement that 
gives the lone pairs as much room as possible, although it appears that an angle 
of at least 120 degrees between lone pairs provides enough space. Recognize that 
lone pairs at angles less than 120 degrees may produce distortions from the ideal- 
ized structure. 


The molecular structure can be predicted from the arrangement of pairs 
around the carbon and oxygen atoms. Note that there are four pairs of elec- 
trons around the carbon, which calls for a tetrahedral arrangement, as shown 
in Fig. 13.22(a). The oxygen also has four pairs, requiring a tetrahedral ar- 
rangement. However, in this case the tetrahedron will be slightly distorted by 
the space requirements of the lone pairs [Fig. 13.22(b)]. The overall geometric 
arrangement for the molecule is shown in Fig. 13.22(c). 


The VSEPR Model—How Well Does It Work? 


The VSEPR model is very simple. There are only a few rules to remember, yet 
the model correctly predicts the molecular structures of most molecules formed 
from nonmetallic elements. Molecules of any size can be treated by applying 
the VSEPR model to each appropriate atom (those bonded to at least two other 
atoms) in the molecule. Thus we can use this model to predict the structures of 
molecules with hundreds of atoms. It does, however, fail in a few instances. 
For example, phosphine (PH3), which has a Lewis structure analogous to that 
of ammonia, 


H—-P—H H-N-H 
H 


would be predicted to have a molecular structure similar to that for NH; with 
bond angles of about 107 degrees. However, the bond angles of phosphine are 
actually 94 degrees. There are ways of explaining this structure, but more rules 
have to be added to the model. 

This example again illustrates the point that simple models will certainly 
have exceptions. In introductory chemistry we want to use simple models that 
fit the majority of cases; we are willing to accept a few failures rather than 
complicate the model. The amazing thing about the VSEPR model is that such 
a simple model correctly predicts the structures of so many molecules. 
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Key Terms For Review 
Section 13.1 OWL ang (SC HEUTE 
bond energy Sign in at www.cengage.com/ow! to: 


ionic compound 
Coulomb’s law 
bond length 
covalent bonding 
polar covalent bond 


Section 13.2 
electronegativity 


Section 13.3 
dipole moment 


Section 13.4 
isoelectronic ions 


Section 13.5 
lattice energy 


Section 13.8 
single bond 
double bond 
triple bond 


Section 13.9 

localized electron (LE) model 
lone pair 

bonding pair 

Section 13.10 

Lewis structure 

duet rule 

octet rule 


Section 13.11 
resonance 
resonance structure 


Section 13.12 
formal charge 


Section 13.13 

molecular structure 

valence shell electron-pair 
repulsion (VSEPR) model 

linear structure 

trigonal planar 

tetrahedral arrangement 

trigonal pyramid 

trigonal bipyramid 

octahedral structure 

square planar 





¢ View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 
¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 
Chemical bonds 
= Hold groups of atoms together 
= Occur when a group of atoms can lower its total energy by aggregating 
a Types of chemical bonds 
w Ionic: electrons are transferred to form ions 
a Covalent: equal sharing of electrons 
# Polar covalent: unequal electron sharing 
w Percent ionic character of a bond X—Y 


Measured dipole moment of X—Y 





0 
Calculated dipole moment for X* Y~ plane 
w Electronegativity: the relative ability of an atom to attract shared 
electrons 
# The polarity of a bond depends on the electronegativity difference of 
the bonded atoms 
w The spatial arrangement of polar bonds in a molecule determines 
whether the molecule has a dipole moment 


lonic bonding 

ws Anion has a different size than its parent atom 
a An anion is larger than its parent ion 
a A cation is smaller than its parent atom 

a Lattice energy: the change in energy when ions are packed together to 
form an ionic solid 


Bond energy 

ms The energy necessary to break a covalent bond 

m Increases as the number of shared pairs increases 

= Can be used to estimate the enthalpy change for a chemical reaction 


Lewis structures 

s Show how the valence electron pairs are arranged among the atoms in 
a molecule or polyatomic ion 

ws Stable molecules usually contain atoms that have their valence orbitals 
filled 
= Leads to a duet rule for hydrogen 
= Leads to an octet rule for second-row elements 
a The atoms of elements in the third row and beyond can exceed the 

octet rule 

= Several equivalent Lewis structures can be drawn for some molecules, 
a concept called resonance 

a When several nonequivalent Lewis structures can be drawn for a mol- 
ecule, formal charge is often used to choose the most appropriate 
structure(s) 


VSEPR model 

= Based on the idea that electron pairs will be arranged around a central 
atom in a way that minimizes the electron repulsions 

= Can be used to predict the geometric structure of most molecules 
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Discussion Questions 
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These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


ile 


Exercises 


Explain the electronegativity trends across a row and 
down a column of the periodic table. Compare these 
trends with those of ionization energy and atomic radii. 
How are they all related? 


. The ionic compound AB is formed. The charges on the 


ions may be'+1, —1; +2, —2; +3, —3; or even larger. 
What are the factors that determine the charge for an ion 
in an ionic compound? 


. Using only the periodic table, predict the most stable ion 


for Na, Mg, Al, S, Cl, K, Ca, and Ga. Arrange these from 
largest to smallest radius, and explain why the radius var- 
ies as it does. Compare your predictions with Fig. 13.8. 


. The bond energy for the C—H bond is about 413 kJ/mol 


in CH, but 380 kJ/mol in CHBr3. Although these values 
are relatively close in magnitude, they are different. Ex- 
plain why they are different. Does the fact that the C—H 
bond energy in CHBr; is lower make any sense? Why? 


. Consider the following statement: “Because oxygen 


seems to prefer a negative two charge, the second elec- 





10, 


tron affinity is more negative than the first.” Indicate 
everything that is correct in this statement. Indicate ev- 
erything that is incorrect. Correct the incorrect informa- 
tion, and explain. 


. Which has the greater bond lengths: NO,” or NO3°? 


Explain. 


. The following ions are best described with resonance 


structures. Draw the resonance structures, and using for- 
mal charge arguments, predict the “best” Lewis struc- 
ture for each ion. 

as_ NCO” 

b. CNO7 


. Would you expect the electronegativity of titanium to be 


the same in the species Ti, Ti?*, Ti?*, and Ti**? Explain. 


. The second electron affinity values for both oxygen and 


sulfur are unfavorable (endothermic). Explain. 

Arrange the following molecules from most to least po- 
lar, and explain your order: CH4, CF,Cl,, CF,H2, CCl., 
and CCl,Hb. 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Chemical Bonds and Electronegativity 


ili. 


es 


Distinguish between the terms electronegativity and elec- 
tron affinity, covalent bond and ionic bond, and pure 
covalent bond and polar covalent bond. Characterize the 
types of bonds in terms of electronegativity difference. 
Energetically, why do ionic and covalent bonds form? 


The following electrostatic potential diagrams represent 
H,, HCl, or NaCl. Label each, and explain your choices. 





(a) 





(b) 


14. 





. An alternative definition of electronegativity is 


Electronegativity = constant (I.E. — E.A.) 


where I.E. is the ionization energy and E.A. is the elec- 
tron affinity using the sign conventions of this book. Use 
data in Chapter 12 to calculate the (I.E. — E.A.) term for 
F, Cl, Br, and I. Do these values show the same trend as 
the electronegativity values given in this chapter? The 
first ionization energies of the halogens are 1678, 1255, 
1138, and 1007 kJ/mol, respectively. (Hint: Choose a 
constant so that the electronegativity of fluorine equals 
4.0. Using this constant, calculate relative electronega- 
tivities for the other halogens and compare to values 
given in the text.) 


Use Coulomb’s law, 


v = 2122 _ 931 x 10224 nm( 2122) 
te 


4ireor 


to calculate the energy of interaction for the following 
two arrangements of charges, each having a magnitude 
equal to the electron charge. 

an le ei0e mm ix 10m. 


O@—O—-—O@—B 


Dest 10s"? I< iO 
ip 
ix 10-1 m ai Orin 


16. 


18. 


22. 


. Some 


. Without using Fig. 13.3, predict the order of increasing 


electronegativity in each of the following groups of 
elements. 


ac NN, © Ganbits< Ge 
5. Ses CD en Na, K, Rb 
€. Si, Ge, Sn f. B, O, Ga 


Without using Fig. 13.3, predict which bond in each of 
the following groups is the most polar. 

a. C—F, Si—F, Ge—F 

b. P—C]I, S—Cl 

S—F, S—Cl, S—Br 

Ti—Cl, Si—Cl, Ge—Cl 

C—H, Si—H, Sn—H 

f. Al—Br, Ga—Br, In—Br, TI—Br 


on0 


. Repeat Exercises 15 and 16. This time use the values of 


the electronegativities of the elements given in Fig. 13.3. 
Are there any differences among your answers? 


Hydrogen has an electronegativity value between boron 
and carbon and identical to phosphorus. With this in 
mind, rank the following bonds in order of decreasing 
polarity: P—H, O—H, N—H, F—H, C—H. 


. Rank the following bonds in order of increasing ionic 


character: N—O, Ca—O, C—F, Br—Br, K—F. 


. List all the possible bonds that can occur between the 


elements P, Cs, O, and H. Predict the type of bond (ionic, 
covalent, or polar covalent) one would expect to form 
for each bond. 


plant fertilizer compounds are (NHg4)sSOq, 
Ca3(PO4)2, KO, P3O;, and KCl. Which of these com- 
pounds contain both ionic and covalent bonds? 

The following electrostatic potential diagrams represent 
CHy4, NH3, or H2O. Label each, and explain your choices. 





lons and lonic Compounds 


20% 


When an element forms an anion, what happens to the 
radius? When an element forms a cation, what happens 
to the radius? Why? Define the term isoelectronic. When 
comparing sizes of ions, which ion has the largest radius, 
and which ion has the smallest radius in an isoelectronic 
series? Why? 


24. 


fe 


28. 


50) 
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So 


34. 
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Consider the ions Sc3*, Cl-, K+, Ca*+, and S2-. Match 
these ions to the following pictures that represent the 
relative sizes of the ions. 


Qo 





25. For each of the following groups, place the atoms and 


ions in order of decreasing size. 
PST RG Tee Oi ees 

Pp) 2 
ONG tae Pe 
OLOs, OF 
Lae. Fu Gd3*, Yb?+ 
mbes len @seubacw. Las 


Or O21) on 


. Write electron configurations for each of the following. 


ay the cations: Me™, Sno she> Alt, Ii Acey 
b. the anions: N3-, O7~, F-, Te?~ 
Write electron configurations for the most stable ion 


formed by each of the elements Rb, Ba, Se, and I (when 
in stable ionic compounds). 


Give an example of an ionic compound where both the 
anion and the cation are isoelectronic with each of the 
following noble gases. 

a. Ne Gl, Ike 

b. Ar e. Xe 


29, What noble gas has the same electron configuration as 


each of the ions in the following compounds? 
a. cesium sulfide c. calcium nitride 
b. strontium fluoride d. aluminum bromide 


Which of the following ions have noble gas electron 
configurations? 

a. Hee Fee Ger, Gor” en Puce. Geen. lie 

by Dieses. Cr Cee Bae Pt sean 


Give three ions that are isoelectronic with krypton. Place 
these ions in order of increasing size. 


Which compound in each of the following pairs of ionic 
substances has the most exothermic lattice energy? Jus- 
tify your answers. 
a. LiF, CsF d. Na SQ4, CaSO, 
b. NaBr, Nal e. KF, K,0 


CubaGl a ba® f. LipO, NaS 


Predict the empirical formulas of the ionic compounds 
formed from the following pairs of elements. Name each 


compound. 

a. Aland § c. Mg and Cl 

b. Kand N d. Cs and Br 

Following are some important properties of ionic 
compounds: 


i. low electrical conductivity as solids, and high con- 
ductivity in solution or when molten 
ii. relatively high melting and boiling points 
iii. brittleness 


How does the concept of ionic bonding discussed in this 
chapter account for these properties? 
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Use the following data to estimate AH? for potassium 


chloride. 
K(s) + 5Ch(g) —> KCl(s) 


Lattice energy —690. kJ/mol 
Ionization energy for K 419 kJ/mol 
Electron affinity of Cl —349 kJ/mol 
Bond energy of Cl, 239 kJ/mol 
Enthalpy of sublimation for K 90. kJ/mol 


Use the following data to estimate AH? for magnesium 
fluoride. 


Mg(s) + F2(g) —> MgF,/(s) 


Lattice energy —2913 kJ/mol 


First ionization energy of Mg 735 kJ/mol 
Second ionization energy of Mg 1445 kJ/mol 
Electron affinity of F —328 kJ/mol 
Bond energy of F) 154 kJ/mol 
Enthalpy of sublimation of Mg 150. kJ/mol 


. Consider the following: Li(s) + $I(g) = Lil(s) AH = 


—292 kJ. Lil(s) has a lattice energy of —753 kJ/mol. The 
ionization energy of Li(g) is 520. kJ/mol, the bond energy 
of I,(g) is 151 kJ/mol, and the electron affinity of I(g) is 
—295 kJ/mol. Use these data to determine the heat of sub- 
limation of Li(s). 


In general, the higher the charge on the ions in an ionic 
compound, the more favorable is the lattice energy. Why 
do some stable ionic compounds have +1 charged ions 
even though +4, +5, and +6 charged ions would have a 
more favorable lattice energy? 


Consider the following energy changes: 





AE (kJ/mol) 
Miele) eee VIE (2 )uct 735 
Mg*(g) —> Mg?*(g) + e7 1445 
Ogi te > O18) -141 
O-(g) +e —> O*°(g) 878 


a. Magnesium oxide exists as Mg?*O?-, not as 
Mg*O-. Explain. 

b. What experiment could be done to confirm that 
magnesium oxide does not exist as MgtO~? 


Use the following data (in kJ/mol) to estimate AH for the 


reaction S~(g) +e — S*~(g). Include an estimate of 
uncertainty. 








Lattice Naas 

AH? Energy IE of M of M 
NaS =3.69. 2209 495 109 
KS S30 =2052 419 90. 
Rb2S Sool —1949 409 82 
Cs2S 360: 1850; 382 78 


S(s) — > S(g) AH = 277 kJ/mol 


S(g) +e —~> S“(g) AH = —200. kJ/mol 


41. 


42. 


Rationalize the following lattice energy values: 


Lattice Energy 


Compound (kJ/mol) 
CaSe = 2862 
Na2Se =A) 
CaTe PG) 
NazTe 25) 


The lattice energies of FeCl3, FeCl,, and Fe2O3 are (in no 
particular order) —2631 kJ/mol, —5339 kJ/mol, and 
—14,774 kJ/mol. Match the appropriate formula to each 
lattice energy. 


Bond Energies 


43. 


44, 


46. 


47. 


48. 


Use bond energy values in Table 13.6 to estimate AH for 
each of the following reactions in the gas phase. 

a. H2(g) + Chig) > 2HCl(g) 

b. N=N(g) + 3Hi(g) > 2NH43(g) 


HH 
c. H—C=Nig) + 2Ha(g) —> H—C—Nig) 
H H 
HW va Deg ere 
dil) 8 ONS No Ug 2ible)— NN) 4) 


Compare your answers from parts a and b of Exercise 43 
with AH values calculated for each reaction using stan- 
dard enthalpies of formation in Appendix 4. Do enthalpy 
changes calculated from bond energies give a reasonable 
estimate of the actual values? 


. Use bond energies to predict AH for the isomerization of 


methyl isocyanide to acetonitrile. 
CH3N=C(g) —> CH3;C=N(g) 


Use data from Table 13.6 to estimate AH for the com- 
bustion of methane (CHg), as shown below: 





yy x 





Use bond energies to estimate AH for the combustion of 
1 mole of acetylene: 


CoHa(g) + 302(g) —> 2COz(g) + H,0(g) 
Consider the following reaction: 


A, + B, — > 2AB AH = —285 kJ 


49. 


50. 
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The bond energy for A) is one-half the amount of the AB 
bond energy. The bond energy of B, = 432 kJ/mol. What 
is the bond energy of A>? 


The space shuttle orbiter uses the oxidation of methyl! 
hydrazine by dinitrogen tetroxide for propulsion: 


5N30,(g) + 4N,H;CH;(g) 
—+ 12H,O(g) + 9N3(g) + 4COx(g) 


Use bond energies to estimate AH for this reaction. The 
structures for the reactants are 


O O 
\ Vj, H pas 
N—N ls N—N 
oh S x NS 
O O H.C H 


Following are three processes that have been used for the 
industrial manufacture of acrylonitrile—an important 
chemical used in the manufacture of plastics, synthetic 
rubber, and fibers. Use bond energy values (Tables 13.6 


and 13.7) to estimate AH for each of the reactions. 
uo 
as ClCH + HCN — eS ee 
O HH 
H H 
AS / 
HOCH,CH,CN —> os. + H,O 
H C=N 


5 ACh CHCH, + NO 


Ag 
4CH,=CHCN + 6H,0 + N> 


The nitrogen—oxygen bond energy in nitric oxide 
(NO) is 630. kJ/mol. 
Catalyst 


pee —-C er, F ZN, + 30) 
2CH,=CHCN + 6H,0 


. Is the elevated temperature noted in parts b and c of 


Exercise 50 needed to provide energy to endothermic 
reactions? 

Acetic acid is responsible for the sour taste of vinegar. It 
can be manufactured using the following reaction: 


| 
CH;OH(g) + C=O(g) —> CH;C—OH(I) 


Use tabulated values of bond energies (Table 13.6) to 
estimate AH for this reaction. Compare this result to the 
AH value calculated using standard enthalpies of forma- 
tion in Appendix 4. Explain any discrepancies. 


. Use bond energies (Table 13.6), values of electron affini- 


ties (Table 12.8), and the ionization energy of hydrogen 
(1312 kJ/mol) to estimate AH for each of the following 
reactions. 
apd etd (2) ie Eig) 
b. HCl(g) —~> H*(g) + Cl-(g) 
Ce Eagan (g) + Tg) 
digi Ole) —— i Eia(g) + OF (gz) 
(Electron affinity of OH(g) = —180. kJ/mol.) 


54. 
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The standard enthalpies of formation of S(g), F(g), 

SF4(g), and SF,(g) are +278.8 kJ/mol, +79.0 kJ/mol, 

—775 kJ/mol, and —1209 kJ/mol, respectively. 

a. Use these data to estimate the energy of an S—F bond. 

b. Compare the value that you calculated in part a with 
the value given in Table 13.6. What conclusions can 
you draw? 

c. Why are the AH? values for S(g) and F(g) not equal to 
zero, even though sulfur and fluorine are elements? 

Use the following standard enthalpies of formation to 


estimate the N—H bond energy in ammonia. Compare 
this with the value in Table 13.6. 


Nig) 472.7 kJ/mol 
H(g) 216.0 kJ/mol 
NH(g)  —46.1 kJ/mol 


The standard enthalpy of formation for NO(g) is 90. kJ/ 
mol. Use this and the values for the O=O and N=N 
bond energies to estimate the bond strength in NO. 


Lewis Structures and Resonance 


oir 


58 


sy. 


60 


61 


62. 


63 


Write Lewis structures that obey the octet rule for each 
of the following. Except for HCN and H,CO, the first 
atom listed is the central atom. For HCN and H,CO, 
carbon is the central atom. 


a. HCN d. NH,+ CO; 
b. PH; ec. H,CO h. O, 
Cum@E Gls f. SeF, i. HBr 


Draw a Lewis structure that obeys the octet rule for each 
of the following molecules and ions. In each case the first 
atom listed is the central atom. 

a. POCI, SOvan XeQu, RO ae ClO 

b. NF;, SO;7 PO: = ClO;7 

ECO ser ren 


Considering your answers to Exercise 58, what conclu- 
sions can you draw concerning the structures of species 
containing the same number of atoms and the same 
number of valence electrons? 


Draw Lewis structures for the following. Show all reso- 
nance structures, where applicable. Carbon is the central 
atom in OCN™ and SCN-. 

a. NO, NO3°, N,O4(N2O4 exists as O29 N—NO),.) 
bAOGN= SCN NG 

Some of the pollutants in the atmosphere are ozone, sul- 
fur dioxide, and sulfur trioxide. Draw Lewis structures 
for these three molecules. Show all resonance structures. 


Peroxyacetyl nitrate, or PAN, is present in photochemi- 
cal smog. Draw Lewis structures (including resonance 
forms) for PAN. The skeletal arrangement is 


H O 

Siok ve 
H=C¢— €—0—O2.N 

| “ 

H O 


A toxic cloud covered Bhopal, India, in December 1984 
when water leaked into a tank of methyl isocyanate, and 
the product escaped into the atmosphere. Methyl isocya- 
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66. 


67. 


68. 


69. 


Os 


TAM 


I 
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nate is used in the production of many pesticides. Draw 
the Lewis structures for methyl isocyanate, CH;NCO, 
including resonance forms. 


Explain the terms resonance and delocalized electrons. 
When a substance exhibits resonance, we say that none 
of the individual Lewis structures accurately portrays the 
bonding in the substance. Why do we draw resonance 
structures? 


Benzene (CsHg) consists of a six-membered ring of car- 
bon atoms with one hydrogen bonded to each carbon. 
Draw Lewis structures for benzene, including resonance 
structures. 


An important observation supporting the need for reso- 
nance in the LE model is that there are only three differ- 
ent structures of dichlorobenzene (C,H4Cl). How does 
this fact support the need for the concept of resonance? 


Borazine (B3;N3H,) has often been called “inorganic” 
benzene. Draw Lewis structures for borazine. Borazine is 
a six-membered ring of alternating boron and nitrogen 
atoms. 


Draw all the possible Lewis structures for dimethylbora- 
zine [(CH3)B3N3H,]. (See Exercise 67.) Would there be a 
different number of structures if there was no resonance? 


Which of the following statements is(are) true? Correct 

the false statements. 

a. It is impossible to satisfy the octet rule for all atoms 
in XeF). 

b. Because SF, exists, OF, should also exist because 
oxygen is in the same family as sulfur. 

c. The bond in NO* should be stronger than the bond 
in NO-. 

d. As predicted from the two Lewis structures for 
ozone, one oxygen—oxygen bond is stronger than the 
other oxygen—oxygen bond. 


Lewis structures can be used to understand why some 

molecules react in certain ways. Write the Lewis struc- 

tures for the reactants and products in the reactions de- 

scribed below. 

a. Nitrogen dioxide dimerizes to produce dinitrogen 
tetroxide. 

b. Boron trihydride accepts a pair of electrons from 
ammonia, forming BH;NH3. 

Give a possible explanation for why these two reactions 

occur. 


The most common type of exception to the octet rule are 
compounds or ions with central atoms having more than 
eight electrons around them. PFs, SF4, CIF3, and Br;~ are 
examples of this type of exception. Draw the Lewis 
structures for these compounds or ions. Which elements, 
when they have to, can have more than eight electrons 
around them? How is this rationalized? 


SF., CIFs, and XeF, are three compounds whose central 
atoms do not follow the octet rule. Draw Lewis struc- 
tures for these compounds. 


Consider the following bond lengths: 
C—O 143A C=O 123A C=O 1.09A 


In the CO;*~ ion, all three C—O bonds have identical 
bond lengths of 1.36 A. Why? 


74. 


US, 


Order the following species with respect to the carbon— 
oxygen bond length (longest to shortest): 


CO, CO,, CO;?-, CH;0H 


What is the order from the weakest to the strongest 

carbon—-oxygen bond? 

Place the species below in order of the shortest to the 

longest nitrogen-oxygen bond. 
H,NOH, N20, NO’, 


(H,NOH exists as H,N—OH.) 


NO, , NO; 


Formal Charge 


76 
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Use the formal charge arguments to rationalize why BF; 
would not follow the octet rule. 


Use formal charge arguments to explain why CO has a 
much smaller dipole moment than would be expected on 
the basis of electronegativity. 


Nitrous oxide (N,O) has three possible Lewis structures: 


"N=N=0! <> :N=N—O: <> :N—N=0: 





Given the following bond lengths, 


N—N 167 pm =O 115 pm 
N=N 120 pm N—© 147 pm 
N=N 110 pm 


rationalize the observations that the N—N bond length 
in NO is 112 pm and that the N—O bond length is 119 
pm. Assign formal charges to the resonance structures 
for N,O. Can you eliminate any of the resonance struc- 
tures on the basis of formal charges? Is this consistent 
with observation? 


. Draw Lewis structures that obey the octet rule for the 


following species. Assign the formal charge to each cen- 
tral atom. 

a. POCI,; GC; GlOs ee SO>.CL g. ClO; 
b. S@izs d. PO, fe XeO, h. NO 


Draw the Lewis structures that involve minimum formal 
charges for the species in Exercise 79. 


When molten sulfur reacts with chlorine gas, a vile- 
smelling orange liquid forms that has an empirical for- 
mula of SCI. The structure of this compound has a for- 
mal charge of zero on all elements in the compound. 
Draw the Lewis structure for the vile-smelling orange 
liquid. 

Oxidation of the cyanide ion produces the stable cyanate 
ion (OCN7). The fulminate ion (CNO7), on the other 
hand, is very unstable. Fulminate salts explode when 
struck; Hg(CNO), is used in blasting caps. Write the 
Lewis structures and assign formal charges for the cya- 
nate and fulminate ions. Why is the fulminate ion so un- 
stable? (C is the central atom in OCN-, and N is the 
central atom in CNO-.) 


Write the Lewis Structure for OjF, (QF, exists as 
F—O—O—F). Assign oxidation states and formal charges 
to the atoms in O)F). This compound is a vigorous and 


84. 


potent oxidizing and fluorinating agent. Are oxidation 
states or formal charges more useful in accounting for 
these properties of OjFy? 


Benzoic acid is a food preservative. The space-filling 
model for benzoic acid is shown below. 


@c 





Benzoic acid 
(CgHsCO>H) 


Draw the Lewis structure for benzoic acid, including all 
resonance structures in which all atoms have a formal 
charge of zero. 


Molecular Structure and Polarity 


85. 


86. 


Write the name of each of the following molecular 
structures. 


& 


State whether or not each of the following has a perma- 
nent dipole moment. 








87. 


88. 


89. 


90. 


Exercises 657 | 








Predict the molecular structure and the bond angles for 
each molecule or ion in Exercises 57, 58, and 60. 


Predict the molecular structure and the bond angles for 
each of the following. 
a. SeO; b. SeOr (es PCI, d. SCL c. SiF4 


There are several molecular structures based on the tri- 
gonal bipyramid geometry. Three such structures are 


i A 90° 
180° cr 7x 
A 


A 90° A 
T-shaped 





Linear See-saw 


Which of the compounds or ions in Exercises 71 and 72 
have these molecular structures? 


Two variations of the octahedral geometry are illus- 
trated below. 


A : 
NR ee 
B 90" B.) 90° 
a 


A “90° A ree 
Square planar Square pyramid 


Which of the compounds or ions in Exercises 71 and 72 
have these molecular structures? 
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Predict the molecular structure and the bond angles for 
each of the following. (See Exercises 89 and 90.) 
a. XeCl, b. IC], (es TeF, d. PCI; 


Predict the molecular structure and the bond angles for 
each of the following. (See Exercises 89 and 90.) 
Al, Mls b. XeCl, c. SeCle 


hy) 


What are some possible identities for element E? Predict 
the molecular structure (including bond angles) for this 
ion. 

Consider the following Lewis structure, where E is an 
unknown element: 





pee 2 
93. Which of the molecules in Exercise 88 have net dipole if ba 
moments (are polar)? ee 
94. Which of the molecules in Exercises 91 and 92 have net Pe 
dipole moments (are polar)? 
Pe. a 5 
95. Give two requirements that should be satisfied for a mol- What are some possible identities for element Es Bree 
ecule to be polar. Explain why CF, and XeF, are nonpo- the molecular structure (including bond angles) for this 
lar compounds (have no net dipole moments), whereas ion. (See Exercises 89 and 90.) : 
SF, is polar (has a net dipole moment). Is CO, polar? 100. Although the VSEPR model is correct in predicting that 
What about COS? Explain. CH, is tetrahedral, NH3 is pyramidal, and H2O is bent, 
96. What do each of the following sets of compounds/ions the model in its simplest form does not account for the 
have in common with each other? Reference your Lewis fact that these molecules do not have exactly the same 
structures for Exercises 88, 91, and 92. bond angles (< HCH is 109.5 degrees, as expected for a 
a XeCl. Kech tetrahedron, but < HNH is 107.3 degrees and < HOH 
Pa lel: TeF, ick PEL SGlnseO) is 104.5 degrees). Explain these deviations from the tet- 
. 5) 5) ’ ’ 29 h * | | 
97. Which of the following statements is(are) true? Correct nag ie ‘ 
thesfalse statemente 101. Draw Lewis structures and predict the molecular struc- 
a. The molecules Se$3, SeS», PCl;, TeCl,, ICl3, and tures of the following. (See Exercises 89 and 90.) 
XeCl, all exhibit at least one bond angle which is a. OCh, KrF, BeH>, SO, c. CF4, SeF4, KrF 
approximately 120 degrees. b. SO3, NF3, IF d. IFs, AsFs 
b. The bond angle in SO, should be similar to the bond Which of the above compounds have net dipole mo- 
angle in CS) or SClh. ments (are polar)? 
c. Of the compounds CF, KrF,, and SeF 4, only SeF, 102. Which of the following molecules have net dipole mo- 
exhibits an overall dipole moment (is polar). ments? For the molecules that are polar, indicate the po- 
d. Central atoms in a molecule adopt a geometry of the larity of each bond and the direction of the net dipole 
bonded atoms and lone pairs about the central atom imonientat daeimmieoula: 
in order to maximize electron repulsions. 4. CLC CHCL.CGl, 
98. Consider the following Lewis structure, where E is an b. CO,, N,O 
unknown element: c. PH3, NH3 
ie % 103. The molecules BF3, CF4, CO, PFs, and SF, are all non- 
ie polar, even though they contain polar bonds. Why? 
0: 
Additional Exercises 
104. Although both the Br;~ and I;~ ions are known, the F;~ 106. The structure of TeF;~ is 


HOS: 


ion does not exist. Explain. 


Write Lewis structures for CO;*~, HCO;~, and H,CO;3. 
When acid is added to an aqueous solution containing 
carbonate or bicarbonate ions, carbon dioxide gas is 
formed. We generally say that carbonic acid (HyCO3) is 
unstable. Use bond energies to estimate AH for the reac- 
tion (in the gas phase): 


H,CO; ——— CO, Si H,O 


Specify a possible cause for the instability of carbonic 
acid. 











Draw a complete Lewis structure for TeF;~, and explain 


the distortion from the ideal square pyramidal structure. 
(See Exercise 90.) 


107. 


108. 


109. 


110. 


111. 


di 


The compound NF; is quite stable, but NCI; is very un- 
stable (NCI; was first synthesized in 1811 by P. L. Du- 
long, who lost three fingers and an eye studying its prop- 
erties). The compounds NBr3 and NI; are unknown, 
although the explosive compound NI; - NH; is known. 
Account for the instability of these halides of nitrogen. 


There are two possible structures of XeF,Cl,, where Xe 
is the central atom. Draw them, and describe how mea- 
surements of dipole moments might be used to distin- 
guish among them. 


Which member of the following pairs would you expect 
to be more energetically stable? Justify each choice. 

a. NaBr or NaBr> c. $O4 or XeO, 

beClOwor ClOrs d. OF, or SeFy 


Many times, extra stability is characteristic of a molecule 
or ion in which resonance is possible. How could this 
feature be used to explain the acidities of the following 
compounds? (The acidic hydrogen is marked by an as- 
terisk.) Part c shows resonance in the phenyl ring (C,Hs). 


O 
a. H—C_oH* 
OH* 
b. cH,—C_cH=¢_cH, 
OH* 


c. os 


Arrange the following in order of increasing radius and 
increasing lonization energy. 

ae NES INSING 

b. Se, Se~, Cl, Cl* 

poo eth a Same a 

Draw a Lewis structure for the N,N-dimethylformamide 


molecule. The skeletal structure is 


O 


| 
Ms cae ae ae 
CH; 
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114. 


IETS 


116. 


Challenge Problems 659 


Various types of evidence lead to the conclusion that 
there is some double-bond character to one of the C—N 
bonds. Draw one or more resonance structures that sup- 
port this observation. 


A compound, XFs, is 42.81% fluorine by mass. Identify 
the element X. What is the molecular structure of XF;? 


The study of carbon-containing compounds and their 
properties is called organic chemistry. Besides carbon 
atoms, organic compounds also can contain hydrogen, 
oxygen, and nitrogen atoms (as well as other types of 
atoms). A common trait of simple organic compounds is 
to have Lewis structures in which all atoms have a for- 
mal charge of zero. Consider the following incomplete 
Lewis structure for an organic compound called histi- 
dine (one of the amino acids, which are the building 
blocks of proteins found in human bodies): 








H—C—N 
C—H 
C—N—H 
>. H-C-H _ | 
H-—-N—C—C—O—H 
H H é 


Draw a complete Lewis structure for histidine in which 
all atoms have a formal charge of zero. What are the ap- 
proximate bond angles about the carbon atom labeled 1 
and the nitrogen atom labeled 2? 


Do the Lewis structures obtained in Exercises 79 and 80 
predict the same molecular structure for each case? 


Predict the molecular structure for each of the following. 
(See Exercises 89 and 90.) 
a. BrFl, b. XeQ>F> Cc. TeF,Cl,— 


For each formula, there are at least two different struc- 
tures that can be drawn using the same central atom. 
Draw the possible structures for each formula. 





Li. 


118. 


Predict the molecular structure of KrF). Using hypercon- 
jugation, draw the Lewis structures for KrF) that obey 
the octet rule. Show all resonance forms. 

Consider the following computer-generated model of 
caffeine. 





Praw a Lewis structure for caffeine in which all atoms 
have a formal charge of zero. 


PD 


Given the following information: 


Heat of sublimation of Li(s) = 166 kJ/mol 
Bond energy of HCl = 427 kJ/mol 
Ionization energy of Li(g) = 520. kJ/mol 
Electron affinity of Cl(g) = —349 kJ/mol 
Lattice energy of LiCl(s) = —829 kJ/mol 
Bond energy of Hy = 432 kJ/mol 


Calculate the net change in energy for the following 
reaction: 


2Li(s) + 2HCI(g) —~ 2LiCl(s) + H(g) 
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Chapter 13 Bonding: General Concepts 


Use data in this chapter and Chapter 12 to discuss why 
MgO is an ionic compound but CO is not an ionic 
compound. 


A promising new material with great potential as a 
fuel in solid rocket motors is ammonium dinitramide 
[NH4N(NO>)z]. 

a. Draw Lewis structures (including resonance forms) 
for the dinitramide ion [N(NO»)) J. 

b. Predict the bond angles around each nitrogen in the 
dinitramide ion. 

c. Ammonium dinitramide can decompose explosively 
to nitrogen, water, and oxygen. Write a balanced 
equation for this reaction, and use bond energies to 
estimate AH for the explosive decomposition of this 
compound. 

d. To estimate AH from bond energies, you made 
several assumptions. What are some of your 
assumptions? 


Think of forming an ionic compound as three steps (this 

is a simplification, as with all models): (1) removing an 

electron from the metal, (2) adding an electron to the 

nonmetal, and (3) allowing the metal cation and non- 

metal anion to come together. 

a. What is the sign of the energy change for each of 
these three processes? 

b. In general, what is the sign of the sum of the first two 
processes? Use examples to support your answer. 

c. What must be the sign of the sum of the three 
processes? 

d. Given your answer to part c, why do ionic bonds 
occur? 

e. Given your explanations to part d, why is NaCl 
stable but not Na»Cl, and NaCl)? What about MgO 
compared to MgO, and Mg,O? 


The compound hexaazaisowurtzitane is one of the 
highest-energy explosives known (C & E News, p. 26, 
Jan. 17, 1994). The compound, also known as CL-20, 
was first synthesized in 1987. The method of synthesis 
and detailed performance data are still classified infor- 
mation because of CL-20’s potential military application 
in rocket boosters and in warheads of “smart” weapons. 


The structure of CL-20 is 


ON NO: 
N N 
N N 
fe AS 
O,N NO, 


Marathon Problem 


124. 


126. 


In such shorthand structures, each point where lines 
meet represents a carbon atom. In addition, the hydro- 
gens attached to the carbon atoms are omitted. Each of 
the six carbon atoms has one hydrogen atom attached. 
Three possible reactions for the explosive decomposition 
of CL-20 are 
i. CeHgNi2O12(s) ——> 
6CO(g) + 6No(g) + 3H2O(g) + 3O2r(g) 
il. CegH6N 120 12(s) ear 
3CO(g) + 3CO2(g) + 6No(g) + 3H20(g) 
lil. CsH6N 120 42(s) = 
6COz(g) + 6No(g) + 3Ha2(g) 
a. Use bond energies to estimate AH for these three 
reactions. 
b. Which of the above reactions releases the largest 
amount of energy per kilogram of CL-20? 


In molecules of the type X—O—H, as the electronegativ- 
ity of X increases, the acid strength increases. In addi- 
tion, if the electronegativity of X is a very small value, 
the molecule acts like a base. Explain these observations 
and provide examples. 


. Calculate the standard heat of formation of the com- 


pound ICl(g) at 25°C. (Hint: Use Table 13.6 and Appen- 
dix 4 data.) 


An ionic compound made from the metal M and the di- 
atomic gas X> has the formula M,X;, in which a = 1 or 
2 and b = 1 or 2. Use the data provided to determine the 
most likely values for a and b, along with the most likely 
charges for each of the ions in the ionic compound. 
Data (in units of kJ/mol) 

Successive ionization energies of M: 480., 4750. 
Successive electron affinity values for X: —175, 920. 
Enthalpy of sublimation for M(s) > M(g): 110. 

Bond energy of X): 250. 

Lattice energy for MX (M* and X~): —1200. kJ/mol 
Lattice energy for MX; (M?* and X~): —3500. kJ/mol 
Lattice energy for M)X (M* and X?~): —3600. kJ/mol 
Lattice energy for MX (M?* and X?~): —4800. kJ/mol 





IW. 


Identify the following five compounds of H, N, and O. 

For each compound, write a Lewis structure that is con- 

sistent with the information given. 

a. All the compounds are electrolytes, although not all 
are strong electrolytes. Compounds C and D are 
ionic and compound B is covalent. 


b. Nitrogen occurs in its highest possible oxidation 
state in compounds A and C; nitrogen occurs in its 
lowest possible oxidation state in compounds C, D, 
and E. The formal charge on both nitrogens in com- 
pound C is +1; the formal charge on the only nitro- 
gen in compound B is 0. 


c. Compounds A and E exist in solution. Both solutions 


give off gases. Commercially available concentrated 
solutions of compound A are normally 16 M. The 
commercial, concentrated solution of compound E is 
15 M. 

. Commercial solutions of compound E are labeled 
with a misnomer that implies that a binary, gaseous 
compound of nitrogen and hydrogen has reacted 
with water to produce ammonium ions and hydrox- 
ide ions. Actually, this reaction occurs to only a 
slight extent. 

. Compound D is 43.7% N and 50.0% O by mass. 

If compound D were a gas at STP, it would have a 
density of 2.86 g/L. 


Marathon Problem 661 


f. A formula unit of compound C has one more 
oxygen than a formula unit of compound D. Com- 
pounds C and A have one ion in common when 
compound A is acting as a strong electrolyte. 


g. Solutions of compound C are weakly acidic; solu- 


tions of compound A are strongly acidic; solutions 
of compounds B and E are basic. The titration of 
0.726 g of compound B requires 21.98 mL of 
1.000 M HCl for complete neutralization. 
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OWL 


Sign in to OWL at www.cengage.com/owl! 
to view tutorials and simulations, develop 
problem-solving skills, and complete online 
homework assigned by your professor. 


Fe) chemistry 


Download mini lecture videos for 
key concept review and exam prep 
from OWL or purchase them 

from www.cengagebrain.com. 


n Chapter 13 we discussed the fundamental concepts of bonding and in- 

troduced the most widely used simple model for covalent bonding: the 

localized electron (LE) model. We saw the usefulness of a bonding model 

as a means for systematizing chemistry by allowing us to look at molecules 
in terms of individual bonds. We also saw that the approximate molecular 
structure can be predicted using a model that focuses on minimizing electron- 
pair repulsions. In this chapter we will examine bonding models in more detail, 
particularly focusing on the role of orbitals. 





14.1 





¥ —— Hf 
H 

(a) 

Figure 14.1 


(a) The Lewis structure of the methane 
molecule. (b) The tetrahedral molecular 
geometry of the methane molecule. 
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Figure 14.2 
The valence orbitals on a free carbon 
atom: 2s, 20,, 2p,, and 2p,. 


Hybridization is a modification of the LE 
model to account for the observation 
that atoms often seem to use special 
atomic orbitals in forming molecules. 


Hybridization and the Localized Electron Model 


Recall that the LE model views a molecule as a collection of atoms bound to- 
gether by sharing electrons between atomic orbitals. The arrangement of va- 
lence electrons is represented by the Lewis structure (or structures, where reso- 
nance occurs), and the approximate molecular geometry can be predicted using 
the VSEPR model. In this section we will describe what types of atomic orbitals 
are used by this model to share the electrons and hence to form the bonds. 


sp°® Hybridization 

Let’s reconsider the bonding in methane, which has the Lewis structure and 
molecular geometry shown in Fig. 14.1. In general, we assume that bonding 
involves only the valence orbitals. This means that the hydrogen atoms in 
methane use 1s orbitals. The valence orbitals of a carbon atom are the 2s and 
2p orbitals shown in Fig. 14.2. Thinking about how carbon can use these or- 
bitals to bond to the hydrogen atoms reveals two related problems: 


1. Using the 2p and 2s atomic orbitals will lead to two different types of 
C—H bonds: (a) those from the overlap of a 2p orbital of carbon and a 
1s orbital of hydrogen (there will be three of these) and (b) those from the 
overlap of a 2s orbital of carbon and a 1s orbital of hydrogen (there will 
be one of these). This presents a problem because the experimental evi- 
dence indicates that methane has four identical C—H bonds. 


2. Since the carbon 2p orbitals are mutually perpendicular, we might expect 
the three C—H bonds formed with these orbitals to be oriented at 
90-degree angles: 


However, the methane molecule is known by experiment to be tetrahedral 
with bond angles of 109.5 degrees. 


This analysis suggests that carbon adopts a set of atomic orbitals other 
than its “native” 2s and 2p orbitals to bond to the hydrogen atoms in forming 
the methane molecule. In fact, it is not surprising that the 2s and 2p orbitals 
present on an isolated carbon atom might not be the best set of orbitals for 
bonding. That is, a different set of atomic orbitals might better serve the car- 
bon atom to form the most stable CH, molecule. 

To account for the known structure of methane in terms of this model, we 
need a set of four equivalent atomic orbitals, arranged tetrahedrally. In fact, 
such a set of orbitals can be obtained quite readily by combining the carbon 
2s and 2p orbitals, as shown schematically in Fig. 14.3. This mixing of the na- 








Py Pz 











Figure 14.3 

The “native’’ 2s and three 20 atomic 
orbitals characteristic of a free carbon 
atom are combined to form a new set 
of four sp orbitals. The small lobes of 
the orbitals are usually omitted from 
diagrams for clarity. 


sp> Orbital 





Figure 14.4 

Cross section of an sp® orbital. Gener- 
ated from a program by Robert Allen- 
doerfer on Project SERAPHIM disk PC 
2402; reprinted with permission. 


sp? hybridization gives a tetrahedral set 
of orbitals. 


Figure 14.5 
An energy-level diagram showing the 
formation of four sp° orbitals. 
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tive atomic orbitals to form special orbitals for bonding is called hybridization. 
The four new orbitals are called sp? orbitals since they are formed from one 
2s and three 2p orbitals (s!p?). Similarly, we say that the carbon atom under- 
goes sp? hybridization or is described to be sp? hybridized. The four sp? orbit- 
als are identical in shape, each one having a large lobe and a small lobe 
(Fig. 14.4). The four orbitals are oriented in space so that the large lobes form 
a tetrahedral arrangement, as shown in Fig. 14.3. 

The linear combinations of the 2s and 2p orbitals that give the four sp? 
hybrid orbitals are listed below: 


$1 = (9) + (,) + &) + @] 
$2 = 2I(5) + (p,) — &,) - @,)] 
$3 = (3) — @.) + &,) - @)] 
$4 = (9) — @) - ©) + @] 


where (s) and (p) represent 2s and 2p atomic orbital functions, and where the 
factor of 5 is present to satisfy the boundary condition that the total probability 
is 1 for each orbital. Each of the functions 1, d2, $3, and @4 represents a sepa- 
rate sp? hybrid orbital. 

The hybridization of the carbon 2s and 2p orbitals can also be represented 
by an orbital energy-level diagram, as shown in Fig. 14.5. Note that electrons 
have been omitted because we are not concerned with the electron arrange- 
ments on the individual atoms—it is the total number of valence electrons and 
the arrangement of those electrons in the molecule that are important. 

In summary, the experimentally known structure of methane can be ex- 
plained by the LE model if we assume that carbon adopts a special set of sp? 


—_ — — 2p 


Hybridization 


sp3 





E — 2s 


Orbitals in C in 
the CH, molecule 


Orbitals in a 
free C atom 
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Figure 14.6 

The tetrahedral set of four sp° orbitals 
on the carbon atom is used to share 
electron pairs with the four 1s orbitals 
of the hydrogen atoms to form the four 
equivalent C—H bonds. This accounts 
for the known tetrahedral structure of 
the CH, molecule. 


lone pair 





Figure 14.7 
The nitrogen atom in ammonia is sp? 
hybridized. 





| EXAMPLE 14.1. 





atomic orbitals oriented toward the corners of a tetrahedron, which are then 
used to bond to the hydrogen atoms, as shown in Fig. 14.6. 

We can extend this analysis to any molecule that forms a tetrahedral set of 
bonds: Whenever a set of equivalent tetrahedral atomic orbitals is required by 
an atom, this model assumes that the atom forms a set of sp? orbitals; the atom 
is said to be sp? hybridized. 

It is really not surprising that an atom in a molecule might adopt a set of 
atomic orbitals, called hybrid orbitals, different from those it has in the free 
state. It does not seem unreasonable that to achieve minimum energy, an atom 
uses one set of atomic orbitals in the free state and a different set in a molecule. 
This is consistent with the idea that a molecule is more than simply a sum of its 
parts. What the atoms in a molecule were like before the molecule was formed 
is not as important as how the electrons are best arranged in the molecule. The 
individual atoms are assumed to respond as needed to achieve the minimum 
energy for the molecule. However, although hybridization enables us to ac- 
count for the known structures of molecules, its predictions about the energies 
of the electrons in molecules are often incorrect. For example, the sp’ model 
for methane predicts that all four pairs of electrons have identical energies. 
Experiments show, however, that in methane two of the electrons are present 
at a lower energy than the other six. This situation reminds us again that we 
must be cautious when we use models. Models are always oversimplifications 
and will give misleading predictions if used incorrectly. The LE model using 
hybridization does a very good job of accounting for molecular structures but 
does not accurately describe electron energies. 





Describe the bonding in the ammonia molecule using the LE model. 


Solution A complete description of the bonding involves three steps: 


1. Write the Lewis structure. 
2. Determine the arrangement of electron pairs using the VSEPR model. 


3. Determine the hybrid atomic orbitals used for bonding in the molecule. 


The Lewis structure for NH; is 


H-N—H 
H 


The four electron pairs around the nitrogen atom require a tetrahedral ar- 
rangement. We have seen that a tetrahedral set of sp? hybrid orbitals is ob- 
tained by combining the 2s and three 2p orbitals. In the NH3 molecule, three 
of the sp? orbitals are used to form bonds to the three hydrogen atoms, and the 
fourth sp? orbital is used to hold the lone pair, as shown in Fig. 14.7. 


sp? Hybridization 


Ethylene (C)Hg) is an important starting material in the manufacture of plas- 
tics. The C,H, molecule has 12 valence electrons and the following Lewis 
structure: 


Charles D. Winters 
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Figure 14.8 


The assumption that a double bond 
acts as one effective electron pair 
equivalent to a single bonding pair 
works well to give the approximate 
molecular structure 


sp* hybridization gives a trigonal planar 
arrangement of atomic orbitals 





The plastics shown here were manu- 
factured with a polymer based on 
ethylene. 


Figure 14.9 


An orbital energy-level diagram for sp? 


hybridization. Note that one p orbital 
remains unchanged. 
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The hybridization of the s, O,, and p, atomic orbitals results in the formation of three sp? orbitals centered in the xy plane. The large lobes 
of the orbitals lie in the plane at angles of 120 degrees and point toward the corners of a triangle. 


Recall that in the VSEPR model a double bond acts as one effective pair. Thus 
in the ethylene molecule each carbon is surrounded by three effective pairs. This 
model requires a trigonal planar arrangement with bond angles of 120 degrees. 
What orbitals do the carbon atoms use in this molecule? The molecular geom- 
etry requires a planar set of orbitals at angles of 120 degrees. Since the 2s and 
2p valence orbitals of carbon do not have the required arrangement, we need a 
set of hybrid orbitals. 

The sp? orbitals we have just considered will not work because they ex- 
hibit angles of 109.5 degrees rather than the required 120 degrees. Therefore, 
in ethylene the carbon atom must hybridize in a different manner. A set of 
three orbitals arranged at 120-degree angles in the same plane can be obtained 
by combining one s orbital and two p orbitals, as shown schematically in 
Fig. 14.8. The orbital energy-level diagram for this arrangement is shown in 
Fig. 14.9. Since one 2s and two 2p orbitals are used to form these hybrid orbit- 
als, this is called sp* hybridization. Note from Fig. 14.8 that the plane of the 
sp? hybridized orbitals is determined by which p orbitals are used. Since in this 
case we have arbitrarily decided to use the p, and py orbitals, the hybrid orbit- 
als are centered in the xy plane. We will not show the detailed forms of these 
functions. 

In the formation of the sp? orbitals, one 2p orbital on carbon has not been 
used. This remaining p orbital (p,) is oriented perpendicular to the plane of the 
sp? orbitals, as shown in Fig. 14.10. 

Now we will see how these orbitals can be used to account for the Lewis 
structure of ethylene. The three sp? orbitals on each carbon are used to share 
electrons, as shown in Fig. 14.11. In each of these bonds, the electron pair is 
shared in an area centered on a line running between the atoms. This type of 


Hybridization 
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Orbitals in an isolated Carbon orbitals in ethylene 


carbon atom 
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Figure 14.10 Figure 14.11 

When one s and two p orbitals are mixed to form a set of three sp? orbitals, The a bonds in ethylene. Note that for each 
one p orbital remains unchanged and is perpendicular to the plane of the bond the shared electron pair occupies the 
hybrid orbitals. Note that in this figure and those that follow, the hybrid orbitals region directly between the atoms. 


are drawn with narrowed lobes to show their orientations more clearly. 


p orbital p orbital 





Figure 14.12 

A carbon-carbon double bond con- 
sists of aa bond and a z bond. In the 
a bond, the shared electrons occupy 
the space directly between the atoms. 
The a bond, is formed from the unhy- 
bridized p orbitals on the two carbon 
atoms. In a a bond, the shared elec- 
tron pair occupies the space above 
and below a line joining the atoms. 


Figure 14.13 

(a) The orbitals used to form the bonds 
in ethylene. (b) The Lewis structure for 
ethylene. 


covalent bond is called a sigma (a) bond. In the ethylene molecule, the a bonds 
are formed using the sp? orbitals on each carbon atom and the 1s orbital on 
each hydrogen atom. 

How can we explain the double bond between the carbon atoms? In the 7 
bond, the electron pair occupies the space between the carbon atoms. The sec- 
ond bond must therefore result from sharing an electron pair in the space 
above and below the o bond. This type of bond can be formed using the 2p 
orbital perpendicular to the sp? hybrid orbitals on each carbon atom (refer to 
Fig. 14.10). These parallel p orbitals can share an electron pair, which occupies 
the space above and below a line joining the atoms, to form a pi (77) bond, as 
shown in Fig. 14.12. 

Note that o bonds are formed from orbitals whose lobes point toward each 
other, but 7 bonds result from parallel orbitals. A double bond consists of one 
a bond, where the electron pair is located directly between the atoms, and one 
a bond, where the shared pair occupies the space above and below the o bond. 

We can now completely specify the orbitals used to form the bonds in the 
ethylene molecule. As shown in Fig. 14.13, the carbon atoms are described as 
using sp* hybrid orbitals to form the o bonds to the hydrogen atoms and to 
each other and using p orbitals to form the 7 bond with each other. Note that 
we have accounted fully for the Lewis structure of ethylene with its carbon- 
carbon double bond and carbon-hydrogen single bonds. 

This example illustrates an important general principle of this model: 
Whenever an atom is surrounded by three effective pairs, a set of sp? hybrid 
orbitals is required. 


sp Hybridization 


Another type of hybridization occurs in carbon dioxide, which has the follow- 
ing Lewis structure: 








(b) 
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Figure 14.14 
When one s orbital and one p orbital are hybridized, a set of two sp orbitals oriented at 180 degrees results. 
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Figure 14.16 
Figure 14.15 The orbital energy-level diagram for the formation of sp hybrid 
The hybrid orbitals in the CO. molecule. orbitals of carbon. 


In the CO; molecule, the carbon atom has two effective pairs that are arranged 
at an angle of 180 degrees. We therefore need a pair of atomic orbitals oriented 
in opposite directions. This requires a new type of hybridization, since neither 
sp? nor sp? hybrid orbitals fit this case. Obtaining two hybrid orbitals arranged 
at 180 degrees requires sp hybridization, involving one s orbital and one p or- 
bital, as shown schematically in Fig. 14.14. 

In terms of this model, two effective pairs around an atom will always re- 
quire sp hybridization of that atom. The sp orbitals of carbon in carbon diox- 
ide are shown in Fig. 14.15, and the corresponding orbital energy-level dia- 
gram for their formation is given in Fig. 14.16. The sp hybrid orbitals are used 
to form the o bonds between carbon and the oxygen atoms. Note that two 2p 
orbitals remain unchanged on the sp hybridized carbon. They are used to form 
the 7 bonds to the oxygen atoms. 

In the CO; molecule, each oxygen atom has three effective pairs around it, 
requiring a trigonal planar arrangement of the pairs. Since a trigonal set of 
hybrid orbitals corresponds to sp* hybridization, each oxygen atom can be as- 
sumed to be sp? hybridized. The orbital on each oxygen left unchanged by the 
hybridization process is used for the 7 bond to the carbon atom. 

Now we are ready to account for the Lewis structure of carbon dioxide. 
The sp orbitals on carbon form @ bonds with the sp’ orbitals on the two oxy- 
gen atoms (Fig. 14.15). The remaining sp? orbitals on the oxygen atoms hold 
lone pairs. The 7 bonds between the carbon atom and each oxygen atom are 
formed by the overlap of parallel 2 orbitals. The sp hybridized carbon atom 
has two unhybridized p orbitals, pictured in Fig. 14.17. Each of these p orbitals 
is used to form a 7 bond with an oxygen atom (Fig. 14.18). The total bonding 
picture predicted by the LE model for the CO) molecule is shown in Fig. 14.19. 
Note that this picture of the bonding neatly explains the arrangement of elec- 
trons predicted by the Lewis structure. 

It is useful to remind ourselves at this point that because we are using a 





Figure 14.17 
The orbitals of an sp hybridized 
carbon atom. 





Figure 14.18 


The orbital arrangement for an : : : d ; 
sp? hybridized oxygen atom. very simple bonding model, the picture of a molecule we get from this model is 
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Figure 14.19 

(a) The orbitals predicted by the LE 
model to describe the bonds in carbon 
dioxide. Note that the carobon—oxygen 
double bonds each consist of one 

ao bond and one z bond. (b) The Lewis 
structure for carbon dioxide. 





sigma bond 

(1 pair of electrons) pi bond 
(1 pair of 
electrons) 







f 


(1 pair of 
electrons) 


(a) (b) 


an approximate one. The carbon dioxide molecule provides a good case in 
point. Various types of evidence suggest that the electron density around the 
two C—O bonds in CO) is actually cylindrically symmetric—that is, the elec- 
tron density is homogeneous all around the O—C—O molecular axis. This 
result is not consistent with the simple picture given in Fig. 14.19(a), in which 
the two C—O bonds have their 7 electron densities centered in two perpen- 
dicular planes. The model can be corrected in a straightforward manner to 
remove this difficulty, but we will not pursue this correction here. The point is 
that a very simple model is quite useful to us because it is so easy to apply. 
Simple models help us to organize our observations and often provide a place 
to start as we pursue the answer to a problem. However, we must be wary of 
simple models—they often provide a significantly distorted picture. 





ls 
Describe the bonding in the N> molecule. 

Solution The Lewis structure for the nitrogen molecule is 
>N=N: 


where each nitrogen atom is surrounded by two effective pairs. (Remember 
that multiple bonds count as one effective pair.) This gives a linear arrange- 
ment (180 degrees) requiring a pair of oppositely directed orbitals. Therefore, 
this situation requires sp hybridization. Each nitrogen atom in the nitrogen 
molecule has two sp hybrid orbitals and two unchanged p orbitals, as shown 
in Fig. 14.20(a). The sp orbitals are used to form the a bond between the nitro- 
gen atoms and to hold lone pairs, as shown in Fig. 14.20(b). The p orbitals are 
used to form the two 7 bonds [Fig. 14.20(c)]; each pair of overlapping, parallel 
p orbitals holds one electron pair. Such bonding accounts for the electron ar- 
rangement given by the Lewis structure. The triple bond consists of a a bond 
(overlap of two sp orbitals) and two 7 bonds (each from an overlap of two p 
orbitals). In addition, a lone pair occupies an sp orbital on each nitrogen atom. 


dsp? Hybridization 


In Section 13.12 we considered the dispute about whether the third-row atoms 
actually exceed the octet rule in compounds such as SF, and PCl;. This dispute 
hinges on the use of the 3d orbitals for bonding in these compounds. In this 
section we will describe the hybrid orbitals that are involved when the 3d or- 
bitals are assumed to participate in the bonding. 


Figure 14.20 

(a) An sp hybridized nitrogen atom. 
There are two sp hybrid orbitals and 
two unhybridized p orbitals. (b) The 

a bond in the Nz molecule. (c) The two 
a bonds in No are formed when elec- 
tron pairs are shared between two sets 
of parallel p orbitals. (d) The total 
bonding picture for No. 


dsp3 





Figure 14.21 

A set of dsp? hybrid orbitals on a phos- 
phorus atom. Note that the set of five 
dsp® orbitals has a trigonal bipyramidal 
arrangement. (Each dsp orbital also 
has a small lobe that is not shown in 


this diagram.) 
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lone pair sigma bond lone pair 
oe e@2@ 
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(a) 


(b) 





(c) (d) 


First we will consider phosphorus pentachloride (PCl;). The traditional 
Lewis structure for PCl; (assuming d orbital participation) 


shows that the phosphorus atom is surrounded by five electron pairs. Since in 
the VSEPR model five pairs require a trigonal bipyramidal arrangement, we 
need a trigonal bipyramidal set of atomic orbitals on phosphorus. Such a set of 
orbitals is formed by dsp? hybridization of one d orbital, one s orbital, and 
three p orbitals, as shown in Fig. 14.21. 

Although it will not be important for our purposes, the dsp* hybrid or- 
bital set is different from the hybrids we have considered so far in that the 
hybrid orbitals pointing to the vertices of the triangle (often called the three 
equatorial hybrid orbitals) are slightly different in shape than the other two 
(the axial orbitals). This situation stands in contrast to the sp, sp’, and sp> 
hybrid sets in which each orbital in a particular set is identical in shape to the 
others. 

The dsp? hybridized phosphorus atom in the PCl; molecule uses its five 
dsp? orbitals to share electrons with the five chlorine atoms. Note that accord- 
ing to this model a set of five effective pairs around a given atom always re- 
quires a trigonal bipyramidal arrangement, which in turn involves dsp? hybrid- 
ization of that atom. 

The Lewis structure for PCl; shows that each chlorine atom is surrounded 
by four electron pairs. This requires a tetrahedral arrangement, which in turn 
requires a set of four sp? orbitals on each chlorine atom. 

Now we can describe the bonding in the PCl; molecule. The five P—Cl 
o bonds are formed by sharing electrons between a dsp? orbital on the phos- 
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Figure 14.22 

The orbitals used to form the bonds in 
the PCl, molecule. The phosphorus 
atom uses a set of five dsp° orbitals to 


share electron pairs with sp° orbitals on 


the five chlorine atoms. The other s/p* 
orbitals on each chlorine atom hold 
lone pairs. 


Although in its simplest form the LE 
model of bonding invokes the use of 
hybrids involving d orbitals for trigonal 
bipyramidal and octahedral structures, 
there is considerable disagreement 


about the actual participation of d orbit- 
als in such molecules. For a discussion, 
see A. E. Reed and F. Weinhold, JU. Am. 


Chem. Soc. 108 (1986): 3586, and 
references therein. 








phorus atom and an sp orbital on each chlorine.* The other sp? orbitals on 
each chlorine hold lone pairs. This arrangement is shown in Fig. 14.22. 





EXAMPLE 14.3, 
Describe the bonding in the triiodide ion (I; ). 


Solution The traditional Lewis structure for I;~ 


ater. 


shows that the central iodine atom has five pairs of electrons. A set of five pairs 
requires a trigonal bipyramidal arrangement, which in turn requires a set of 
dsp® orbitals. The outer iodine atoms have four pairs of electrons, which calls 
for a tetrahedral arrangement and sp* hybridization. 

Thus the central iodine is dsp* hybridized. Three of these hybrid orbitals 
hold lone pairs, and two of them overlap with sp? orbitals from the other two 
iodine atoms to form o bonds. 


d*sp* Hybridization 


Next, we consider sulfur hexafluoride (SF,), which has the traditional Lewis 
structure 





“Although we have no way of proving conclusively that each chlorine atom is sp> hybridized, we 
assume that minimizing electron-pair repulsions is as important for peripheral atoms as for the 


central atom. Thus we will apply the VSEPR model and hybridization to both central and periph- 
eral atoms. 





Figure 14.23 

An octahedral set of a2sp% orbitals on 
a sulfur atom. The small lobe of each 
hybrid orbital has been omitted for 
Clarity. 


Lewis 
structure 














Six electron pairs 
require an octahedral 
arrangement. 
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This requires an octahedral arrangement of pairs and, in turn, an octahedral 
set of six hybrid orbitals. This leads to d*sp> hybridization, in which two d 
orbitals, one s orbital, and three p orbitals are combined (Fig. 14.23). Note 
that six electron pairs around an atom are always arranged octahedrally, re- 
quiring d’sp> hybridization of the atom. Each d?sp? orbital on the sulfur atom 
is used to bond to a fluorine atom. Since there are four pairs on each fluorine 
atom, the fluorine atoms are assumed to be sp? hybridized. 


EXAMPLE 14.4 _ 


How is the xenon atom in XeF, hybridized? 


Solution The Lewis structure for XeF, has six pairs of electrons around xenon 
that are arranged octahedrally to minimize repulsions. An octahedral set of six 
atomic orbitals is required to hold these electrons, and the xenon atom is as- 
sumed to be d?sp* hybridized. 


1b Lone pair 


Rig 


N Lone pair 
Xenon uses six d’sp* hybrid 
Octahedral arrangement atomic orbitals to bond to 
of six electron pairs. the four fluorine atoms and 
to hold the two lone pairs. 









d*sp* 
hybridized 


xenon 





The description of a molecule using the LE model involves three distinct 
steps. 


Describing a Molecule with the Localized Electron Model 


1 Draw the Lewis structure(s). 
2 Determine the arrangement of electron pairs using the VSEPR model. 


3 Specify the hybrid orbitals needed to accommodate the electron pairs. 


It is important to perform the steps in this order. For a model to be success- 
ful, it must follow nature’s priorities. In the case of bonding, it seems clear that 
the tendency for a molecule to minimize its energy is more important than 
maintenance of the characteristics of atoms as they exist in the free state. The 
atoms adjust to meet the “needs” of the molecule. When considering the bond- 
ing ina particular molecule, therefore, we always start with the molecule rather 
than the component atoms. In the molecule the electrons are arranged to give 
each atom a noble gas configuration where possible and to minimize electron- 
pair repulsions. We then assume that the atoms adjust their orbitals by hybrid- 
ization to allow the molecule to adopt the structure that gives the minimum 
energy. 

In applying the LE model, we must not overemphasize the characteristics 
of the separate atoms. The particular atom on which the valence electrons 
originated is not important; what is important is where they are needed in the 
molecule to achieve maximum stability. In the same vein, the forms of the or- 
bitals on the isolated atoms are relatively unimportant; what really matters are 
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Figure 14.24 Number of Arrangement Hybridization 
The relationship among the number Effective Pairs of Pairs Required 
of effective pairs, their spatial arrange- 


ment, and the hybrid orbital set 180° 
required. 
2 ea Linear sp 






3 Trigonal sp? 

planar 

120° 

4 B Tetrahedral sp? 
5 Trigonal dsp? 

bipyramidal 

90° 

6 





the forms needed by the molecule to achieve minimum energy. The require- 
ments for the various types of hybridization are summarized in Fig. 14.24. 


WWL INTERACTIVE EXAMPLE 14.5 


For each of the following molecules or ions, describe the molecular structure, 
and predict the hybridization of each atom. 


a CcQ b. BF47 c. XeF, 

Solution 

a. The CO molecule has 10 valence electrons, and its Lewis structure is 
>C=O: 


Each atom has two effective pairs, which means that both are sp hybrid- 
ized. The triple bond consists of a o bond produced by the overlap of an 
sp orbital from each atom and two 7 bonds produced by the overlap of 
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2p orbitals from each atom. The lone pairs are in sp orbitals. Since the CO 
molecule has only two atoms, it must be linear. 






Lone pairs 2p 


‘G, 
sp Sp Sp y 
a 


C—O sigma bond pi bonds 


Sp 





b. The BF,” ion has 32 valence electrons. The Lewis structure shows four pairs 
of electrons around the boron atom, requiring a tetrahedral arrangement: 


ol 3 
| ee 4 electron pairs 
: F—B—F: . (B) 

ee | oe around B 


This requires sp? hybridization of the boron atom. Each fluorine atom also 
has four electron pairs and can be assumed to be sp? hybridized (only one 
sp? orbital is shown for each fluorine atom). The BF4~ ion’s molecular struc- 
ture is tetrahedral. 








c. The XeF; molecule has 22 valence electrons. The Lewis structure shows five 
electron pairs on the xenon atom, which requires a trigonal bipyramidal 
arrangement: 








5 BCE 

*, 5 electron pairs 
5 KS 

. around Xe 
Eee 





Note that the lone pairs are placed in the plane where they are 120 degrees 
apart. Accommodating five pairs at the vertices of a trigonal bipyramid can 
be explained if the xenon atom adopts a set of five dsp? orbitals. Each fluo- 
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rine atom has four electron pairs and can be assumed to be sp* hybridized. 
The XeF, molecule has a linear arrangement of atoms. 








14.2 | The Molecular Orbital Model 


It should be clear by now that the LE model is of great value in interpreting the 
structures and bonding of molecules. However, there are some problems with 
this model at this level of approximation. For example, since it incorrectly as- 
sumes that electrons are localized, the concept of resonance must be added. 
Also, the model does not deal easily with molecules containing unpaired elec- 
trons. And finally, the model in this form gives no direct information about 
bond energies. 

Another model often used to describe bonding is the molecular orbital 
model. To introduce the assumptions, methods, and results of this model, we 
will consider the simplest of all molecules, H2, which consists of two protons 
and two electrons. A very stable molecule, H) is lower in energy than the sepa- 
rated hydrogen atoms by 432 kJ/mol. 

Since the hydrogen molecule consists of protons and electrons, the same 
components found in separated hydrogen atoms, it seems reasonable to use a 
theory similar to the atomic theory discussed in Chapter 12, which assumes 
that the electrons in an atom exist in orbitals of a given energy. Can we apply 
this same type of model to the hydrogen molecule? Yes; in fact, describing the 
H) molecule in terms of quantum mechanics is quite straightforward. 

However, even though it is formulated rather easily, this problem cannot 
be solved exactly. The difficulty is the same as that encountered in dealing with 
polyelectronic atoms—the electron correlation problem. Since we cannot ac- 
count for the details of the electron movements, we cannot deal with the elec- 
tron-electron interactions in a specific way. We need to make approximations 
that allow the solution of the problem but that do not destroy the model’s 
physical integrity. The success of these approximations can be measured only 
by comparing predictions from the theory with experimental observations. In 
this case we will see that the simplified model works well. 

Just as atomic orbitals are solutions to the quantum mechanical treatment 
of atoms, molecular orbitals (MOs) are solutions to the molecular problem. 
MOs have many of the same characteristics as atomic orbitals. Two of the 
most important are (1) they can hold two electrons with opposite spins and 
(2) the square of the molecular orbital wave function indicates the electron 
probability. 

As in the application of quantum mechanics to isolated atoms, the MO 
orbital treatment can be carried out at various levels of sophistication. In our 
description of the model, we will assume that the MOs for H> are constructed 


antibonding (MO,) 


bonding (MO)) 





Figure 14.25 

The combination of hydrogen 1s atomic 
orbitals to form MOs. The phases of the 
orbitals are shown by signs inside the 
boundary surfaces. When the orbitals 
are added, the matching phases 
produce constructive interference, 
which gives enhanced electron proba- 
bility between the nuclei. This results 

in a bonding molecular orbital. When 
one orbital is subtracted from the 

other, destructive interference occurs 
between the opposite phases, leading 
to a node between the nuclei. This is an 
antibonding MO. 


Figure 14.26 

(a) The MO energy-level diagram for 
the H» molecule. (b) The shapes of the 
MOs are obtained by squaring the 
wave functions for MO, and MOz. 

The positions of the nuclei are indi- 
cated by . 
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using hydrogen 1s orbitals. We say that the 1s orbitals form the “basis set” for 
the MOs. A more detailed treatment would use a different basis set—one in 
which the radial part of the atomic orbitals would be allowed to vary to achieve 
the lowest-energy MOs for the hydrogen molecule. However, to avoid as many 
complications as possible, as we discuss the fundamental ideas of the MO de- 
scription of molecules, we will use the simplest version of this model. 

We will now describe the bonding in the hydrogen molecule using the MO 
model. The first step is to obtain the hydrogen molecule’s orbitals, a process 
that is greatly simplified if we assume that the MOs can be constructed from 
the hydrogen 1s orbitals. 

In this approximate treatment of the hydrogen molecule, two MOs result: 


MO, =1s, ais Isp 
MO, =1s, = 1sp 


where 1s, and 1sg represent the 1s orbitals from the two separated hydrogen 
atoms. This process is shown schematically in Fig. 14.25 along with the phases 
of the orbitals. 

The orbital properties of greatest interest are size, shape (described by the 
electron probability distribution), and energy. These properties for the hydro- 
gen MOs are represented in Fig. 14.26. From this figure we can note several 
important points: 


1. The electron probability of both MOs is centered along the line passing 
through the two nuclei. For MO,, the greatest electron probability is be- 
tween the nuclei. In this case the matching phases of the orbitals produce 
constructive interference and enhanced electron probability between the 
two nuclei. For MO, it is centered along the molecular axis but outside 
the area between the two nuclei. In this case the mismatched phases pro- 
duce destructive interference leading to a node in the electron probability 
between the two nuclei. In both MOs the electron density has cylindrical 
symmetry with respect to the molecular axis. That is, the electron proba- 
bility is the same along any line drawn perpendicular to the bond axis at a 
given point on the axis. This type of cylindrically symmetric electron dis- 
tribution is described as sigma (a), as in the localized electron model. Ac- 
cordingly, we refer to MO, and MQ) as sigma (ao) MOs. 


2. Inthe molecule, only the MOs are available for occupation by electrons. 
The 1s atomic orbitals of the hydrogen atoms no longer exist because the 
H, molecule—a new entity—has its own set of new orbitals. 


3. MO, is lower in energy than the 1s orbitals of free hydrogen atoms, but 
MO) is higher in energy than the 1s orbitals. This fact has very important 
implications for the stability of the H, molecule: If the two electrons (one 
from each hydrogen atom) occupy the lower-energy MO, they will have 
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Bonding will result if the molecule has 
lower energy than the separated 
atoms. 


Figure 14.27 
Bonding and antibonding MOs. 


lower energy than they have in the two separate hydrogen atoms. This 
situation favors molecule formation because nature tends to seek the low- 
est energy state. That is, the driving force for molecule formation here is 
that the MO available to the two electrons has lower energy than the 
atomic orbitals these electrons occupy in the separated atoms. This situa- 
tion is “pro” bonding. 

On the other hand, if the two electrons were forced to occupy the 
higher-energy MO, they would be definitely “anti” bonding. In this case 
these electrons would have lower energy in the separated atoms than in the 
molecule; thus the separated state would be favored. Of course, since the 
lower-energy MO, is available, the two electrons occupy that MO and the 
resulting molecule is stable. 

We have seen that the MOs of the hydrogen molecule fall into two 
classes: bonding and antibonding. A bonding MO is lower in energy than 
the atomic orbitals of which it is composed. Electrons in this type of or- 
bital favor the molecule; that is, they will favor bonding. An antibonding 
MO is higher in energy than the atomic orbitals of which it is composed. 
Electrons in this type of orbital will favor the separated atoms (they are 
antibonding). Figure 14.27 illustrates these ideas. 


Figure 14.26 shows that for the bonding MO in the H molecule, the elec- 
trons have the greatest probability of being between the nuclei. This is ex- 
actly what we would expect, since the electrons can lower their energies by 
being simultaneously attracted by both nuclei. On the other hand, the elec- 
tron distribution for the antibonding MO is such that the electrons are 
mainly outside the space between the nuclei. This type of distribution is not 
expected to provide any bonding force. In fact, it causes the electrons to be 
higher in energy than in the separated atoms. Thus the MO model produces 
electron distributions and energies that agree with our basic ideas of bond- 
ing. This fact reassures us that the model is physically reasonable. 


The labels on MOs indicate their symmetries (shapes), their parent atomic 
orbitals, and whether they are bonding or antibonding. Antibonding char- 
acter is indicated by an asterisk. For the H) molecule, both MOs have a 
symmetry and both are constructed from hydrogen 1s atomic orbitals. The 
molecular orbitals for H> are therefore labeled as follows: 


MO; = o;, 
MO, = O71," 


Molecular electron configurations can be written in much the same way as 
atomic configurations. Since the H) molecule has two electrons in the o;, 
molecular orbital, the electron configuration is o;.2. 
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molecular orbitals 
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Figure 14.28 


MO energy-level diagram for the H2 
molecule. 
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The MO energy-level diagram for the 
Hes molecule. 
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The MO energy-level diagram for the 
He,* ion. Note that in this case the 
components from which Heg* is “con- 
structed” are He and He™. 
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7. Each MO can hold two electrons, but the electrons’ spins must be opposite. 


8. Orbitals are conserved. The number of MOs is always the same as the 
number of atomic orbitals used to construct them. 


Many of these points are summarized in Fig. 14.28. 


Bond Order 


Fundamentally, a molecule forms because it has lower energy than the sepa- 
rated atoms. In the simple MO model, this is reflected by the number of bond- 
ing electrons (those that achieve lower energy in going from the free atoms to 
the molecule) versus the number of antibonding electrons (those that are higher 
in energy in the molecule than in the free atoms). If the number of bonding 
electrons is greater than the number of antibonding electrons in a given mole- 
cule, the molecule is predicted to be stable. 

The quantitative indicator of molecular stability (bond strength) for a di- 
atomic molecule is the bond order: the difference between the number of bond- 
ing electrons and the number of antibonding electrons, divided by 2. 


Bond order 


number of bonding electrons — number of antibonding electrons 
Z 


We divide by 2 because we are used to thinking of bonds in terms of pairs of 
electrons. 

Bond order is an indication of bond strength because it reflects the differ- 
ence between the number of bonding electrons and the number of antibonding 
electrons, which in turn reflects the quantity of energy released when the mol- 
ecule is formed from its atoms. Therefore, larger bond order indicates greater 
bond strength. 

Since the H; molecule has two bonding electrons and no antibonding elec- 
trons, the bond order is 1: 

Bond order = free, =1 
2 

We will now apply the MO model to the helium molecule (He). Does this 
model predict that this molecule is stable? Since the He atom has a 1s” configu- 
ration, 1s orbitals are used to construct the MOs. Therefore, the molecules will 
have four electrons. From the diagram shown in Fig. 14.29, it is apparent that 
two electrons are raised in energy and two are lowered in energy. Thus the 
bond order is zero: 


This implies that the He, molecule is not stable with respect to the two free He 
atoms, which agrees with the observation that helium gas consists of individual 
He atoms. 

Next, we will apply the simple MO model to diatomic ions, starting with 
He,*. Is this ion expected to be stable? Examination of Fig. 14.30 shows that 
when He is combined with He* to form He)*, two electrons are lowered in en- 
ergy and only one is raised in energy. That is, the bond order is (2 — 1)/2 = 5, 
and He," is predicted to be stable. Experiments have shown that He* does in- 
deed exist with a bond energy of 250 kJ/mol. 
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The MO energy-level diagram for the The MO energy-level diagram for the 
H,* ion. H,~ ion. 


Similarly, the H)* ion is known to exist with a bond energy of 255 kJ/mol. 
This result is in agreement with the simple MO model (Fig. 14.31), which pre- 
dicts a bond order of (1 — 0)/2 = 7 

Figure 14.32 shows the MO diagram for the H.~ ion, which is predicted to 
have a bond order of (2 — 1)/2 = 5. However, in this case the prediction of the 
model does not agree with experimental results. The H,~ ion is not known, and 
all indications are that it is unstable, immediately decomposing to H2 and a free 
electron. Thus, again, we are reminded about the perils of simple models. The 
reasons for the instability of the H,~ ion are beyond the scope of this treatment. 











Figure 14.33 
The relative sizes of the lithium 1s and 
2s atomic orbitals. 


Figure 14.34 
The MO energy-level diagram for the 
Lis molecule. 


Bonding in Homonuclear Diatomic Molecules 


In this section we consider homonuclear diatomic molecules (those composed 
of two identical atoms) formed by elements in Period 2 of the periodic table. 
The lithium atom has a 1s?2s! electron configuration, and from our discussion 
in the preceding section, it would seem logical to use the Li 1s and 2s orbitals 
to form the MOs of the Li, molecule. However, the 1s orbitals on the lithium 
atoms are much smaller than the 2s orbitals and therefore do not overlap in 
space to any appreciable extent (Fig. 14.33). Thus the two electrons in each 1s 
orbital can be assumed to be localized on a given atom, which means that they 
do not participate in the bonding. The following general principle applies: To 
participate in molecular orbitals, atomic orbitals must overlap in space. This 
means that only the valence orbitals of atoms contribute significantly to the 
MOs of a particular molecule. 

The MO diagram of the Li, molecule and the shapes of its bonding and 
antibonding MOs are shown in Fig. 14.34. The electron configuration for Li 
(valence electrons only) is o,*, and the bond order is 1: 
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(b) 


Figure 14.35 

(a) The three mutually perpendicular 20 
orbitals on two adjacent boron atoms. 
The signs indicate the orbital phases. 
Two pairs of parallel p orbitals can 
overlap, as shown in (b) and (c), and 
the third pair can overlap head-on, as 
shown in (qd). 


Only valence atomic orbitals contribute 
significantly to MOs. 


(c) (d) 


Thus Li, is expected to be a stable molecule (has lower energy than two sepa- 
rated lithium atoms). However, this does not mean that Li, is the most stable 
form of elemental lithium. In fact, at normal temperature and pressure, lithium 
exists as a solid containing many lithium atoms bonded together. 

For the beryllium molecule (Bez), the bonding and antibonding orbitals 
both contain two electrons. In this case the bond order is (2 — 2)/2 = 0. Thus 
the model predicts that since Be) is not more stable than two separated Be at- 
oms, no molecule should form. However, experiments indicate that Be2(g) does 
exist, although it has a very weak bond (bond energy ~ 10 kJ/mol). In con- 
trast, beryllium metal contains many beryllium atoms bonded to each other 
and is stable for reasons we will discuss in Chapter 16. 

Since the boron atom has a 1s?2s*2p! configuration, we describe the B, 
molecule by considering how p atomic orbitals combine to form MOs. Recall 
that p orbitals have two lobes and that they occur in sets of three mutually 
perpendicular orbitals [Fig. 14.35(a)]. When two B atoms approach each other, 
two pairs of p orbitals can overlap in a parallel manner [Figs. 14.35(b) and (c)] 
and one pair can overlap head-on [Fig. 14.35(d)]. 

First, let’s consider the MOs formed by the head-on overlap, as shown in 
Fig. 14.36(a). If the two orbitals are combined directly (added together), the 
positive phase of the left orbital overlaps with the negative phase of the right 
orbital. This destructive interference of the orbitals produces a node between 
the nuclei that leads to decreased electron probability. Therefore, this results in 
an antibonding MO. On the other hand, when the phase of the right orbital is 
reversed (its sign is reversed by subtracting it from the left orbital), constructive 
interference results, giving enhanced electron probability between the nuclei. 
This is a bonding MO. Note that the electrons in the bonding MO are, as ex- 
pected, concentrated between the nuclei, and the electrons in the antibonding 
MO are concentrated outside the area between the two nuclei. Both of these 
MOs are a MOs. 

The p orbitals that overlap in a parallel manner also produce bonding and 
antibonding orbitals [Fig. 14.36(b)]. When the parallel p orbitals are added 
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Figure 14.36 

(a) The two p orbitals on the boron 
atoms that overlap head-on combine 
to form o bonding and antibonding 
orbitals. The bonding orbital is formed 
by reversing the sign of the right orbital 
so that the positive phases of both 
orbitals match between the nuclei to 
produce constructive interference. This 
leads to enhanced electron probability 
between the nuclei. The antibonding 
orbital is formed by the direct com- 
bination of the orbitals, which gives 
destructive interference of the positive 
phase of one orbital with the negative 
phase of the second orbital. This pro- 
duces a node between the nuclei, 
which gives decreased electron proba- 
bility. (ob) When the parallel p orbitals 
are combined with the positive and 
negative phases matched, constructive 
interference occurs, giving a bonding 
a orbital. When the orbitals have oppo- 
site phases (the signs of one orbital 
are reversed), destructive interference 
occurs, resulting in an antibonding 

ar Orbital. 
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The expected MO energy-level diagram 
for the combination of the 2p orbitals 
on two boron atoms. 
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together, the phases match, and constructive interference occurs, giving a 
bonding orbital. When the phase of the right orbital is reversed and combined 
with the left orbital, destructive interference occurs, giving an antibonding or- 
bital. Since the electron probability lies above and below the line between the 
nuclei, both the orbitals are pi (a7) MOs. They are designated as 7, for the 
bonding MO and 7,* for the antibonding MO. 

Let’s try to make an educated guess about the relative energies of the 0 and 
a MOs formed from the 2p atomic orbitals. Would we expect the electrons to 
prefer the a bonding orbital (where the electron probability is concentrated in 
the area between the nuclei) or the 7 bonding orbital? The o orbital would 
seem to have the lower energy since the electrons are closest to the two nuclei. 
This agrees with the observation that o interactions are typically stronger than 
7 interactions. 

Figure 14.37 gives the MO energy-level diagram expected when the two 
sets of 2p orbitals on the two borom atoms combine to form MOs. Note that 
there are two 7 bonding orbitals at the same energy (degenerate orbitals) 
formed from the two pairs of parallel p orbitals, and there are two degenerate 
7 antibonding orbitals. The energy of the 7, orbitals is expected to be higher 
than that of the a, orbital because o interactions are generally stronger than 
qm interactions. 

To construct the total MO diagram for the B) molecule, we make the as- 
sumption that the 2s and 2p orbitals combine separately (in other words, there 
is no 2s—2p mixing). The resulting diagram is shown in Fig. 14.38. Note that 
B» has six valence electrons. (Remember that the 1s orbitals and electrons are 
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The expected MO energy-level diagram 
for the Bs molecule. 
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Electromagnet 


Figure 14.39 

An apparatus used to measure the 
paramagnetism of a sample. A para- 
magnetic sample will appear heavier 
when the electromagnet is turned on 
because the sample is attracted into 
the inducing magnetic field. 
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assumed not to participate in the bonding.) This diagram predicts a bond order 
of 1: 


Therefore, B» should be a stable molecule. 


Paramagnetism 


At this point we need to discuss an additional molecular property—magnetism. 
Most materials have no magnetism until they are placed in a magnetic field. 
However, in the presence of such a field, magnetism of two types can be in- 
duced. Paramagnetism causes the substance to be attracted toward the inducing 
magnetic field. Diamagnetism causes the substance to be repelled from the in- 
ducing magnetic field. Figure 14.39 illustrates how paramagnetism is measured. 
The sample is weighed with the electromagnet turned off and then weighed 
again with the electromagnet turned on. An increase in weight when the field is 
turned on indicates that the sample is paramagnetic. Studies have shown that 
paramagnetism is associated with unpaired electrons,* and diamagnetism is as- 
sociated with paired electrons. Any substance that has both paired and un- 
paired electrons will exhibit net paramagnetism, since the effect of paramagnet- 
ism is much stronger than that of diamagnetism. Thus the phenomenon of 
paramagnetism provides a ready means for testing whether a substance con- 
tains unpaired electrons. 

The MO energy-level diagram given in Fig. 14.38 predicts that the B) mol- 
ecule will be diamagnetic, since the MOs contain only paired electrons. How- 
ever, experiments show that By, is actually paramagnetic with two unpaired 
electrons. Why does the model yield the wrong prediction? This is yet another 
illustration of how models are developed and used. In general, we try to use the 
simplest possible model that accounts for all of the important observations. In 
this case, although the simplest model has been relatively successful in describ- 
ing all the diatomic molecules up to Bg, it certainly is suspect if it cannot de- 
scribe the B, molecule correctly. 

Let’s reconsider one of our previous assumptions. In our treatment of B>, 
we have assumed that the s and p orbitals combine separately to form MOs. 
Calculations show that when the s and p orbitals are allowed to mix (partici- 
pate) in the same MO, a different energy-level diagram results for B, (Fig. 
14.40). Note that even though the s and p contributions to the MOs are no 
longer separate, we retain the simple orbital designations. The mixing of p and 
s atomic orbitals occurs only in the o MOs (09,, 025", G2), and a2)*). Because 
the energy of the a, orbital is changed by p-s mixing, the energies of 7, and 
0, orbitals are reversed. Also, the p-s mixing changes the energies of the a, 
and o,* such that they are no longer equally spaced relative to the energy of 
the free 2s orbital. 

Perhaps an easier way to understand the effects of p-s mixing is to think in 
terms of electron repulsions. Note from Figs. 14.34 and 14.36 that both the op, 
and the o>» orbitals show significant electron probability in the area between 
the nuclei of the bonded atoms. This means that electrons in the o>, orbital will 
repel any electrons placed in the o, orbital, thus making this orbital “less at- 
tractive” (higher in energy) to electrons. Therefore, the 7, orbital is pushed to 
a higher energy level than the 77, orbitals, which do not have electron proba- 
bility between the nuclei and are not affected by electrons in the o>, orbital. 
This situation applies to B), Cy, and No, as shown in Fig. 14.41. 





*This is an oversimplification but one that will not concern us here. 


Chapter 14 Covalent Bonding: Orbitals 


684 
B By B 
atom molecule atom 
Oop* 
\ 
/ 
/ * \ 
1 Mp" Map \ 
/ 
1/7 NOY 
ihe NY 
i \ 
2p Ht. a) eh aie 2p 
\ yf 
\ / 
if 
\ / 
Mp Mp 
E 
oe + * 925 
~ N 
25 a as Ih Js 
\ uf 
Ne i 
i 0, 
Figure 14.40 


The correct MO energy-level diagram 
for the Bz molecule. When p-s mixing 
is allowed, the energies of the a2, and 
Top Orbitals are reversed. The two elec- 
trons from the B 2p orbitals now 
occupy separate, degenerate 72, MOs 
and thus have parallel spins. Therefore, 
this diagram explains the observed 
paramagnetism of Bo. 


Bond energy increases with bond 
order; bond length decreases with 
increasing bond order. 


Figure 14.47 

The MO energy-level diagrams, 
bond orders, bond energies, and 
bond lengths for the diatomic mole- 
cules Bs through F». Note that for 
Oz and Fp the oo, orbital is lower in 
energy than the zp orbitals. 


The repulsion effects between o>, and 2, electrons decrease in going across 
the period because the increasing nuclear charge pulls the o2; electrons in 
closer, effectively making the a2, orbital smaller and decreasing the 02-02) 
interactions. This causes the energy of the a, orbital to drop below the 7, 
orbital in O, and F), as indicated in Fig. 14.41. 

When the six valence electrons of the B, molecule are placed in the modi- 
fied energy-level diagram, each of the last two electrons goes into one of the 
degenerate 7, orbitals. This produces a paramagnetic molecule in agreement 
with experimental results. Thus, when the model is extended to allow p—s mix- 
ing in MOs, it predicts the correct magnetism. Note that the bond order is 
(4 — 2)/2 = 1, as before. 

The diatomic molecules C; and N> can be described using the same MOs 
as for By (Fig. 14.40) and inserting the correct number of electrons. Because 
p-s mixing is less important in O, and F), the a, orbital is lower in energy 
than the 7, orbitals. The MO diagrams for the homonuclear diatomic mole- 
cules for the Period 2 elements are summarized in Fig. 14.41, together with 
experimentally obtained bond strengths and lengths. Several significant points 
arise from these results. 


1. There are definite correlations between bond order, bond energy, and 
bond length. As the bond order predicted by the MO model increases, the 
bond energy increases, and the bond length decreases. This is a clear indi- 
cation that the bond order predicted by the model accurately reflects bond 
strength, and it strongly supports the reasonableness of the MO model. 


2. Comparison of the bond energies of the By and F; molecules indicates that 
bond order cannot automatically be associated with a particular bond en- 
ergy. Although both molecules have a bond order of 1, the bond in B, 
appears to be about twice as strong as the bond in F;. As we will see in our 
later discussion of the halogens, F, has an unusually weak single bond 
because of larger-than-usual electron—electron repulsions (there are 14 va- 
lence electrons on the small F, molecule). 
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Figure 14.42 

When liquid oxygen is poured into the 
space between the poles of a strong 
magnet, it remains there until it boils 
away. This attraction of liquid oxygen 
for the magnetic field demonstrates the 
paramagnetism of the O2 molecule. 
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3. Note the very large bond energy associated with the Ny molecule, which 
the MO model predicts will have a bond order of 3, a triple bond. The very 
strong bond in Nj is the principal reason that many nitrogen-containing 
compounds are used as explosives. The reactions involving these explo- 
sives give the very stable N) molecule as a product, thus releasing large 
quantities of energy. 


4. The O; molecule is known to be paramagnetic. This can be very convinc- 
ingly demonstrated by pouring liquid oxygen between the poles of a strong 
magnet, as shown in Fig. 14.42. Because of its paramagnetism, the oxygen 
is attracted to the magnet gap, where it remains until it evaporates. Signifi- 
cantly, the MO model correctly predicts oxygen’s paramagnetism, but the 
simplest form of the LE model predicts a diamagnetic molecule. 


WWL INTERACTIVE EXAMPLE 14.6 


For the species O2, O2*, and O,", give the electron configuration and the bond 
order for each. Which has the strongest bond? 


Solution The O, molecule has 12 valence electrons (6 + 6), O.* has 11 va- 
lence electrons (6 + 6 — 1), and O,~ has 13 valence electrons (6 + 6 + 1). We 
will assume that the ions can be treated using the same MO diagram used for 
the neutral diatomic molecule: 
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The bond orders are as follows: 


8 — 4 
: —— = 2 
For O> 5 
Su 
eae =. = 
For O7 5 
Sa 
sy a Se Sd 
For O> 5 


Thus O,* is expected to have the strongest bond of the three species. 
Experimental evidence supports these predictions. The bond energies for 
O,*, Oo, and Oy are 643, 495, and 395 kJ/mol, respectively. 
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OWL INTERACTIVE EXAMPLE 14.7 
Use the MO model to predict the bond order and magnetism of each molecule. 


a. Ne? b. P, 


Solution 

a. The valence orbitals for Ne are 2s and 2p. Thus we can use the MOs we 
have already constructed for the diatomic molecules of the Period 2 ele- 
ments. The Ne molecule has 16 valence electrons (8 from each atom). Plac- 
ing these electrons in the appropriate MOs produces the following diagram: 


1 72»* Bie 
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2» ata 
(ony - 
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The bond order is (8 — 8)/2 = 0, so Ne» should not exist. 


b. The P; molecule found in “brown phosphorus,” which is stable only at very 
low temperatures, contains phosphorus atoms from the third row of the 
periodic table. We will assume that diatomic molecules of the Period 3 ele- 
ments can be treated very similarly to those from Period 2. The only change 
will be that the MOs are formed from 3s and 3p atomic orbitals. The Pz 
molecule has 10 valence electrons (5 from each phosphorus atom). The re- 
sulting molecular orbital diagram follows. 
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The molecule has a bond order of 3 and is expected to be diamagnetic. 
It should be noted that phosphorus exists in nature as Py molecules (and 
as other, more complex forms). 
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ce 14.4 | Bonding in Heteronuclear Diatomic Molecules 
E Be AS In this section we will deal with selected examples of heteronuclear diatomic 
g molecules—those containing two different atoms. A special case involves mol- 
ewe ecules containing atoms adjacent to each other in the periodic table. Since the 
atoms involved in such a molecule are so similar, we can use the MO diagram 
3. —t— for homonuclear molecules. For example, we can predict the bond order and 
magnetism of nitric oxide (NO) by placing its 11 valence electrons (5 from 
Figure 14.43 nitrogen and 6 from oxygen) in the MO energy-level diagram shown in 


The MO energy-level diagram for the 

NO molecule. We assume that orbital 
order is the same as that for No. The 

bond order is 2.5. 


Fig. 14.43. The molecule should be paramagnetic with a bond order of 
Si 3 


2. 
5 2) 


H nucleus F nucleus 


Figure 14.46 

The electron probability distribution in 
the bonding MO of the HF molecule. 
Note the greater electron density close 
to the fluorine atom. 
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The MO energy-level diagram for both 
the NO* and CN7 ions. 


A partial MO energy-level diagram for 
the HF molecule. 


Experimentally, nitric oxide is indeed found to be paramagnetic. Note that this 
odd-electron molecule is described very naturally by the MO model. In con- 
trast, the LE model, in the simple form used in this text, does not readily de- 
scribe such molecules. 


OWL INTERACTIVE EXAMPLE 14.8 


Use the MO model to predict the magnetism and bond order of the NO* and 
CN7 ions. 


Solution The NO* ion has 10 valence electrons (5 + 6 — 1). The CN™ ion also 
has 10 valence electrons (4 + 5 + 1). Both ions are therefore diamagnetic and 
have a bond order of 3: 


The MO diagram for these two ions is the same (Fig. 14.44). 


When the two atoms of a diatomic molecule are very different, the energy- 
level diagram for homonuclear molecules can no longer be used. A new dia- 
gram must be devised for each molecule. We will illustrate such a case by 
considering the hydrogen fluoride (HF) molecule. The electron configurations 
of the hydrogen and fluorine atoms are 1s! and 1s?2s?2p°, respectively. To 
keep things as simple as possible, we will assume that fluorine uses only one of 
its 2p orbitals to bond to hydrogen. Thus the MOs for HF will be composed of 
fluorine 2p and hydrogen 1s orbitals. Figure 14.45 gives the partial MO 
energy-level diagram for HF, focusing only on the orbitals involved in the 
bonding. We are assuming that fluorine’s other valence electrons remain local- 
ized on the fluorine atom. The 2p orbital of fluorine is shown at a lower energy 
than the 1s orbital of hydrogen on the diagram because fluorine binds its va- 
lence electrons more tightly. Thus the 2p electron on a free fluorine atom is at 
lower energy than the 1s electron on a free hydrogen atom. The diagram pre- 
dicts that the HF molecule should be stable since both electrons are lowered in 
energy relative to their energies in the free hydrogen and fluorine atoms, and 
this is the driving force for bond formation. 

Because the fluorine 2p orbital is lower in energy than the hydrogen 1s 
orbital, the electrons prefer to be closer to the fluorine atom. That is, the s MO 
containing the bonding electron pair shows greater electron probability close 
to the fluorine (Fig. 14.46). The electron pair is not shared equally. This causes 
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the fluorine atom to have a slight excess of negative charge and leaves the hy- 
drogen atom partially positive. This is exactly the bond polarity observed for 
HF. Thus the MO model accounts in a straightforward way for the different 
electronegativities of hydrogen and fluorine and the resulting unequal charge 
distribution. 
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In molecules that require resonance, it 
is the aw bonding that is most clearly 
delocalized, 


Figure 14.47 

The resonance structures for O3 and 
NOz_. Note that it is the double bond 
that occupies various positions in the 
resonance structures. 


Combining the Localized Electron 
and Molecular Orbital Models 


In this text we have treated bonding in terms of simple models not only 
because we are presenting the material at an introductory level but also be- 
cause a lot of first-order thinking by chemists uses these simple “back-of-the- 
envelope” models. Thus, as long as we are aware of the pitfalls of oversimpli- 
fied models, we can use them to our benefit. 

In this section we will attempt to make these simple models even more use- 
ful by addressing a particular shortcoming of the LE model—its assumption 
that electrons are localized (restricted to the space between a given pair of at- 
oms). This problem is most apparent for molecules where several valid Lewis 
structures can be drawn. Recall that none of the resonance structures taken 
alone adequately describes the electronic structure of the molecule. The con- 
cept of resonance was invented to solve this problem. However, even with 
resonance included, the LE model does not describe molecules and ions such as 
O; and NO3° in a very satisfying way. 

It would seem that the ideal bonding model would be one with the simplic- 
ity of the LE model but with the delocalization characteristics of the MO 
model. We can achieve this by combining the two models to describe molecules 
that require resonance. Note that for species such as O; and NO; the double 
bond changes position in the resonance structures (Fig. 14.47). Since a double 
bond involves one a bond and one 7 bond, there is a a bond between all bound 
atoms in each resonance structure. It is really the 7 bond that has different 
locations in the various resonance structures. 

We conclude that the o electrons in a molecule can be described as being 
localized with no apparent problems. It is the 7 electrons that must be treated 
as being delocalized. Thus, for molecules that require resonance, we will use 
the LE model to describe the a bonding and the MO model to describe the 7 
bonding. This allows us to keep the bonding model as simple as possible and 
yet give a more physically accurate description of such molecules. 

We will illustrate this procedure by considering the bonding in benzene, an 
important industrial chemical that must be handled carefully because it is a 
known carcinogen. The benzene molecule (CsH,) consists of a planar hexagon 
of carbon atoms with one hydrogen atom bound to each carbon atom, as shown 
in Fig. 14.48(a). In the molecule all six C—C bonds are known to be equivalent. 
To explain this fact, the LE model must invoke resonance [Fig. 14.48(b)]. 

A better description of the bonding in benzene results when we use a com- 
bination of the models, as described above. In this description it is assumed 
that the o bonds to carbon involve sp? orbitals, as shown in Fig. 14.49. These 
o bonds are all centered in the plane of the molecule. 
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The Always Interesting NO 


Chemical Insights 





Nitrogen monoxide (commonly called nitric oxide) 
is a compound with a dual personality. Produced 
by the reaction of N> and O, at the high tempera- 
tures associated with combustion in automobiles 
and conventional power plants, NO immediately 
reacts with O) to form NO), a major air pollutant. 
Nitric oxide has also been implicated as a cause of 
brain damage in people with strokes. During a 
stroke, relatively large amounts of NO are pro- 
duced by the body, leading to nerve damage in the 
brain. On the other hand, NO has in recent years 
been shown to be an essential regulator of many 
body processes, including controlling blood pres- 
sure, aiding in penile erection, assisting digestion, 
and battling tumor cells. 

Recent findings indicate additional important 
roles for NO. For example, researchers in the 
United States and Tanzania have discovered that 
the presence of NO in the blood seems to aid in 
the body’s battle against infectious diseases. These 
results indicate that patients with relatively high 
blood levels of NO are much more successful in 
fighting off malaria. However, the situation is 
complicated: NO’s dual personality may again be 
evident. The studies indicate that while NO may 
bolster the body’s resistance to malaria, the release 
of excess NO in the brain in people with certain 
forms of malaria may in fact be responsible for 
major brain damage. The role of NO in malaria 
and other infectious diseases continues to be the 
focus of much current research. 

On a related front, studies at the Karolinska 
Institute in Stockholm, Sweden, seem to indicate 
that NO furnishes protection against sinus infec- 
tions. Unlike the nose, where bacteria thrive, the 





sinuses—the air-filled cavities in the head sur- 
rounding the nose—are surprisingly microbe-free. 
In trying to discern the reason for the lack of bac- 
teria in the sinuses—a warm, moist, seemingly 
bacteria-friendly environment—Swedish scientists 
found that the cavities contain NO concentrations 
close to the maximum levels allowed in polluted 
air. They discovered that cells in the walls of the 
sinuses produce NO, presumably to protect against 
bacterial infection—the NO binds to vital enzymes 
in microbes, stopping their growth and reproduc- 
tion. But the importance of NO goes beyond its 
antibacterial role. It also behaves as a powerful 
vasodilator, a substance that dilates blood vessels. 
The researchers postulate that some of the NO in 
the sinuses travels through the airways into the 
lungs, where it dilates blood vessels in areas well 
supplied with O>, thus increasing the amount of 
oxygen absorbed into the blood. 

The powers of NO are also apparent in the 
operation of hemoglobin, the protein that delivers 
O, to the tissues and returns CO, to be exhaled in 
the lungs. Recent studies at Duke University indi- 
cate that hemoglobin has a dangling side chain 
that binds NO. As the hemoglobin releases O, to 
the tissues it also sheds some of its bound NO, 
which dilates blood vessels and helps the oxygen 
get to the tissues. The hemoglobin then picks up 
CO), and any circulating NO and returns them to 
the lungs to be exhaled. Thus hemoglobin not only 
exchanges O, for CQ) at the tissues but also regu- 
lates blood pressure in the process. 

Thus NO continues to show its dual personal- 
ity—sometimes positive, sometimes negative, 
always interesting. 
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(a) The benzene molecule consists of a ring of six carbon 
atoms with one hydrogen atom bound to each carbon; ali 
atoms are in the same plane. All the C—C bonds are 
known to be equivalent. (6) Two of the resonance struc- 


tures for the benzene molecule. The LE model must invoke 


resonance to account for the six equal C—C bonds. 


Os 


Figure 14.49 
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The o bonding system in J ® 
the benzene molecule. 
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Chemistry Explorers 
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in the Real World 


Jonathan Kenny Looks at Spectroscopy 





Professor Jonathan Kenny, who has been on the 
faculty at Tufts University in Medford, Massachu- 
setts, since 1981, earned his B.S. degree at the Uni- 
versity of Notre Dame and his Ph.D. at the Univer- 
sity of Chicago. 

Professor Kenny’s research focuses on the use of 
spectroscopy to analyze samples in the real world. 
One project involves a vehicle that uses a hydraulic 
press to insert a small-diameter rod into the ground 
to depths of 50 m or more. A sapphire window near 
the tip of the rod allows spectroscopic signals to 
pass through. The goal is to detect and analyze 
groundwater contaminants. This type of analysis 
presents major challenges because of the number of 
species present and the complex nature of the soil. 

Another project of Kenny’s is the development 
of a fingerprinting method for ballast water in 
ships based on multidimensional fluorescence spec- 
troscopy. Ships involved in international trade 





often transport aquatic 
nuisance species in their 
ballast water, and the 
U.S. Coast Guard must 
enforce existing regula- 
tions that require all 
ships entering U.S. ports 
to exchange their ballast 
water in the deep ocean. 
Kenny and his students 
demonstrated that their 
fluorescence-based method can accurately identify 
water samples from different ports. Professor 
Kenny is also interested in developing innovative 
ways to help students learn chemistry in the 
context of related sciences such as astrophysics and 
biology. He teaches an environmental chemistry 
course for liberal arts students organized around 
the cosmic evolution time line. 





Jonathan Kenny. 





And even the most fundamental ideas about bonding that we have discussed in 
this text are subject to controversy. For example, Bacskay, Reimers (University 
of Sydney, Australia), and Nordholm (Goteburg University, Sweden) have sug- 
gested* that the simple “electrostatic model” presented here neglects the sig- 
nificance of changes in electron kinetic energies and atomic orbital contrac- 
tions. The point here is not to present these more complex concepts but to 
make sure that you appreciate the nature of models and that you recognize the 
difference between the information learned about matter from experiments 
and the information learned from theories. Because matter is so complex, we 
often tailor our theories to explain a limited area of nature so as to keep the 
theories simple enough to understand and use. However, it is very dangerous 
to assume that such a limited theory can then be used in a wider sense. We 
must be very careful to ask proper questions of our theories or we face the 
danger of being greatly misled. 





14.7 | 


Molecular Spectroscopy: An Introduction 


Spectroscopy can be defined as the study of the interaction of electromagnetic 
radiation with matter. Spectroscopy provides a nondestructive and highly sen- 
sitive method for obtaining information about the identity, structure, and 
properties of substances. We have already discussed the emission spectrum of 
the hydrogen atom (Chapter 12) and the importance of the information it pro- 
vides about hydrogen’s quantized energy levels. Spectroscopy is also very use- 
ful for the study of molecules. Molecules can absorb electromagnetic radiation 





*Bacskay, Reimers, and Nordholm, J. Chem. Ed. 74 (1997), 1494. 


Courtesy of Tim Kenny/Jonathan E. Kenny 


Figure 14.52 

A schematic representation of two 
electronic energy levels in a molecule, 
with the vibrational (in red) and rota- 
tional (in blue) energy levels shown for 
each electronic state. 
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to furnish energy for many different processes, all which have quantized energy 
levels. For example, a molecule can absorb or emit a photon and go from a 
lower electronic energy state to a higher electronic energy state, or vice versa. 
This so-called electronic transition can be described approximately as a change 
from one electron arrangement to another. Typically, electronic transitions 
require photons in the ultraviolet or visible regions of the spectrum. In addition 
to undergoing electronic transitions, molecules can undergo vibrational and 
rotational energy transitions. For example, the atoms in a molecule vibrate 
around their equilibrium positions, giving rise to quantized vibrational energy 
levels whose spacings correspond to the energies of photons in the infrared 
region of the electromagnetic spectrum. Molecules also rotate and have quan- 
tized rotational energy levels whose spacings correspond to the energies of 
photons in the microwave region. In fact, it is the rotational excitation of the 
water molecules in food and the transfer of this energy to other molecules that 
form the basis for microwave cooking. 

A schematic representation of two molecular electronic states with the ac- 
companying vibrational and rotational energy levels is given in Fig. 14.52. 
Note that each electronic energy level has a set of quantized vibrational states 
and that each vibrational state has a set of rotational states. 

Depending on the energy of the photons interacting with it, a molecule can 
undergo a pure rotational transition (change rotational levels but remain in the 
same vibrational and electronic states), a vibrational transition that may also 
involve a simultaneous rotational transition (Fig. 14.53), or an electronic tran- 
sition that may involve a simultaneous vibrational and/or rotational change. 
The details of the geometric structure and electronic structure of the molecule 
determine exactly what types of transitions can occur. We will not deal with 
these issues here because they are beyond the scope of this text. 
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or visible region of the electromagnetic spectrum, provides information about 
the spacings of the electronic energy levels in the molecule. The electronic spec- 
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Professor Jonathan Kenny, who has been on the 
faculty at Tufts University in Medford, Massachu- 
setts, since 1981, earned his B.S. degree at the Uni- 
versity of Notre Dame and his Ph.D. at the Univer- 
sity of Chicago. 

Professor Kenny’s research focuses on the use of 
spectroscopy to analyze samples in the real world. 
One project involves a vehicle that uses a hydraulic 
press to insert a small-diameter rod into the ground 
to depths of 50 m or more. A sapphire window near 
the tip of the rod allows spectroscopic signals to 
pass through. The goal is to detect and analyze 
groundwater contaminants. This type of analysis 
presents major challenges because of the number of 
species present and the complex nature of the soil. 

Another project of Kenny’s is the development 
of a fingerprinting method for ballast water in 
ships based on multidimensional fluorescence spec- 
troscopy. Ships involved in international trade 





often transport aquatic 
nuisance species in their 
ballast water, and the 
U.S. Coast Guard must 
enforce existing regula- 
tions that require all 
ships entering U.S. ports 
to exchange their ballast 
water in the deep ocean. 
Kenny and his students 
demonstrated that their 
fluorescence-based method can accurately identify 
water samples from different ports. Professor 
Kenny is also interested in developing innovative 
ways to help students learn chemistry in the 
context of related sciences such as astrophysics and 
biology. He teaches an environmental chemistry 
course for liberal arts students organized around 
the cosmic evolution time line. 
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And even the most fundamental ideas about bonding that we have discussed in 
this text are subject to controversy. For example, Bacskay, Reimers (University 
of Sydney, Australia), and Nordholm (Goéteburg University, Sweden) have sug- 
gested* that the simple “electrostatic model” presented here neglects the sig- 
nificance of changes in electron kinetic energies and atomic orbital contrac- 
tions. The point here is not to present these more complex concepts but to 
make sure that you appreciate the nature of models and that you recognize the 
difference between the information learned about matter from experiments 
and the information learned from theories. Because matter is so complex, we 
often tailor our theories to explain a limited area of nature so as to keep the 
theories simple enough to understand and use. However, it is very dangerous 
to assume that such a limited theory can then be used in a wider sense. We 
must be very careful to ask proper questions of our theories or we face the 
danger of being greatly misled. 





14.7 | 


Molecular Spectroscopy: An Introduction 


Spectroscopy can be defined as the study of the interaction of electromagnetic 
radiation with matter. Spectroscopy provides a nondestructive and highly sen- 
sitive method for obtaining information about the identity, structure, and 
properties of substances. We have already discussed the emission spectrum of 
the hydrogen atom (Chapter 12) and the importance of the information it pro- 
vides about hydrogen’s quantized energy levels. Spectroscopy is also very use- 
ful for the study of molecules. Molecules can absorb electromagnetic radiation 
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Figure 14.52 

A schematic representation of two 
electronic energy levels in a molecule, 
with the vibrational (in red) and rota- 
tional (in blue) energy levels shown for 
each electronic state. 


14.8 Electronic Spectroscopy 693 


First excited 
electronic level 


Ground-state 
electronic level 





to furnish energy for many different processes, all which have quantized energy 
levels. For example, a molecule can absorb or emit a photon and go from a 
lower electronic energy state to a higher electronic energy state, or vice versa. 
This so-called electronic transition can be described approximately as a change 
from one electron arrangement to another. Typically, electronic transitions 
require photons in the ultraviolet or visible regions of the spectrum. In addition 
to undergoing electronic transitions, molecules can undergo vibrational and 
rotational energy transitions. For example, the atoms in a molecule vibrate 
around their equilibrium positions, giving rise to quantized vibrational energy 
levels whose spacings correspond to the energies of photons in the infrared 
region of the electromagnetic spectrum. Molecules also rotate and have quan- 
tized rotational energy levels whose spacings correspond to the energies of 
photons in the microwave region. In fact, it is the rotational excitation of the 
water molecules in food and the transfer of this energy to other molecules that 
form the basis for microwave cooking. 

A schematic representation of two molecular electronic states with the ac- 
companying vibrational and rotational energy levels is given in Fig. 14.52. 
Note that each electronic energy level has a set of quantized vibrational states 
and that each vibrational state has a set of rotational states. 

Depending on the energy of the photons interacting with it, a molecule can 
undergo a pure rotational transition (change rotational levels but remain in the 
same vibrational and electronic states), a vibrational transition that may also 
involve a simultaneous rotational transition (Fig. 14.53), or an electronic tran- 
sition that may involve a simultaneous vibrational and/or rotational change. 
The details of the geometric structure and electronic structure of the molecule 
determine exactly what types of transitions can occur. We will not deal with 
these issues here because they are beyond the scope of this text. 
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or visible region of the electromagnetic spectrum, provides information about 
the spacings of the electronic energy levels in the molecule. The electronic spec- 
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Figure 14.53 

The various types of transitions are 
shown by vertical arrows. Note that 
rotational changes are lowest in 
energy, followed by vibrational changes 
and then electronic changes, which 
require the highest-energy photons. 


A technician using an electron spec- 
troscopy unit used for chemical 
analysis. 
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trum plots the quantity of radiation absorbed versus the wavelength of the 
radiation, showing peaks (maxima) at wavelengths where the photons have an 
energy that matches an energy gap in the molecule. The electronic spectrum 
corresponding to the electronic transitions shown in Fig. 14.53 is represented* 
im. Fig,: 4.54. 

Electronic transitions from bonding to antibonding molecular orbitals are 
often encountered. In this case the potential energy curve for the ground state 
will be quite different from that for the excited state because less bonding elec- 
tron density is found in the excited state. An example is the transition from the 
ground state of NO* ion to the first excited state, as shown in Fig. 14.55. 

The majority of electronic transitions in molecules occurs in the UV region 
of the spectrum because the energy separations of electron states typically cor- 








“In the gas phase, various rotational levels in the ground vibrational state will be populated, and 
transitions to various rotational levels in the excited state will occur, giving rise to a fine structure 
in the spectrum. This fine structure is absent in solutions because collision of the solute with a 
solvent molecule occurs before a rotation is completed. Rotational fine structure will not be dis- 
cussed here. 
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Figure 14.54 The molecular orbital diagram for the ground state of NO* (on 


Spectrum corresponding to the changes indicated in Fig. 14.53. 
The transitions correspond to the vibrational changes v = 
Oy =0,v=0— p' =1, andv=0—>0' > 2. 
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The molecular structure of beta-caro- 
tene. The double bonds alternate with 
single bonds in this molecule, called a 
conjugated bonding system. 


the left) and the first excited state of NO* (on the right). This 
transition involves a bonding electron being transferred to an 
antibonding orbital. 


respond to the energies of photons in the UV region. However, some molecules 
have electronic energy separations that correspond to radiation in the visible 
region (Fig. 12.3). One such class of compounds includes the coordination com- 
pounds that contain transition metal ions (see Section 19.6). Another class of 
compounds that absorbs in the visible region of the spectrum involves mole- 
cules with long chains of carbon molecules that have alternating double bonds, 
such as carotene (Fig. 14.56). Substances with alternating double bonds are 
called conjugated molecules. As a first approximation, these molecules can be 
described in terms of a particle in a box (Section 12.6). Note from Section 12.6 
that the energy of the particle (in this case an electron in a conjugated pz system) 
is inversely proportional to the length of the box L. As the box gets longer, the 
energy separations decrease. This is exactly what happens with a conjugated 
molecule. As the conjugated system gets longer, the electron energies get closer 
together, and the light absorbed corresponds to longer wavelengths. 

White light consists of all of the colors of the rainbow (Fig. 12.3), so when 
particular colors are absorbed by a given molecule, the substance appears col- 
ored. The color that results is the one given by the “sum” of the colors that 
remain unabsorbed. For example, carotene absorbs visible light in the violet 
and blue regions (Fig. 14.57). It appears orange in color because the colors not 
absorbed “add up” to produce orange. In fact, carotene is the substance that 
give carrots their bright orange color. 

Often when a molecule absorbs a photon, the resulting excited state is 
much more chemically reactive than is the molecule in its ground state. The 
study of the chemistry of these electronically excited molecules is called photo- 
chemistry. A particularly important area of photochemistry concerns the study 
of the reactions that occur in the earth’s atmosphere. For example, photo- 
chemical smog depends to a large extent on the photodecomposition of nitro- 
gen dioxide to form very reactive oxygen atoms that combine with oxygen 
molecules in the air to form ozone, which then goes on to react with other pol- 
lutants. Ironically, the problems of ozone depletion in the upper atmosphere 
also result from a photochemical reaction—in this case the photodecomposi- 
tion of chlorofluorocarbons such as CF,Cl, to produce reactive chlorine at- 
oms, which catalyze ozone decomposition. We will discuss this situation in 
more detail in Chapter 15. 

Lasers, which are discussed in more detail in Chapter 16, have assumed a 
very important role in electronic spectroscopy in recent years for two reasons: 
They can deliver large quantities of energy at very precise wavelengths, and the 
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Figure 14.57 

The electronic absorption spectrum of 
beta-carotene. The molecule absorbs 
strongly in the blue-violet region. The 
colors that remain give carotene its 
characteristic orange color (the dye in 
carrots). 
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power can be delivered in very short bursts—on the order of only 10~'° second 
(one femtosecond) in duration. This allows the excitation of molecules with an 
ultrashort pulse of energy, after which the molecule can be observed as it de- 
cays back to the ground state by various pathways. These techniques are now 
being used to elucidate the mechanisms of chemical reactions, as we will dis- 
cuss in Chapter 15. 

Electronic spectroscopy also provides a sensitive and accurate method for 
determining the amount of absorbing species present in a sample (quantitative 
analysis). This technique is described in Appendix 3. 
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Figure 14.58 

The potential curve for a diatomic mol- 
ecule (blue) where R, represents the 
equilibrium bond distance and D, Is the 
bond dissociation energy. The para- 
bolic curve (red) represents the behav- 
ior of a true harmonic oscillator. 


| Vibrational Spectroscopy 


As we have seen, a molecule can be approximated as a collection of atoms held 
together by bonds. In describing the vibrations in a molecule, we can compare 
the bond between a given pair of atoms to a spring attached to two masses. As 
the atoms move apart in a vibrational motion, the bond—like a spring— 
provides a restoring force that pulls the atoms back toward each other. 

For example, for a diatomic molecule, the potential energy of the system 
as a function of the distance between the atoms can be represented as shown in 
Fig. 14.58. In this figure R, represents the equilibrium bond distance, which 
occurs at the minimum potential energy. The potential energy increases if the 
atoms are moved closer together than R, because of the repulsive forces gener- 
ated by the positively charged nuclei. The increase in the potential energy as 
the bond is stretched represents the energy needed to overcome the bonding 
force generated by the shared electrons. For small displacements from R,, the 
bond can be treated as a harmonic oscillator (red curve in Fig. 14.58) in which 
the force F is given by 


F.= —R(R. = R,) 


where k is the force constant and R is the actual bond length. When the 
stretched bond is released, if the system behaves like a classical harmonic os- 
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Figure 14.59 
Morse energy curve for a diatomic 
molecule. 
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cillator, the atoms will oscillate around R, with a frequency v given by the 
equation 


in which p is the reduced mass: 


_ (m,)(m,) 


mM, + My 
where 7, and 7 represent the masses of the atoms connected by the bond. In 
classical physics the oscillations could have any frequency. However, like all of 
the energies in a molecule, the vibrational energy levels are actually quantized. As 
a consequence, only certain, discrete frequencies are allowed. The energy levels 
that correspond to the allowed frequencies are given by the following equation: 


1 
= Le: 
joe buo{» 5) 


where vp = the characteristic frequency of the vibration* 


v = the vibrational quantum number, which can assume only the 
Valiiese jal 22.0 Owes 


This equation assumes harmonic behavior where the vibrational levels are 
equally spaced (separated by an energy equivalent to v9). However, bonds do 
not behave exactly like springs (for example, the restoring force is weaker for 
a bond than is predicted for a spring at greatly stretched bond lengths). The 
actual potential energy curve (called the Morse potential) for a bond is repre- 
sented by the blue curve in Fig. 14.58 and is shown in detail in Fig. 14.59. Note 
that the vibrational energy spacings on the Morse potential get smaller with 
increasing v, leading to “anharmonic” behavior. 

For purposes of determining the force constant for a particular bond, the 
energy required for the v = 0 to v = 1 transition is used (this is assumed to be 
vp). This procedure is illustrated in Example 14.9. Vibrational transitions in 
molecules typically require energies that correspond to the infrared region of 
the electromagnetic spectrum. The data are often represented in “wave num- 
bers”; a wave number is the reciprocal of the wavelength (in cm) required to 
cause the vibrational transition. 
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*Notice that the vibrational energy is not zero when v = 0. The energy huo/2 corresponding to 
v = (is the “zero-point energy” of the molecule. 
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Figure 14.60 
The three fundamental vibrations for 


sulfur dioxide. Note that the two struc- 


tures for each fundamental vibration 
show the extremes of the motions of 
the atoms. (The amplitudes are exag- 
gerated to illustrate the motion.) 





EXAMPLE 14.9 


The infrared spectrum of gaseous HCl (!H*°Cl) shows the v = 0 to vy = 1 tran- 
sition at 2885 cm~!. Calculate the vibrational force constant for the HCl 
molecule. 


Solution The fundamental vibrational frequency for HCl is 


Jt EU a (2.998 x 10!° cm s_')(2885 cm‘) 
2a \V pb A 


so clasih = 8.649 x 10357! 
27 V pw 


where 
pp = 1.627 X 10-*” kg for 1H* CI (See Example 14.10.) 
Thus 
k= 4774(.627 X 10°” ke) (3.649 x 10% oP 
= 4.80 X 10? kg s~* = 4.80 X 107 J m? 
= force constant for the H—ClI bond 


The determination of the force constant for a particular bond can give infor- 
mation about the bond strength. Strong springs have relatively large force con- 
stants, and the same holds true for strong bonds. 


The analysis given thus far applies to diatomic molecules. For simple poly- 
atomic molecules, several characteristic vibrational motions, called normal 
modes, are possible. As an example, the normal modes of vibration for the SO) 
molecule are shown in Fig. 14.60. 

A particular bonded pair of atoms has a characteristic vibrational fre- 
quency (wave number) that is relatively insensitive to its molecular environ- 
ment. Thus a signal that appears in the infrared (IR) spectrum at that charac- 
teristic frequency provides good evidence that this particular atom pair is 
present in the molecule. For example, a C—H pair in a molecule will always 
show a vibrational signal at about 3000 cm~! (the range of wave numbers is 
actually 2850-3300 cm~', depending on the specific molecular environment). 
On the other hand, the O—H group in a molecule will show a vibrational 
bond at about 3600 cm “!. Likewise, a carbonyl group 
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Figure 14.61 

The infrared spectrum of CH>Cl>. (The 
wave number scale changes on this 
spectrum at 2000 cm7'.) 


Table 14.1 


Characteristic Stretching Frequency 
Ranges for Several Common Types 
of Bonds 





Frequency Range 
Bond (cm~!) 





H 2850-3300 
=C 1640-1680 
=C 2100-2260 
O 1080-1300 
O 1690-1760 
ta 3610-3640 





14.10 Rotational Spectroscopy 699 





2000 1500 1000 500. 
Wave number (cm!) 


always shows a distinctively shaped vibrational band at about 1700 cm™!. A 
carbon-carbon double bond 


shows a vibration at about 1650 cm~!, and so on. The IR spectrum of a mol- 
ecule can be a great aid in identifying which atom groupings are present in a 
molecule and thus can provide valuable information for identifying a specific 
molecule. A typical IR spectrum is shown in Fig. 14.61. Note that for this spec- 
trum percent transmittance (%T) is plotted instead of absorbance. Absorbance 
(A) and %T are related as follows: 


% T 
A= -tos( 755) 


This causes the “peaks” in a vibrational spectrum to be pointed in the opposite 
direction as those for an electronic spectrum. 

Typical frequency ranges for the stretching motions of several common 
bonds are shown in Table 14.1. The exact frequency for a given bond in a 
molecule depends on its molecular environment. 








14.10 


Rotational Spectroscopy 


Because the spacings of the quantized rotational energy levels for a molecule de- 
pend on its molecular structure, the experimental determination of a molecule’s 
rotational energy levels provides information about its structure. That is, determi- 
nation of the specific energies of microwave radiation that a given molecule ab- 
sorbs yields direct information about the rotational energy spacings, which in turn 
gives information about the details of the molecule’s structure. For example, for a 
linear molecule, the energies of the rotational states are given by the formula 


jy? 
ha 8ir71 





Uap eh Bh Ge) 
where J = the rotational quantum number, which can assume 
only integer values and zero (J = 0, 1, 2, 3,...) 
h = Planck’s constant = 6.626 X 10°-*4J s 
I = the moment of inertia of the molecule 


B =h/(87 1) 
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Table 14.2 


Several Allowed Rotational Transitions 


for a Heteronuclear Diatomic Molecule 





Transition Frequency 
J=0->/]J=1 2B 
J=1>J=2 4B 
J=2>5J]=3 6B 
J=3>]=4 8B 
J=4>J]=5 10B 








For a heteronuclear diatomic molecule containing atoms with masses 
and m, the moment of inertia is given by the relationship 


[=pR? 


mm 
where p = reduced mass = 
™ qe My 


R, = average (equilibrium) bond length 


Let’s now consider how rotational spectroscopy can give information 
about the structure of a molecule. For example, if the energy of the photon 
necessary to promote a heteronuclear diatomic molecule from Ep (J = 0) to Ey 
(J = 1) is determined, the value of I for the molecule can be calculated, which 
in turn allows the calculation of R.. Thus the rotational spectrum of a diatomic 
molecule provides an accurate method for measuring its average bond length. 

Rotational energy levels are very close together. As a consequence, rota- 
tional energy transitions are initiated by relatively low-energy (long-wave- 
length) radiation. Typically, rotational changes are produced by radiation in 
the microwave region. To absorb radiation and thereby change its rotational 
energy, a molecule must have a permanent dipole moment. Also, heteronuclear 
diatomic molecules can change only one rotational level at a time—for exam- 
ple, from a level with J = 1 to a level with J = 2, from J = 2 to J = 3, and so 
on. That is, for these molecules, AJ = +1. 

Thus the allowed absorption frequencies can be derived (in terms of J, B, 
and I) as follows: Recall that for an energy-level change AE, 


AE = hv = E; — E; 


where E; and E; are the final and initial energies, respectively. Using the equa- 
tion above for E), we have 


Ey = bBJJ¢ + 1) 
and E; = bBJi(J, + 1) 
Therefore, 
AE = Ep > E; =hBU dj: + 1) — Jie +1) 


Since J; and J; can differ only by 1, we know that 


her dt 
Thus AE = hBii + 1)Ui + 2) — Fi + 1)] 
and AE = 2hB(J, + 1) 
We can convert to frequency v as follows: 
AE 
eat faim 2BU; + 1) 


Thus, for a given heteronuclear diatomic molecule, the frequencies for the vari- 
Ous rotational transitions are separated by 2B, as shown in Table 14.2. 

Example 14.10 illustrates the use of the rotational transition energy to 
calculate the bond length of a diatomic molecule. 


EXAMPLE 14.10 


The microwave spectrum of 'H*°Cl shows that the transition from J = 0 to 
J = 1 requires electromagnetic radiation with a wavelength of 4.85 X 1074 m. 
Calculate the bond length of the 'H*5Cl molecule. (The masses of 'H and 35C] 
are 1.0078 amu and 34.9689 amu, respectively.) 
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Solution We know that 








AE = 2bBU, + 1) = by =~ 
(G, 
a eee DU 1) 
» 
where dh =4.85 X 10-4 m 
c = 2.998 x 108 m/s 
f,=0 
8 -1 
Then © _ ap(1) = 2.998 x 10% ms 
r 4.85 X 1074 m 
and B = 3.09 X 1011 5-1 
Since . ee 
8ar-I 
b 6.626 X 10°*Js 
h I 7 — = . x —47 2 
ke io Bammie ae Osa MORN ce ee 
where = Wile 
Fore rich 


__mymnc__ (1.0078)(34.9689) _ 9 919. 
ome ee eIo dock De on 


Since one amu = 1.661 X 10°77 kg, 








k 
yw. = 0.9796 amu X 1.661 x 10727 —& = 1.627 x 10-27 kg 
amu 


POROS 7OO 108 gan 
je 6 27a x 10m! leo 


and R, = 1.26 X 107!° m = 126 pm 


then Ree 





This represents the measured bond length of the 'H*°Cl molecule. 


As might be expected, the rotational spectra of polyatomic molecules are 
more complex than those for diatomic molecules. For example, depending on 
their structures, polyatomic molecules can have as many as three different mo- 
ments of inertia. Although more complicated, the analysis of the structures of 
polyatomic molecules using rotational spectra follows the same principles as 
we have discussed for diatomic molecules. 





14.11 


Nuclear Magnetic Resonance Spectroscopy 


Nuclear magnetic resonance (NMR) spectroscopy has risen to the same level of 
importance as electronic, vibrational, and rotational spectroscopy as a tool for 
studying molecular properties, particularly structural properties. Certain nu- 
clei, such as the hydrogen nucleus (proton), have a nuclear “spin.” The “spin- 
ning” nucleus* generates a small magnetic field that we will call «7. When placed 





*The nucleus does not literally spin, although we often picture it that way. Nuclear “spin,” like 
electron “spin,” is simply a name for a property called spin angular momentum. 
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Figure 14.62 

Representations of the two spin states 
of the proton interacting with a large, 
steady magnetic field B. 
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Figure 14.63 


The molecular structure of bromo- 
ethane. The molecule has two distinct 
magnetic environments labeled a 

and b. 
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in a strong, external magnetic field (B), the nucleus can exist in two distinct 
states: a low-energy state in which p is aligned with the external magnetic field 
B and a high-energy state in which pw is opposed to the external magnetic field 
(Fig. 14.62). A transition from the more stable alignment (with the field) to the 
less stable alignment (against the field) occurs when the nucleus absorbs electro- 
magnetic energy that is exactly equal to the energy separation between the states 
(AE). This energy gap is very small and corresponds to the radiofrequency range 
of the electromagnetic spectrum. Because the net absorption energies are so 
small, a special technique is needed to detect the signal, a condition called reso- 
nance. We will not discuss the details of the instrumentation here. 

We will focus on three features of the NMR spectrum: the number and size 
of the signals, the chemical shift, and spin-spin coupling. 


Number and Size of Signals 


First, we will consider how the NMR spectrometer can distinguish between 
hydrogen nuclei in different molecular environments and produce multiple sig- 
nals. Magnetically equivalent protons (hydrogen nuclei in the same local envi- 
ronment) produce one signal. For example, in a molecule such as bromoethane 
(Fig. 14.63), there are two sets of magnetically equivalent hydrogens. The hy- 
drogens labeled a are the three magnetically equivalent methyl hydrogens, and 
the hydrogens labeled b are the two magnetically equivalent methylene hydro- 
gens. Magnetically equivalent protons sense the same local magnetic environ- 
ment. That is, they occupy equivalent positions in the molecule. 

Because of rapid rotations about sigma bonds and molecular symmetry, 
the three methyl hydrogens are all equivalent to each other. For the same rea- 
sons, the two methylene protons are also equivalent to each other. In sum- 
mary, the methyl hydrogens (a) all exist in the same magnetic environment but 
experience a different magnetic field than the methylene hydrogens (b) because 
of different local magnetic fields. As a result, the resonance energy AE corre- 
sponding to the frequency of absorption v will be different for these two groups 
of hydrogen nuclei, producing two distinct signals. Thus the NMR spectrom- 
eter can distinguish between groups of hydrogen nuclei that experience differ- 
ent local magnetic fields. 

The areas of the signals are directly proportional to the number of hydro- 
gens. In the case of bromoethane, the two peaks have an area ratio of 3:2 be- 
cause there are three methyl hydrogens (a) and two methylene hydrogens (b). 
We would expect a spectrum that looks like the idealized version shown in 
Fig. 14.64. We will look at an actual spectrum presently. 


Chemical Shift 


When a molecule is placed in an external magnetic field B, each hydrogen nu- 
cleus experiences a total field that is the sum of B and two other local magnetic 
fields: one produced by the electrons (H,) and the other produced by neighbor- 


Figure 14.64 
The expected NMR spectrum for 
bromoethane. 








(a) (b) 


Figure 14.65 

(a) The spin of proton Hy, can be “up” 
or “down.” (b) This leads to a “doublet” 
(two peaks with equal areas) as the 
signal for proton Hy. 
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Figure 14.66 


(a) The spins for protons Hy, can both 


be “up,” can be opposed (in two ways), 


or can both be “down.” (b) This leads 
to a “triplet” signal for proton H,, with 
areas 1:2:1 reflecting the ways of 
achieving the various states shown 

in (a). 
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Area ratios 2 3 


ing protons that possess a nuclear spin (H;). Thus the applied magnetic field 
(B) is constant, whereas the magnetic fields H, and Hj, depend on the molecular 
environment. The magnetic field produced by the neighboring electrons (H,) 
determines the position (relative frequency) of an NMR signal, called the 
chemical shift. The magnetic fields produced by neighboring nuclei (Hj) are 
smaller than H, and can cause splitting of the NMR signal, called spin-spin 
coupling. This effect will be discussed in the next subsection. 

The position of an NMR signal is typically recorded relative to the posi- 
tion of the signal of an internal standard. This standard is commonly tetra- 
methyl silane (TMS) [(CH3)4Si]. Assuming the difference in frequency between 
TMS and the hydrogen nucleus of interest is A, the spectrometer will record a 
signal at 


4 105 =8 

Up 
where uo is the spectrometer frequency. The symbol 6 (delta) represents the 
position of the signal, the chemical shift, expressed as parts per million (ppm) 
on a scale of 1-10 ppm. The signal for TMS occurs at 0.0 ppm, whereas the 
signals for most nuclei are “downfield” toward 10 ppm. 


Spin-Spin Coupling 

Next, we will consider how the magnetic field produced by neighboring pro- 
tons (H),) can cause the splitting of the NMR signal. First, we will consider the 
signal due to a hydrogen atom (H,) with only one neighboring hydrogen atom 
(H,) (Fig. 14.65). The neighboring hydrogen nucleus will have approximately 
equal probability of existing in either the “up” or “down” orientation. In other 
words, half the molecules exist with proton H, “up” and half will exist with 
the H, proton “down.” As a result, two different peaks are observed, because 
H,, for H, adds and subtracts from the local field “felt” by H,. This pattern is 
called a doublet, and we say that the neighboring hydrogen nucleus (Hy) splits 
the signal of H, into a doublet. The intensity of the two lines is equal because 
the probability of the neighboring hydrogen nucleus (H,) existing in either spin 
state is approximately equal. 

When there are two magnetically equivalent adjacent hydrogen nuclei, 
three possibilities exist for their combined magnetic fields (Fig. 14.66). Both can 
have spin “up,” one can have spin “up” and the other have spin “down,” (there 
are two ways to achieve this), or both can have spin “down” [Fig. 14.66(a)]. 
These three possibilities have a probability ratio of 1:2:1, which corresponds to 
three different signal frequencies. The appearance of the resulting NMR signal 
for H,. is a three-line pattern, called a triplet, with intensities 1:2:1 [Fig. 14.66(b)]. 

When there are three magnetically equivalent neighboring hydrogen nuclei 
(Fig. 14.67), the H,. signal splits into a quartet with intensity pattern 1:3:3:1 for 
similar reasons to those discussed for the other cases. 
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Figure 14.67 

The spins for protons Hy, can be 
arranged as shown in (a), leading to 
four different magnetic environments 
for proton H,. This arrangement leads 
to a “quartet” signal (b) for proton H,, 
with areas 1:3:3:1 reflecting the ways 
of achieving the various states shown 
in (a). 


Figure 14.68 
The NMR spectrum of CHzCH,Br 
(bromoethane) with TMS as reference. 


Zz — 
<< 


(a) (b) 


Next, we will examine the actual NMR spectrum for bromoethane 
(CH3CH2Br), shown in Fig. 14.68. This spectrum consists of a triplet [the CH; 
protons (a), split by the two adjacent CH) protons] and a quartet [the CH) 
protons (b) split by the adjacent CH; protons]. 

Spin-spin coupling is transmitted through the covalent bonds of the mol- 
ecule by causing polarization of the electron spins. That is, when the proton of 
a hydrogen bonded to a carbon has spin “up,” it causes a slight “unpairing” of 
the electrons in the bond between the hydrogen and the carbon. As a result, the 
“spin down” electron is favored in the neighborhood of the proton; the “spin 
up” electron spends more time near the carbon. This spin polarization, which 
continues through neighboring bonds, decreases as it gets farther from the 
original proton spin. Thus spin-spin coupling gets weaker (attenuates) with 
the number of bonds. In general, spin-spin coupling is observed for hydrogen 
nuclei that are separated by no more than three sigma bonds. For example, in 
the molecule 2-butanone (Fig. 14.69), hydrogens from groups a and b split one 











CH, — CH,Br a 


TMS 





(ppm) 
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NMR and Oenology 





Serious wine collectors can pay many thousands of 
dollars for a rare vintage wine. For example, a 1946 
Chateau Petrus might bring as much as $7000. 
Buying such a bottle of wine can be risky. It is not 
uncommon for a wine exposed to oxygen through a 
bad cork to be spoiled through decomposition of 
the alcohol to vinegar (acetic acid) or acetaldehyde. 
In the past, the only way to find out whether the 
wine was still good was to open the bottle and taste 
it. Now, however, there is a new technology 

based on NMR that should allow the detection of 
excess acetic acid without opening the bottle. 

Wine collector Gene Mulvihill has funded the 
construction of a special NMR spectrometer by 
chemistry professor Matthew Augstine of the Uni- 
versity of California at Davis. The special NMR 
spectrometer, which costs about $100,000, uses a 
superconducting magnet that operates near 0 K. 
The bottle of wine to be evaluated is placed in the 
magnetic field and the resulting NMR spectrum is 
analyzed for signals characteristic of the protons in 
the hydrogen atoms in acetic acid. 

Mulvihill has formed a company, Wine 
Scanner, Inc., to market the services of the wine- 
analyzing NMR machine to wine collectors and 
upscale restaurants with expensive wine invento- 
ries. In vino veritas. 





Joshua Lutz/Redux Pictures 





Gene Mulvihill and his wine-analyzing NMR spectrometer. 





Figure 14.69 
(a) The molecule (2-butanone) 


CHEOHLCOHs 
O 











has the NMR spectrum shown in (b). 
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Figure 14.70 Figure 14.71 

A technician speaks to a patient before he A colored magnetic resonance imaging 

is moved into the cavity of a magnetic reso- (MRI) scan through a human head, showing 
nance imaging (MRI) machine. a healthy brain in side view. 


another because they are separated by only three bonds. However, hydrogens 
from group c are not split by any other hydrogens because they are separated 
from the other hydrogens by more than three sigma bonds. Note also that the 
coupling is never observed between magnetically equivalent hydrogen atoms. 
That is, magnetically equivalent protons do not split each other. 

NMR spectroscopy has assumed a major role in our attempts to under- 
stand the structures and functions of molecules. For example, NMR has devel- 
oped to the stage where it is possible to determine the three-dimensional struc- 
tures of protein molecules containing thousands of atoms. One reason that this 
feat is possible is that other nuclei such as °C and 3!P have spin states that 
respond to an external magnetic field in much the same way as does 'H. There- 
fore, NMR spectra of these nuclei can also be obtained, thus providing more 
structural information. The use of NMR to study protein structure was deemed 
so important that a Nobel Prize was recently awarded for this work. 

Another very important application of NMR, called magnetic resonance 
imaging (MRI), is widely used as a medical diagnosis tool. In using this tech- 
nique, the patient is placed in a strong magnetic field (Fig. 14.70) and the re- 
sponses of protons in the water contained in the various types of tissues are 
measured and mapped into an image of the part of the body under study 
(Fig. 14.71). This sensitive and nondestructive method for providing images of 
various parts of the body has revolutionized medical diagnosis. The discover- 
ers of this technique, Paul Lauterbur of the University of Illinois and Peter 
Mansfield of the University of Nottingham, were awarded the Nobel Prize for 
medicine in 2003. 
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Two widely used bonding models 


Localized electron model 
Molecular orbital model 


Localized electron model 


Molecule is pictured as a group of atoms sharing electron pairs be- 

tween atomic orbitals 

Hybrid orbitals, which are combinations of the “native” atomic orbit- 

als, are often required to account for the molecular structure 

# Six electron pairs (octahedral arrangement) requires d*sp? orbitals 

» Five electron pairs (trigonal bipyramidal arrangement) requires dsp? 
orbitals 

w Four electron pairs (tetrahedral arrangement) require sp? orbitals 

a Three electron pairs (trigonal planar arrangement) require sp* orbitals 

a [wo electron pairs (linear arrangement) requires sp orbitals 


Two types of bonds 


Sigma: electrons are shared in the area centered on a line joining the 
atoms 

Pi: a shared electron pair occupies the space above and below the line 
joining the atoms 


Molecular orbital model 


A molecule is assumed to be a new entity consisting of positively 
charged nuclei and electrons 

The electrons in the molecule are contained in molecular orbitals, which 
in the simplest form of the model are constructed from the atomic orbitals 
of the constituent atoms 

The model correctly predicts relative bond strength, magnetism, and 
bond polarity 

It correctly portrays electrons as being delocalized in polyatomic 
molecules 

The main disadvantage of the model is that it is difficult to apply quali- 
tatively to polyatomic molecules 


Molecular orbitals are classified in two ways: energy and shape 


Energy 

a A bonding MO is lower in energy than the atomic orbitals from 
which it is constructed. Electrons in this type of MO are lower in 
energy in the molecule than in the separated atoms and thus favor 
molecule formation. 

a An antibonding MO is higher in energy than the atomic orbitals 
from which it is constructed. Electrons in this type of MO are higher 
in energy in the molecule than in the separated atoms and thus do 
not favor molecule formation. 

Shape (symmetry) 


= Sigma (7) MOs have their electron probability centered on a line 


passing through the nuclei 


= Pi (zr) MOs have their electron probability concentrated above and 


below the line connecting the nuclei 
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Bond order 


Bond order is an index of bond strength 


number of bonding electrons — number of antibonding electrons 








Spectroscopy 





Discussion Questions 


2 


Molecules that require the concept of resonance in the localized electron 
model can be more accurately described by combining the localized electron 
and molecular orbital models 

a The o bonds are localized 

a The z bonds are delocalized 


= Provides a method for obtaining information about the identity, struc- 
ture, and properties of substances. 

a Electronic spectroscopy: provides information about the spacings of 
the electronic energy levels. 

a Vibrational spectroscopy: typically in the infrared region (IR spectros- 
copy); gives evidence for a particular atom pair in a molecule. 

= Rotational spectroscopy: provides information about the structure of a 
given molecule. 

= Nuclear magnetic resonance (NMR) spectroscopy: allows for the un- 
derstanding of the structures and functions of molecules. 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


il. 


What are molecular orbitals? How do they compare with 
atomic orbitals? Can you tell by the shape of bonding or- 
bitals and antibonding orbitals which is lower in energy? 
Explain. 


. Explain the difference between the o and 7 MOs for ho- 


monuclear diatomic molecules. How are bonding orbitals 
and antibonding orbitals different? Why are there two 7 
MOs and one a MO? Why are the 7 MOs degenerate? 


Compare Figs. 14.38 and 14.40. Why are they different? 
Because By, is known to be paramagnetic, the 7, and a, 
MOs must be switched from our first prediction. What is 
the rationale for this? Why might one expect the a, to be 
lower in energy than the 7,? Why can’t we use diatomic 
oxygen to help us decide whether the a or 77, is lower in 
energy? 


Exercises 


. Which of the following would you expect to be more fa- 


vorable energetically? Explain. 

a. An H; molecule in which enough energy is added 
to excite one electron from a bonding to an antibond- 
ing MO 

b. Two separate H atoms 


. Draw the Lewis structure for HCN. Indicate the hybrid 


orbitals, and draw a picture showing all the bonds be- 
tween the atoms, labeling each bond as o or 7. 


. Which is the more correct statement: “The methane mole- 


cule (CHg) is a tetrahedral molecule because it is sp> hybrid- 
ized” or “The methane molecule (CH) is sp? hybridized 
because it is a tetrahedral molecule”? What, if anything, is 
the difference between these two statements? 


. Compare and contrast the MO model with the LE model. 


When is each useful? 


. What are the relationships among bond order, bond en- 


ergy, and bond length? Which of these quantities can be 
measured? 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


The LE Model and Hybrid Orbitals 


9. Why do we hybridize atomic orbitals to explain the bond- 


ing in covalent compounds? What type of bonds form 
from hybrid orbitals, o or 7? Explain. 


LQ; 


Li. 


L3t 
14. 


16. 


What hybridization is required for central atoms that 
have a tetrahedral arrangement of electron pairs? A trigo- 
nal planar arrangement of electron pairs? A linear ar- 
rangement of electron pairs? How many unhybridized p 
atomic orbitals are present when a central atom exhibits 
tetrahedral geometry? Trigonal planar geometry? Linear 
geometry? What are the unhybridized p atomic orbitals 
used for? 


Why are d orbitals sometimes used to form hybrid orbit- 
als? Which period of elements does not use d orbitals for 
hybridization? If necessary, which d orbitals (3d, 4d, Sd, 
or 6d) would sulfur use to form hybrid orbitals requiring 
d atomic orbitals? Answer the same question for arsenic 
and for iodine. 


2. The atoms in a single bond can rotate about the internu- 


clear axis without breaking the bond. The atoms in a 
double bond and a triple bond cannot rotate about the 
internuclear axis unless the bond is broken. Why? 


Use the LE model to describe the bonding in HO. 


Use the LE model to describe the bonding in HyCO and 
CH). Carbon is the central atom in H»CO, and C,H; ex- 
ists as HCCH. 


. The space-filling models of ethane and ethanol are shown 


below. 


Ethanol 
(C,H;OH) 


* Te 
8 H 
@o 


Use the LE model to describe the bonding in ethane and 
ethanol. 


Ethane 
(C3H,) 


The space-filling models of hydrogen cyanide and phos- 
gene are shown below. 


8H 
@o 
@n 
@a 


Use the LE model to describe the bonding in hydrogen 
cyanide and phosgene. 


ve 


Hydrogen cyanide 
(HCN) 


2 


Phosgene 
(COCL) 


7. Give the expected hybridization of the central atom for 


the molecules or ions in Exercises 57, 58, and 60 from 
Chapter 13. 


. Give the expected hybridization of the central atom for 


the molecules in Exercises 91 and 92 from Chapter 13. 


. Urea, a compound formed in the liver, is one of the ways 


humans excrete nitrogen. The Lewis structure for urea is 
ae 
H—-N— CN 


Using hybrid orbitals for carbon, nitrogen, and oxygen, 
determine which orbitals overlap to form the various 
bonds in urea. 


Exercises 709 


20. Give the expected hybridization for the molecular struc- 


DD 


tures illustrated below. 


99 wo 
"@ ieg@ 
») ve 

» @ 
o? 4 
6? @ 


. For each of the following molecules, write a Lewis struc- 


ture, predict the molecular structure (including bond an- 
gles), give the expected hybrid orbitals on the central 
atom, and predict the overall polarity. 


aa CE, g. AsF; 
b. NF; h. KrF, 
c. OF, 1. KrF, 
d. BF; j. SeFs 
c. BeH, Ike. IF; 
its TeF, ie IF; 


Predict the hybrid orbitals used by the sulfur atom(s) in 
each of the following. Also predict the molecular struc- 
ture, including bond angle(s). 





a. SO, 
b. SO; 
Oa 
| 
Cc. S308 Sains 
ie ©) 
ome 
d. S,0,27 Do Om Onsen? 
re) O 
e, SO;?- he SF4 
£ SO4e> 1, Sis 


23. Why must all six atoms in C,H, be in the same plane? 


24. The allene molecule has the following Lewis structure: 


Must all four hydrogen atoms lie in the same plane? If 
not, what is the spatial relationship among them? Why? 
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Biacetyl and acetoin are added to margarine to make it 
taste more like butter. 


1 1 





CiRk=—C=C = CIF CH; Ve C=—Clab 
OH 
Biacetyl Acetoin 


Complete the Lewis structures, predict values for all 
C—C—O bond angles, and give the hybridization of all 
the carbon atoms in these two compounds. Must the four 
carbons and two oxygens in biacety] lie in the same plane? 
How many o bonds and how many z bonds are there in 
biacetyl and acetoin? 

Many important compounds in the chemical industry are 
derivatives of ethylene (C,H4). Two of them are acryloni- 
trile and methyl methacrylate. 


H H H CH 

sy EY ie or 

a(c=C, c=C Jd 

mw Ge ast een eedeie 
NG Ya brat : 


Acrylonitrile Methyl methacrylate 


Complete the Lewis structures for these molecules, show- 
ing all lone pairs. Give approximate values for bond an- 
gles a through f, and give the hybridization of all carbon 
atoms. In acrylonitrile and methyl methacrylate indicate 
which atoms in each molecule must lie in the same plane. 
How many o bonds and how many z bonds are there in 
acrylonitrile and methyl methacrylate? 


One of the first drugs to be approved for use in treatment 
of acquired immune deficiency syndrome (AIDS) was azi- 
dothymidine (AZT). Complete the Lewis structure of AZT. 


1 
TS Po CH 
ae 
H ee oe 
| O N Tel 
H—O—C O | 
see tant: el 


. How many carbon atoms use sp* hybridization? 

. How many carbon atoms use sp* hybridization? 

Which atom is sp hybridized? 

How many o bonds are in the molecule? 

How many z bonds are in the molecule? 

. What is the N—N—N bond angle in the azide (—N;) 
group? 

g. What is the H—O—C bond angle in the side group 

attached to the five-membered ring? 


mo aose 


DY 


ane ie 


h. What is the hybridization of the oxygen atom in the 
—CH,OH group? 

Hot and spicy foods contain molecules that stimulate 

pain-detecting nerve endings. Two such molecules are 

piperine and capsaicin: 


HH 
a al H 


im Le 
CH—CH—GH—GH- CIN 
@ a | aay le 








1. OF b RES H 


H HH 
H 


Piperine 


Capsaicin 


Piperine is the active compound in white and black pep- 

per, and capsaicin is the active compound in chili peppers. 

The ring structures in piperine and capsaicin are short- 

hand notation. Each point where lines meet represents a 

carbon atom. 

a. Complete the Lewis structures for piperine and capsa- 
icin, showing all lone pairs of electrons. 

b. How many carbon atoms are sp, sp, and sp? hybrid- 
ized in each molecule? 

c. Which hybrid orbitals are used by the nitrogen atoms 
in each molecule? 

d. Give approximate values for the bond angles marked 
a through / in the above structures. 


. Two molecules used in the polymer industry are azodicar- 


bonamide and methyl cyanoacrylate. Their structures are 


f 
a 
HeN 
uy N O ( RA 
UNG ‘A 
Oo & "NC )d HCC) ge 
‘ : re 
NH) C7-O—CH3 
Ih 
O 
Azodicarbonamide Methyl! cyanoacrylate 


Azodicarbonamide is used in forming polystyrene. When 

added to the molten plastic, it decomposes to nitrogen, car- 

bon monoxide, and ammonia gases, which are captured as 

bubbles in the molten polymer. Methyl cyanoacrylate is the 

main ingredient in super glue. As the glue sets, methyl cya- 

noacrylate polymerizes across the carbon-carbon double 

bond. (See Chapter 21.) 

a. Complete the Lewis structures showing all lone pairs 
of electrons. 

b. Which hybrid orbitals are used by the carbon atoms 
in each molecule and the nitrogen atoms in 
azodicarbonamide? 


c. How many 7 bonds are present in each molecule? 
d. Give approximate values for the bond angles marked 
a through h in the above structures. 


30. The antibiotic thiarubin-A was discovered by studying the 


feeding habits of wild chimpanzees in Tanzania. The 
structure for thiarubin-A is 





H H 
\ / 
C—C 
UA \ 
HyC—C=C—C -C=C—C=C—CH=CH, 


S—S$ 


a. Complete the Lewis structures showing all lone pairs 
of electrons. 

b. Indicate the hybrid orbitals used by the carbon and 
sulfur atoms in thiarubin-A. 

c. How many o and z bonds are present in this 





molecule? 

31. The three most stable oxides of carbon are carbon mon- 
oxide (CO), carbon dioxide (CO;), and carbon suboxide 
(C3O 2). The space-filling models for these three com- 
pounds are 
For each oxide, draw the Lewis structure, predict the mo- 
lecular structure, and describe the bonding (in terms of 
the hybrid orbitals for the carbon atoms). 

The MO Model! 


32. Consider the following molecular orbitals formed from 


the combination of two hydrogen 1s orbitals: 


Goo <p 


a. Which is the bonding molecular orbital, and which is 
the antibonding molecular orbital? Explain how you 
can tell by looking at their shapes. 

b. Which of the two molecular orbitals is lower in 
energy? Why is this true? 


33. Sketch the molecular orbital and label its type (o or 7; 


bonding or antibonding) that would be formed when the 
following atomic orbitals overlap. Explain your labels. 


. OD COQ 


33 


-@B @Q— 


34. 


36. 


38. 


40. 


41. 


Exercises 711 





What are the relationships among bond order, bond en- 
ergy, and bond length? Which of these can be measured? 
Distinguish between the terms paramagnetic and diamag- 
netic. What type of experiment can be done to determine 
if a material is paramagnetic? 


. What modification to the molecular orbital model was made 


from the experimental evidence that B, is paramagnetic? 


A Lewis structure obeying the octet rule can be drawn for 
O, as follows: 


,O=0, 
Use the molecular orbital energy-level diagram for O, to 


show that the above Lewis structure corresponds to an 
exicted state. 


37. How does molecular orbital theory explain the following 


observations? 

a. Hh) is stable, whereas He; is unstable. 

b. Bz and O, are paramagnetic, whereas C;, N2, and F; 
are diamagnetic. 

c. Nb) has a very large bond energy associated with it. 

d. NO?* is more stable than NO~. 


Why does the molecular orbital model do a better job in 
explaining the bonding in NO~ and NO than the hybrid 
orbital model? 


. Show how a hydrogen 1s atomic orbital and a fluorine 2p 


atomic orbital overlap to form bonding and antibonding 
MOs in the hydrogen fluoride molecule. Are they o@ or 
a MOs? 


Which of the following are predicted by the molecular or- 
bital model to be stable diatomic species? 

Wal shal s bale ee 2 ea 

b. N22, Oy; | aa 

Cc. Beo, Bo, Ne 

Which charge(s) for the Ny molecule would give a bond 
order of 2.5? 


. In which of the following diatomic molecules would the 


bond strength be expected to weaken as an electron is 
removed? 


ap, Jabs b. By Gc Gre d. OF 


. In terms of the molecular orbital model, which species in 


each of the following two pairs will most likely be the one 
to gain an electron? Explain. 


CN or NO Oe" Or INbS* 
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44. Using the molecular orbital model to describe the bonding 
in CO, CO*, and CO**, predict the bond orders and the 
relative bond lengths for these three species. How many 
unpaired electrons are present in each species? 


45. As compared with CO and Os, CS and S) are very unsta- 
ble molecules. Give an explanation based on the relative 
abilities of the sulfur and oxygen atoms to form 7 bonds. 


46. Consider the following electron configuration: 
(073s)"(035* )?(@3p)7( 3p) *(773p* )* 
Give four species that, in theory, would have this electron 
configuration. 


47. What type of molecular orbital would result from the 
combination of two d,, atomic orbitals shown below? As- 
sume the x axis is the internuclear axis. 





48. Using an MO energy-level diagram, would you expect O 
to have a lower or higher first ionization energy than 
atomic oxygen? Why? 


49. Use Figs. 14.45 and 14.46 to answer the following 
questions. 

a. Would the bonding MO in HF place greater electron 
density near the H or the F atom? Why? 

b. Would the bonding MO have greater fluorine 2p 
character, greater hydrogen 1s character, or an equal 
contribution from both? Why? 

c. Answer parts a and b for the antibonding MO in HF. 


50. The diatomic molecule OH exists in the gas phase. OH 
plays an important part in combustion reactions and is a 
reactive oxidizing agent in polluted air. The bond length 
and bond energy have been measured to be 97.06 pm and 
424.7 kJ/mol, respectively. Assume that the OH molecule 
is analogous to the HF molecule discussed in the chapter 
and that the MOs result from the overlap of a p, orbital 
from oxygen and the 1s orbital of hydrogen (the O—H 
bond lies along the z axis). 

a. Draw pictures of the sigma bonding and antibonding 
molecular orbitals in OH. 

b. Which of the two MOs has the greater hydrogen 1s 
character? 

c. Can the 2p, orbital of oxygen form MOs with the 1s 
orbital of hydrogen? Explain. 

d. Knowing that only the 2p orbitals of oxygen interact 
significantly with the 1s orbital of hydrogen, complete 
the MO energy-level diagram for OH. Place the 
correct number of electrons in the energy levels. 

e. Estimate the bond order for OH. 

f. Predict whether the bond order of OH? is greater 
than, less than, or the same as that of OH. Explain. 


Sul 


Sz. 


53: 


54. 


Energy —————> 
— 
= | 


<— Increasing stability 


AO of Molecular AO’s of 
hydrogen orbitals oxygen 


What is delocalized 7 bonding, and what does it explain? 
Explain the delocalized 7 bonding system in C,Hg (ben- 
zene) and SOp. 

Describe the bonding in the O3 molecule and the NO, 
ion using the LE model. How would the molecular orbital 
model describe the 7 bonding in these two species? 


Describe the bonding in the CO;*~ ion using the LE 
model. How would the molecular orbital model describe 
the 7 bonding in this species? 


The space-filling model! for benzoic acid is shown below. 





Benzoic acid 
(C,H;CO,H) 


Describe the bonding in benzoic acid using the LE model 
combined with the molecular orbital model. 


Spectroscopy 


Do 


56. 


58. 


The infrared spectrum of 'H”Br shows the v = 0 tov = 1 
transition at 2650. cm~!. Determine the vibrational force 
constant for the HBr molecule. The atomic mass of !H is 
1.0078 amu, and the atomic mass of Br is 78.918 amu. 


If the force constant of '4N!°O is 1550. N m~!, determine 
the wave number of a line in the infrared spectrum of NO. 
The atomic mass of !*N is 14.003 amu, and the atomic 
mass of !°O is 15.995 amu. 


. The microwave spectrum of '*C!*O shows that the transi- 


tion from J = 0 to J = 1 requires electromagnetic radia- 

tion with a wavelength of 2.60 X 1073 m. 

a. Calculate the bond length of CO. See Exercise 56 for 
the atomic mass of !°O, 

b. Calculate the frequency of radiation absorbed in a 
rotational transition from the second to the third 
excited state of CO. 


Draw the idealized NMR spectra for the following 
compounds. 
asl ae ATE 

O 


| 
H CH,—O—C—CH, 





H H 


Assume that the five hydrogen atoms in the benzene 
ring are equivalent with no spin-spin coupling. 


@ CH,CH, 
H H 
CH,;CH, CH,CH, 
H 


59. Consider the following idealized NMR multiplets. 


| a] iii. iv. 


Which is the correct multiplet for the underlined group in 
the following molecules? 


a. CH,—CH,—O—CH,—CH, 
O 














| 
ecrL-_O-_C__ Gua, 
O 
| 





c. (CH;);C —O—C—CH,—CH,—CH, 
F F O 


hit, al | 
GtEC cr cH, C—O CH. — CH, 





Additional Exercises 


Additional Exercises 713 


60. The NMR spectra below are for the organic compounds 
CoH 2 and C4yH,9O. Deduce the structures for these com- 
pounds. See Exercise 70 for a discussion of the bonding in 
organic compounds. The structure of C,H) has one dou- 
ble bond, with the rest being single bonds, and the struc- 
ture of CyH oO has only single bonds. Note that the TMS 
reference has been omitted in each spectrum. 























CoH}. 





C,H,,0 





61. Draw the Lewis structures, predict the molecular struc- 
tures, and describe the bonding (in terms of the hybrid 
orbitals for the central atom) for the following. 

a. XeQ3 c. XeOF, e. XeO3F, 
b. XeO, d. XeOF; 

62. FCIO; and F;ClO can both gain a fluoride ion to form sta- 
ble anions. F;ClO and F3ClO; can also lose a fluoride ion 
to form stable cations. Draw Lewis structures and describe 
the hybrid orbitals used by chlorine in these four ions. 


63. Two structures can be drawn for cyanuric acid: 


al 
O° S 5. ¢ H ee ” 
SoG N Op Nace UN OF 
e ee d 0-67 As 
i EN, SN 
yee. : =O . 
GS ee | 


JON >O—H 


a. Are these two structures the same molecule? Why or 
why not? 

b. Give the hybridization of the carbon and nitrogen 
atoms in each structure. 

c. Use bond energies (Table 13.6) to predict which form 
is more stable; that is, which contains the strongest 


bonds? 

64. Using bond energies from Table 13.6, estimate the barrier 
to rotation around a carbon-carbon double bond. To do 
this, consider what must happen to go from 

Cl H Cl Cl 
“6 =C we =C 
Fw td Aha 


in terms of making and breaking chemical bonds; that is, 
what happens to the a bond? 
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65. Show how a d,, atomic orbital and a p, atomic orbital 
combine to form a bonding molecular orbital. Assume the 
x axis is the internuclear axis. Is a o or a 7 molecular or- 
bital formed? Explain. 


66. Describe the bonding in the first excited state of N> (the 
one closest in energy to the ground state) using the MO 
model. What differences do you expect in the properties 
of the molecule in the ground state and in the first excited 
state? (An excited state of a molecule corresponds to an 
electron arrangement other than that giving the lowest 
possible energy.) 


67. Consider three molecules: A, B, and C. Molecule A has a 
hybridization of sp*. Molecule B has two more effective 
pairs (electron pairs around the central atom) than mole- 
cule A. Molecule C consists of two o bonds and two 7 
bonds. Give the molecular structure, hybridization, bond 
angles, and an example for each molecule. 


68. Complete the following resonance structures for POCI;: 


O 
aoe a apa 
di di 
(A) (B) 


a. Would you predict the same molecular structure from 
each resonance structure? 

b. What is the hybridization of P in each structure? 

c. What orbitals can the P atom use to form the 7 bond 
in structure B? 

d. Which resonance structure would be favored on the 
basis of formal charges? 


69. Complete the Lewis structures of the following molecules. 
Predict the molecular structure, polarity, bond angles, and 
hybrid orbitals used by the atoms marked by asterisks for 
each molecule. 


i 
a. BH; B* 
oN 
H 4H 
ba NOE) E—N*—N*—F 
H H 
én CH Els Gis oon 
H H 
d. ICI, Serb brs: 
Cl 


70. Vitamin Bg is an organic compound whose deficiency in 
the human body can cause apathy, irritability, and an in- 
creased susceptibility to infections. Below is an incom- 
plete Lewis structure, for vitamin Bz. Complete the Lewis 
structure and answer the following questions. |Hint: Vita- 
min Bg can be classified as an organic compound (a com- 
pound based on carbon atoms). The majority of Lewis 
structures for simple organic compounds have all atoms 
with a formal charge of zero. Therefore, add lone pairs 


and multiple bonds to the structure below to give each 
atom a formal charge of zero.] 


a. How many o bonds and 7 bonds exist in vitamin Bg? 

b. Give approximate values for the bond angles marked 
a through g in the structure. 

c. How many carbon atoms are sp” hybridized? 

d. How many carbon, oxygen, and nitrogen atoms are 
sp? hybridized? 

e. Does vitamin Bg exhibit delocalized 7 bonding? 
Explain. 


71. Consider the following computer-generated model of 
caffeine: 





Complete a Lewis structure for caffeine in which all atoms 
have a formal charge of zero (as is typical with most or- 
ganic compounds). How many C and N atoms are sp* 
hybridized? How many C and N atoms are sp? hybrid- 
ized? sp hybridized? How many a and z bonds are there? 


72. Aspartame is an artificial sweetener marketed under the 
name Nutra-Sweet. A partial Lewis structure for aspar- 
tame is shown below: 





O 
O Lae 
H,N—CH : NH cucu,—()) 
heidngs: 25 
O 


Note that the six-sided ring is shorthand notation for a ben- 
zene ring (—C,¢Hs). Benzene is discussed in Section 14.5. 
Complete the Lewis structure for aspartame. How many 
C and N atoms exhibit sp? hybridization? How many C 
and O atoms exhibit sp> hybridization? How many o and 
a bonds are in aspartame? Aspartame is an organic com- 
pound, and the Lewis structure follows the guidelines out- 
lined in Exercise 70. 


73. The NO molecule is linear and polar. 
a. On the basis of this experimental evidence, which 
arrangement is correct, NNO or NON? Explain your 
answer. 


b. On the basis of your answer in part a, write the Lewis 
structure of N>O (including resonance forms). Give 
the formal charge on each atom and the hybridization 
of the central atom. “ 

c. How would the multiple bonding in : N=N—O: be 
described in terms of orbitals? si 


Challenge Problems 


74. 


Challenge Problems 715 


Values of measured bond energies may vary greatly de- 
pending on the molecule studied. Consider the following 
reactions: 


NCI3(g) —> NCl,(g) + Cl(g) 
ONCI(g) —> NO(g) + Clig) 


AH = 375 kJ/mol 
AH = 158 kJ/mol 


Rationalize the difference in the values of AH for these 
reactions, even though each reaction appears to involve 
the breaking of only one N—CI bond. (Hint: Consider the 
bond order of the NO bond in ONCI and in NO.) 





id 


76. 


7 


78. 


ay 


Given that the ionization energy of F,~ is 290. kJ/mol, do 

the following. 

a. Calculate the bond energy of F)~. You will need to 
look up the bond energy of F, and ionization energy 
of F-. 

b. Explain the difference in bond energy between F,~ 
and F, using MO theory. 


Bond energy has been defined in the text as the amount of 
energy required to break a chemical bond, so we have 
come to think of the addition of energy as breaking bonds. 
However, in some cases the addition of energy can cause 
the formation of bonds. For example, in a sample of he- 
lium gas subjected to a high-energy source, some He) mol- 
ecules exist momentarily and then dissociate. Use MO 
theory (and diagrams) to explain why He? molecules can 
come to exist and why they dissociate. 


’. a. A flask containing gaseous N,j is irradiated with 


25-nm light. Using the following information, indicate 
what species can form in this flask during irradiation. 


AH = 941 kJ/mol 
AH = 1501 kJ/mol 
AH = 1402 kJ/mol 


N2(g) —> 2N(g) 
N2(g) ——> No2*(g) + &- 
Nig) —> N*(g) +e 


b. What range of wavelengths will produce atomic nitro- 
gen in the flask but will not produce any ions? 
c. Explain why the first ionization energy of Nz 
(1501 kJ/mol) is greater than the first ionization 
energy of atomic nitrogen (1402 kJ/mol). 
Use the MO model to determine which of the following 
has the smallest ionization energy: No, O2, N22, No, 
O,*. Explain your answer. 


_ Cholestero} (C7H4.O) has the following structure: 


Hic CEL 





CH; 


HO 


80. 


81. 


82. 


83. 


84. 


In such shorthand structures, each point where lines meet 
represents a carbon atom, and most H atoms are not 
shown. Draw the complete structure, showing all carbon 
and hydrogen atoms. (There will be four bonds to each 
carbon atom.) Indicate which carbon atoms use sp? or sp* 
hybrid orbitals. Are all carbon atoms in the same plane, as 
implied by the structure? 


Arrange the following from lowest to highest ionization 
energy: O, O2, O27, O2*. Explain your answer. 


Carbon monoxide (CO) forms bonds to a variety of met- 
als and metal ions. Its ability to bond to iron in hemoglo- 
bin is the reason that CO is so toxic. The bond carbon 
monoxide forms to metals is through the carbon atom: 


M—C=O 


a. On the basis of electronegativities, would you expect 
the carbon atom or the oxygen atom to form bonds to 
metals? 

b. Assign formal charges to the atoms in CO. Which 
atom would you expect to bond to a metal on this 
basis? 

c. In the MO model, bonding MOs place more electron 
density near the more electronegative atom. (See the 
HF molecule, Figs. 14.45 and 14.46.) Antibonding 
MOs place more electron density near the less electro- 
negative atom in the diatomic molecule. Use the MO 
model to predict which atom of carbon monoxide 
should form bonds to metals. 


Use the MO model to explain the bonding in BeH). When 
constructing the MO energy-level diagram, assume that 
the Be 1s electrons are not involved in bond formation. 


In Exercise 65 in Chapter 13, the Lewis structures for ben- 
zene (C,H,) were drawn. Using one of the Lewis struc- 
tures, estimate AH®; for C~H,(g) using bond energies and 
given the standard enthalpy of formation of C(g) is 
717 kJ/mol. The experimental AH*; value for CsHg(g) is 
83 kJ/mol. Explain the discrepancy between the experi- 
mental value and the calculated AH®; value for CoH¢(g). 


For each chemical formula below, an NMR spectrum is 
described, including relative overall areas (intensities) for 
the various signals given in parentheses. Draw the struc- 
ture of a compound having the specific formula that 
would give the described NMR spectrum. (Hint: All of 
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these formulas represent organic compounds. Lewis struc- 85. Structural isomers are compounds that have the same 
tures for organic compounds typically have all atoms in chemical formula but the atoms are bonded together dif- 
the compound with a formal charge of zero. This is the ferently giving different compounds. Consider the two 
case in this problem.) structural isomers having the formula C,HsO. Draw the 
a. C,H3Cl;; NMR has one singlet signal. two isomers, and describe what should be seen in the 
b. C3H¢Ch; NMR has a triplet (4) and a quintet (2) NMR spectrum for each isomer (types of signals and rela- 

signal. tive overall intensities). (Hint: Both of the isomers are or- 
c. C3HgOQ2; NMR has a singlet (1), a quartet (2), and a ganic compounds. Lewis structures for organic com- 

triplet (3) signal. pounds typically have all atoms in the compound with a 
d. CsH,gO; NMR has a heptet (1), a singlet (3), and a formal charge of zero. This is the case in this problem.) 


doublet (6) signal. 
e. C;H,0O; NMR has a triplet (3), a quintet (2), and a 
triplet (1) signal. 


Marathon Problem 





86. The sp? hybrid atomic orbitals have the following general where ®,, ®,,, and ®,, represent orthonormal (normal- 
form: ized and orthogonalized) atomic orbitals. Calculate the 


®, = V1/38, + 2A®,, Vea a 
®) = V1/3®, — A®,, + BP, 
®, = V1/3®, 4 A® px - BO, 





Chemical Kinetics 





[5.1 Reaction Rates 
Rate Laws: An Introduction 


Determining the Form of the 
Rate Law 


The Integrated Rate Law 


: Rate Laws: A Summary 








Reaction Mechanisms 


The Steady-State 
Approximation 


A Model for Chemical Kinetics 


Catalysis 
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OWL 


Sign in to OWL at www.cengage.com/owl 
to view tutorials and simulations, develop 
problem-solving skills, and complete online 
homework assigned by your professor. 


Fe) chemistry 

Download mini lecture videos for 
key concept review and exam prep 
from OWL or purchase them 

from www.cengagebrain.com. 


he applications of chemistry focus primarily on chemical reactions, 

and the commercial use of a reaction requires knowledge of several of 

its characteristics. A reaction is defined by its reactants and products, 

whose identities must be learned by experiment. Once the reactants 
and products are known, the equation for the reaction can be written and bal- 
anced, and stoichiometric calculations can be carried out. Another very impor- 
tant characteristic of a reaction is its spontaneity. Spontaneity refers to the in- 
herent tendency for the process to occur; however, it implies nothing about 
speed. Spontaneous does not mean fast. There are many spontaneous reactions 
that are so slow that no apparent reaction occurs over a period of weeks or 
years at normal temperatures. For example, there is a strong inherent tendency 
for gaseous hydrogen and oxygen to combine to form water, 


2H)2(g) + O2r(g) —> 2H2O0(/) 


but in fact the two gases can coexist indefinitely at 25°C. Similarly, the gaseous 
reactions 


H(g) + Ch(g) —> 2HCl(g) 
N2(g) + 3H2(g) —> 2NH,(g) 


are both highly likely to occur from a thermodynamic standpoint, but we ob- 
serve no product formation under normal conditions. In addition, the process 
of changing diamond to graphite is spontaneous but is so slow that it is not 
detectable. 

To be useful, reactions must occur at a reasonable rate. To produce the 
20 million tons of ammonia needed each year for fertilizer, we cannot simply 
mix nitrogen and hydrogen gases at 25°C and wait for them to react. It is not 
enough to understand the stoichiometry and thermodynamics of a reaction; we 
must also understand the factors that govern the rate of the reaction. The area 
of chemistry that concerns reaction rates is called chemical kinetics. 

One of the main goals of chemical kinetics is to understand the steps by 
which a reaction takes place. This series of steps is called the reaction mecha- 
nism. Understanding the mechanism allows us to find ways to facilitate the 
reaction. For example, the Haber process for the production of ammonia re- 
quires high temperatures to achieve commercially feasible reaction rates. How- 
ever, even higher temperatures (and more cost) would be required without the 
use of iron oxide, which speeds up the reaction. 

In this chapter we will consider the fundamental ideas of chemical kinetics. 
We will explore rate laws, reaction mechanisms, and simple models for chemi- 
cal reactions. 





15.1 | 


The kinetics of air pollution is discussed 
in Section 15.9. 


Reaction Rates 


To introduce the concept of reaction rate, we will consider the decomposition 
of nitrogen dioxide, a gas that causes air pollution. Nitrogen dioxide decom- 
poses to nitric oxide and oxygen as follows: 


2NO2(g) —> 2NO(g) + O2(g) 


Suppose in a particular experiment we start with a flask of nitrogen dioxide at 
room temperature, where it is stable indefinitely, and quickly heat it to 300°C, 
where it decomposes according to the preceding equation. We then measure 
the concentrations of nitrogen dioxide, nitric oxide, and oxygen over time as 
the nitrogen dioxide decomposes. The results of this experiment are summa- 
rized in Table 15.1, and the data are plotted in Fig. 15.1. 
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Table 15.1 


Concentrations of Reactant and Products as a Function 
of Time for the Reaction 2NO2(g) — 2NO(g) + O2(g) 














(at 300°C) 
Concentration (mol/L) 
Time (+1 s) NO, NO O, 
0 0.0100 0 0 

50 0.0079 0.0021 0.0011 
100 0.0065 0.0035 0.0018 
150 0.0055 0.0045 0.0023 
200 0.0048 0.0052 0.0026 
250 0.0043 0.0057 0.0029 
300 0.0038 0.0062 0.0031 
350 0.0034 0.0066 0.0033 
400 0.0031 0.0069 0.0035 

Figure 15.1 0.0100 


Starting with pure nitrogen dioxide at 
300°C, the concentrations of nitrogen 
dioxide, nitric oxide, and oxygen are 
plotted versus time. 


0.0075 
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This definition of reaction rate assumes 
that the volume remains constant. A 
more general definition of reaction rate 
is the change in the number of moles 
per unit of volume per unit of time. 


Table 15.2 


Average Rate (in mo! L~' s~') 
of Decomposition of Nitrogen 
Dioxide as a Function of Time 


~SN0 1) Time Period (s) 
A, AO 0 — SO 
2.8: < 10> 2) Oe 0.0) 
DO om OO anlie() 
i! SO OR ome (01) 
10-10 200° > 250 


Note: The rate decreases with time. 


Note from these results that the concentration of the reactant (NO2) de- 
creases with time and that the concentrations of the products (NO and O) 
increase with time. Chemical kinetics deals with the speed at which these 
changes occur. The speed, or rate, of a process is defined as the change in a 
given quantity over a specific period of time. For chemical reactions the quan- 
tity that changes is the amount or concentration of a reactant or product. So 
the reaction rate of a chemical reaction is defined as the change in concentra- 
tion of a reactant or product per unit time: 


concentration of A at time t, — concentration of A at time f, 
t—- t 





Rate = 


_ A[A] 
7 
where A represents a specific reactant or product and the square brackets indi- 
cate concentration in mol/L. As usual, the symbol A indicates a change in a 
given quantity. 
Now let’s calculate the average rate at which the concentration of NO» 


changes over the first 50 seconds of the reaction, using the data given in 
TaDlesseis 





A\N 
Rate = BING! yeu 
_ [NO,]}=50 — [NOzh=0 
Vises Ons 
0.0079 mol/L — 0.0100 mol/L 





ORS 
—4 x 10° mol L *s“ 


Note that since the concentration of NO» decreases with time, A[NOs>] is a 
negative quantity. Because it is customary to work with positive reaction rates, 
we define the rate of this particular reaction as 
A[NO,] 
Rate: === 
At 

Since the concentrations of reactants always decrease with time, any rate ex- 
pression involving a reactant will include a negative sign. The average rate of 
this reaction from 0 to 50 seconds is then 

A[NO,] 


Rate = ———_* 
ate i 


(=4.2 107 mol Lass) 
4210 molin 


II 


The average rates for this reaction during several other time intervals are 
given in Table 15.2. Note that the rate is not constant but decreases with time. 
The rates given in Table 15.2 are average rates over 50-second time intervals. 
The value of the rate at a particular time (the instantaneous rate) can be ob- 
tained by computing the slope of a line tangent to the curve at that point. Fig- 
ure 15.1 shows a tangent drawn at t = 100 seconds. The slope of this line gives 
the instantaneous rate at t = 100 seconds: 


Rate = —(slope of the tangent line) 


24% 10 mol. tyts-} 


15.1. Reaction Rates 





Femtochemistry 





Chemical Insights 





Some reactions occur very slowly, such as when a 
nail rusts. Others occur very rapidly, such as when 
methane is combusted in a Bunsen burner. Studying 
very fast reactions requires very special techniques, 
usually involving lasers—devices that produce high- 
energy bursts of light with very precise frequencies. 
The study of very fast reactions is one of the most 
important areas of chemical research, as demon- 
strated by the fact that the 1999 Nobel Prize in 
chemistry was awarded to Ahmed H. Zewail of the 
California Institute of Technology in Pasadena, 
California. Zewail’s studies involve reactions that 
occur on the femtosecond (107!5 s) time scale—the 
time scale for molecular vibrations. 

In Zewail’s laboratory a strong laser flash of a 
few femtoseconds’ duration shines on beams of 
molecules streaming into a vacuum chamber. The 
laser beam is tuned to excite all of the molecules to 
the same state, where they are vibrating in unison. 
Subsequent, weaker laser pulses monitor the con- 
centrations of the reactants, intermediates, and 
products as the reaction occurs. 

One reaction studied by Zewail is the decom- 
position of cyclobutane to two ethylene molecules: 


H H Sea alk = MM | 
x L Sh Soe 

ee ey 
iid Va VX 
H H Meee Hea 


Zewail has shown that the reaction mechanism 
involves the breaking of one of the carbon-carbon 
bonds in cyclobutane to produce a tetramethylene 
intermediate: 


Unpaired electrons 


H H aoe Ju 


SS Wf i 
He pe) El eee a 
C--€ C=C 

XS 
ne na HO H 









Ahmed Zewail/California Institute of Technology 


A laser spectroscopy laboratory at the California Institute 
of Technology. 


The intermediate exists for approximately 700 fs 
(700 X 107! s) and then decomposes into two eth- 
ylene molecules. Techniques similar to Zewail’s 
approach (commonly called femtochemistry) are 
now widely used in chemical research and are 
being applied to problems such as elucidating the 
mechanism for energy conversion in chlorophyll 
(photosynthesis) and understanding the way 
human eyes detect light. 
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So far we have discussed the rate of this reaction only in terms of the reac- 
tant. The rate can also be defined in terms of the products. However, in doing 
so, we must take into account the coefficients in the balanced equation for the 
reaction because the stoichiometry determines the relative rates of the con- 
sumption of reactants and the generation of products. For example, in the 
reaction 


2NO2(g) —~> 2NO(g) + On(g) 


both NO, and NO have a coefficient of 2, so NO is produced at the same rate 
as NO is consumed. We can verify this from Fig. 15.1. Note that the curve for 
NO is the same shape as the curve for NO) except that it is inverted. This 
means that at any point in time the slope of the tangent to the curve for NO 
will be the negative of the slope to the curve for NO. (Verify this at the point 
t = 100 seconds on both curves.) In contrast, O, has a coefficient of 1, which 
means it is produced half as fast as NO, which has a coefficient of 2. That is, 
the rate of NO production is twice the rate of O2 production. 

We can also verify this fact from Fig. 15.1. For example, at t = 250 
seconds, 


Slope of the tangent to the NO curve = 8.6 X 10~® mol L™! s“! 
Slope of the tangent to the O) curve = 4.3 X 10° mol L™! s“? 


The slope at t = 250 seconds on the NO curve is twice the slope of that point 
on the O, curve, showing that the rate of production of NO is twice that of Oo. 
The rate information can be summarized as follows: 


Rate of consumption} __| rate of production} _ 
of NO, % fee = | 2(rate of production of O;) 


Because the reaction rate changes with time, and because the rate may be 
different for the various reactants and products (by factors that depend on the 
coefficients in the balanced equation), we must be very specific when we de- 
scribe a rate for a chemical reaction. 
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Note that the term reversible has 
different meanings in kinetics and 
thermodynamics. 


Rate Laws: An Introduction 


Chemical reactions are reversible. In our discussion of the decomposition of 
nitrogen dioxide, we have so far considered only the forward reaction: 


2NO2(g) —> 2NO(g) + O2(g) 


However, the reverse reaction can also occur. As NO and O) accumulate, they 
can react to re-form NO): 


O2(g) + 2NO(g) —> 2NO,(g) 


When gaseous NO) is placed in an otherwise empty container, the domi- 
nant reaction initially is 


2NO,(g) —> 2NO(g) + On(g) 


and the change in the concentration of NO, (A[NO)]) depends only on the 
forward reaction. However, after a period of time, enough products accumu- 
late so that the reverse reaction becomes important. Now A[NO,] depends on 
the difference in the rates of the forward and reverse reactions. This complica- 
tion can be avoided if we study the rate of a reaction under conditions where 
the reverse reaction makes only a negligible contribution. Typically, this means 
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that we study a reaction at a point soon after the reactants are mixed, before 
the products have had time to build up to significant levels. 

Under conditions such that the reverse reaction can be neglected, the reac- 
tion rate depends only on the concentrations of the reactants. For the decom- 
position of nitrogen dioxide, we can write 


Rate = k[NO,|” (1551) 


Such an expression, which shows how the rate depends on the concentrations 
of reactants, is called a rate law. The proportionality constant k, called the rate 
constant, and n, called the order of the reactant, must both be determined by 
experiment. The order of a reactant can be positive or negative and can be an 
integer or a fraction. For the relatively simple reactions we will consider in this 
book, the orders will generally be positive integers. 

Note two important points about Equation (15.1): 


1. The concentrations of the products do not appear in the rate law because 
the reaction rate is being studied under conditions where the reverse reac- 
tion does not contribute to the overall rate. 


in) 


The value of the exponent 7 must be determined by experiment; it cannot 
be written from the balanced equation. 


Before we go further, we must define exactly what we mean by the term 
rate in Equation (15.1). In Section 15.1 we saw that reaction rate means a 
change in concentration per unit time. However, which reactant or product 
concentration do we choose in defining the rate? For example, for the decom- 
position of NO; to produce O, and NO considered in Section 15.1, we could 
define the rate in terms of any of these three species. However, since O; is pro- 
duced only half as fast as NO2, we must be careful to specify which species we 
are talking about in a given case. For instance, we might choose to define the 
reaction rate in terms of the consumption of NO»: 

A[NO)] d{NO}| 
Rate = == = k|NO,|" 
At dt INO] 
where d indicates an infinitesimally small change. On the other hand, we could 
define the rate in terms of the production of O): 
dO 
Rate’ = aes) = k'|NO,|” 
dt 
Note that because 2NO, molecules are consumed for every O, molecule 
produced, 





Rate = 2 X rate’ 
or k{[NO 2)” = 2k'[NO.]” 
and R=) k 


Thus the value of the rate constant depends on how the rate is defined. 

In this text we will always be careful to define exactly what is meant by the 
rate for a given reaction so that there will be no confusion about which specific 
rate constant is being used. 


Types of Rate Laws 

Notice that the rate law we have used to this point expresses rate as a function 
of concentration. For example, for the decomposition of NO) we have defined 
the rate as 


Rate = AND = k[NO,]" 
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The terms differential rate law and rate 
law will be used interchangeably in this 
text. 


which tells us (once we have determined the value of 7) exactly how the rate 
depends on the concentration of the reactant NO}. A rate law that expresses 
how the rate depends on concentration is called the differential rate law, but 
it is often simply called the rate law. Thus, when we use the term rate law in 
this text, we mean the expression that gives the rate as a function of 
concentration. 

A second kind of rate law, the integrated rate law, will also be important 
in our study of kinetics. The integrated rate law expresses how the concentra- 
tions depend on time. As we will see, a given differential rate law is always 
related to a certain type of integrated rate law, and vice versa. That is, if we 
determine the differential rate law for a given reaction, we automatically 
know the form of the integrated rate law for the reaction. This means that 
once we determine either type of rate law for a reaction, we also know the 
other one. 

Which rate law we choose to determine by experiment often depends on 
what types of data are easiest to collect. If we can conveniently measure how 
the rate changes as the concentrations are changed, we can readily determine 
the differential (rate/concentration) rate law. On the other hand, if it is more 
convenient to measure the concentration as a function of time, we can deter- 
mine the form of the integrated (concentration/time) rate law. We will discuss 
how rate laws are actually determined in the next several sections. 

Why are we interested in determining the rate law for a reaction? How 
does it help us? It helps us because we can work backward from the rate law 
to find the steps by which the reaction occurs. Most chemical reactions do not 
take place in a single step but result from a series of sequential steps. To under- 
stand a chemical reaction, we must learn what these steps are. For example, a 
chemist who is designing an insecticide may study the reactions involved in the 
process of insect growth to see what type of molecule may interrupt this series 
of reactions. Or an industrial chemist may be trying to make a reaction occur 
faster, using less expensive conditions. To accomplish this, he or she must 
know which step is slowest because it is that step that must be speeded up. 
Thus a chemist is usually not interested in a rate law for its own sake but for 
what it tells about the steps by which a reaction occurs. We will develop a 
process for finding the reaction steps later in this chapter. 


Rate Laws 





1. There are two types of rate laws: 
¢ The differential rate law (often called simply the rate law) shows how the rate 
of a reaction depends on concentrations. 
¢ The integrated rate law shows how the concentrations of species in the reaction 
depend on time. 


2. Because we will typically consider reactions under conditions where the re- 
verse reaction is unimportant, our rate laws will involve concentrations of 
reactants. 


3. Because the differential and integrated rate laws for a given reaction are related 
in a well-defined way, the experimental determination of either of the rate laws is 
sufficient. 


4. Experimental convenience usually dictates which type of rate law is determined 
experimentally. 


5. Knowing the rate law for a reaction is important mainly because we can usually 
infer the individual steps involved in the reaction from the specific form of the 
rate law. 


Table 15.3 
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15.3 | Determining the Form of the Rate Law 


Concentration/Time Data for the 


Reaction 2N20;(soln) ——> 
4NOz(soin) + Oc(g) (at 45°C) 


[N>Os] (mol/L) 


1.00 
0.88 
0.78 
0.69 
0.61 
0.54 
0.48 
0.43 
0.38 
0.34 
0.30 





Time (s) 


0 
200 
400 
600 
800 

1000 
1200 
1400 
1600 
1800 
2000 





First order: Rate = k[A]. Doubling the 
concentration of A doubles the reaction 


rate. 


Figure 15.2 


A plot of the concentration of N2Os 
as a function of time for the reaction 
2N20;(soin) ——> 4NO,(soln) + O2(Q) 
(at 45°C). Note that the reaction rate 
at [NoO;] = 0.90 / is twice that at 


[N2Os] = 0.4504. 


The first step in understanding how a given chemical reaction occurs is to de- 
termine the form of the rate law. In this section we will explore ways to obtain 
the differential rate law for a reaction. First, we will consider the decomposi- 
tion of dinitrogen pentoxide in carbon tetrachloride solution: 


2N,0;(soln) cS 4NO,(soln) -F O2(g) 


Data for this reaction at 45°C are listed in Table 15.3 and plotted in Fig. 15.2. 
In this reaction the oxygen gas escapes from the solution and thus does not react 
with the nitrogen dioxide, so we do not have to be concerned about the effects 
of the reverse reaction at any time over the life of the reaction. In other words, 
the reverse reaction is negligible at all times over the course of this reaction. 

Evaluation of the reaction rates at N,O; concentrations of 0.90 M and 
0.45 M, by taking the slopes of the tangents to the curve at these points 
(Fig. 15.2), yields the following data: 


[N2Os] Rate (mol L~! s~}) 
0.90 M SAS alm 
0.45 M DISAMNO 


Note that when [N2Os] is halved, the rate is also halved. This means that the 
rate of this reaction depends on the concentration of NO; to the first power. 
In other words, the (differential) rate law for this reaction is 
d[N,O;] 
Rate == ee — k[N,Os] 
Thus the reaction is first order in NOs. Note that for this reaction the order is 
not the same as the coefficient of N»Os in the balanced equation for the reac- 
tion. This reemphasizes the fact that the order of a particular reactant must be 
obtained by observing how the reaction rate depends on the concentration of 
that reactant. 
We have seen that determining the instantaneous rate at two different reac- 
tant concentrations gives the following rate law for the decomposition of N2Os: 
d[A] 


Rate = a Ps k[A] 


where A represents N)Os. 


[N,O;] (mol/L) 





400 800 1200 1600 2000 
Time (s) 
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The value of the initial rate is deter- 
mined for each experiment at the same 
value of t as close to t = O as possible. 


Rates 1, 2, and 3 were determined at 
the same value of t (very close to 
ig = (0) 


Method of Initial Rates 


The most common method for directly determining the form of the differential 
rate law for a reaction is the method of initial rates. The initial rate of a reac- 
tion is the instantaneous rate determined just after the reaction begins (just 
after t = 0). The idea is to determine the instantaneous rate before the initial 
concentrations of reactants have changed significantly. Several experiments are 
carried out using different initial concentrations, and the initial rate is deter- 
mined for each run. The results are then compared to see how the initial rate 
depends on the initial concentrations. This procedure allows the form of the 
rate law to be determined. We will illustrate the method of initial rates by using 
the following reaction: 


NH4*(aq) + NO2~ (aq) —~ Na(g) + 2H20(/) 


Table 15.4 gives initial rates obtained from three experiments involving differ- 
ent initial concentrations of reactants. 
The general form of the rate law for this reaction is 


pies -ANie = k[NH,*}[NO,-}" 


We can determine the values of 2 and m by observing how the initial rate de- 
pends on the initial concentrations of NH,* and NO, ~. In Experiments 1 and 
2, where the initial concentration of NH4* remains the same but where the 
initial concentration of NO,~ doubles, the observed initial rate also doubles. 
Since 


Rate = k[NH,*]"[NO,7 |” 
we have, for Experiment 1, 
Rate = 1.35 X 1077 mol L~! s~! = k(0.100 mol/L)"(0.0050 mol/L)” 
and for Experiment 2, 
Rate = 2.70 X 1077 mol L~! s~! = k(0.100 mol/L)”(0.010 mol/L)” 
The ratio of these rates is 


Rate2 _ 2.70 x 10°’ molL7!s"! — k(0.100-mot/E)*(0.010 mol/L)” 
Ratel 1.35 X 10°? molL™!s! — &(0.100-mot/E)*(0.0050 mol/L)” 
2.00 
(0.010 mol/L)” 
(0.0050 mol/L)” 


(260) 

















Table 15.4 


Initial Rates from Three Experiments for the Reaction NH,*(aq) + NOs (aq) ——> 
No(g) + 2H20(/) 








Initial Initial 
Concentration Concentration Initial Rate 
Experiment of NH,* of NO, (mol L.*s$=*) 
1 0.100 M 0.0050 M 13s) Se OY 
0.100 M 0.010 M DID) SoG? 


3 0.200 M 0.010 M 5.40 * 1077 





Overall reaction order is the sum of the 
orders for each reactant. For a discus- 
sion of how this term can be mislead- 
ing, see John C. Reeve, “Some Pro- 
vocative Opinions on the Terminology 
of Chemical Kinetics,” J. Chem. Ed. 68 
(1991): 278. 
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Rate 2 
Rate 1 


Thus 





= 2.00 = (2.0)” 


which means the value of m is 1. The rate law for this reaction is first order in 
the reactant NO,~. 
A similar analysis of the results for Experiments 2 and 3 yields the follow- 
ing ratio: 
Raters» 45,400%.10 (moll: 3 _ (0.200 mol/L)” 
Rate2 2.70 107-7 molL7!s"! (0.100 mol/L)” 


) n 
= 2.00 = (S550) = (2.00)” 





1.100 


The value of 7 is also 1. 
We have shown that the values of m and m are both 1. Therefore, the rate 
law is 


Rate = k[NH,*][NO.7] 


This rate law is first order in both NO,” and NH,*. Note that it is merely a 
coincidence that 7 and m have the same values as the coefficients of NH,4* and 
NO, in the balanced equation for the reaction. 

The overall reaction order is the sum of ” and m. For this reaction, 
n + m = 2. The reaction is second order overall. 

The value of the rate constant (k) can now be calculated by using the re- 
sults of any of the three experiments shown in Table 15.4. From the data for 
Experiment 1, we know that 


Rate = k[NH,4*][NO,7] 
1.35 X 1077 mol L7! s~! = k(0.100 mol/L)(0.0050 mol/L) 
Then 


1235. 10e4mollL. 1s 
ae = 710“ Wmol- et 
(0.100 mol/L)(0.0050 mol/L) oe 


EXAMPLE 15.1 


The reaction between bromate ions and bromide ions in acidic aqueous solu- 
tion is given by the following equation: 


BrO3~(aq) + SBr-(aq) + 6H*+(aqg) —> 3Br)(/) + 3H:O(I) 





Table 15.5 gives the results of four experiments involving this reaction. Using 
these data, determine the orders for all three reactants, the overall reaction 
order, and the value of the rate constant. 


Table 15.5 


The Results from Four Experiments to Study the Reaction 
BrO3 (aq) + 5Br-(ag) + 6GH*(ag) ——> S8Bro(/) + 3H20(/) 











Initial Initial Initial Measured 
Concentration Concentration Concentration Initial Rate 
Experiment of BrO; (mol/L) of Br (mol/L) of H* (mol/L) (mol L™! s“!) 








it 0.10 0.10 0.10 80210 
I} 0.20 0.10 0.10 heocl0; 
3 0.20 0.20 0.10 Seal Oe 
4 Se LO 


0.10 0.10 0.20 








Photographs © Cengage Learning. All rights reserved 
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A solution containing BrOgz” ions being 
added to a solution containing Br~ ions 
to form Bro. 





Solution The general form of the rate law for this reaction is 
Rate = k[BrO37]"[Br-]”[H*]? 
We can determine the values of n, m, and p by comparing the rates from the 
various experiments. To determine the value of 1, we use the results from Ex- 
periments 1 and 2, in which only [BrO3 | changes: 
Rate 2intl.6 MuLOr? mold eaem 
Ratel. 80% 1024 mol L.- 83% 


k(0.20 mol/L)"(0.10 mol/L)”(0.10 mol/L)? 
~ k(0.10 mol/L)"(0.10 mol/L)”(0.10 mol/L)? 


0.20 mol/L\" _ : 
ee (55 mor ve 














Thus 7 is equal to 1. 
To determine the value of m, we use the results from Experiments 2 and 3, 
in which only [Br~] changes: 
Rates gadvdr< 10; mols 
Rate 20 1.6% 10m nelly *s * 


_ k(0.20 mol/L)"(0.20 mol/L)”(0.10 mol/L)? 
~ k(0.20 mol/L)"(0.10 mol/L)”(0.10 mol/L)? 


0.20 mol/L\” _ és 
bli Ge ae ee) 








Thus m is equal to 1. 
To determine the value of p, we use the results from Experiments 1 and 4, 
in which [BrO3~] and [Br] are constant but [H*] changes: 
Rate4 3.2 X 10? mol L 
Rate i 8.0 x 10% molL ‘s+ 
e: k(0.10 mol/L)”(0.10 mol/L)”(0.20 mol/L)? 
k(0.10 mol/L)”(0.10 mol/L)”(0.10 mol/L)? 
_ {0.20 mol/L \? 
i Gist mol/L 


4.0 = (2.0)? = (2.0)? 


Thus p is equal to 2. 
The rate of this reaction is first order in BrO;~ and Br~ and second order 
in H*. The overall reaction order ism + m+ p = 4. 
The rate law can now be written: 
Rate = k[BrO3 ][Br~][H*]? 


The value of the rate constant k can be calculated from the results of any of the 
four experiments. For Experiment 1 the initial rate is 8.0 x 10-* mol L~! $7}, 
and [BrO;"] = 0.100 M, [Br] = 0.100 M, and [H*] = 0.100 M. Using these 
values in the rate law gives 


8.00 x 10-4 mol L™! s~! = k(0.10 mol/L)(0.10 mol/L)(0.10 mol/L)? 
8.00 X 10-* mol L™! s~! = R(1.0 X 1074 mol4/L4) 
S04 10n moll 
1.0 x 1074 mol*/L4 
= §.00: Le mols’ oa. 


Check: Verify that the same value of k can be obtained from the results of the 
other experiments. 


“1 o7l 











[3 





Photograph © Cengage Learning. All rights reserved 
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15.4 


In the field of kinetics, the rate for this 
type of reaction is usually defined as 


Rate == 1 tA 

a at 
where a is the coefficient of A in the 
balanced equation. However, to avoid 
complications, we will leave out the 
factor of 1/a, which simply changes 
the value of the rate constant by a 
factor of a. 





The decomposition of N2Os in solution 
to form NOz plus Ox» (bubbles). The 
brown gas above the solution is escap- 
ing NOs. 


An integrated rate law relates concen- 
tration to reaction time. 


| The Integrated Rate Law 


The rate laws we have considered so far express the rate as a function of the 
reactant concentrations. It is also useful to be able to express the reactant con- 
centrations as a function of time, given the (differential) rate law for the reac- 
tion. In this section we will show how this is done. 

We will proceed by first looking at reactions involving a single reactant: 


aA —> products 


all of which have a rate law of the form 


We will develop the integrated rate laws individually for the cases n = 1 (first 
order), 2 = 2 (second order), and m = 0 (zero order). 


First-Order Rate Laws 


For the reaction 
2N20;(soln) —~> 4NO,(soln) + O(g) 
experiments show that the rate law is 


d[N2Os] 
dt 


Since the rate of this reaction depends on the concentration of NOs to the first 
power, it is a first-order reaction. This means that if the concentration of NOs; 
in a flask were suddenly doubled, the rate of production of NO and O) would 
also double. Using calculus, this differential rate law can be integrated, which 
yields the expression 


Rate = — = k[N,Os] 


In[N2Os] = —kt + In[N>Os]o 


where In indicates the natural logarithm, t is the time, [NOs] is the concentra- 
tion of N,Os at time t, and [N,Os]p is the initial concentration of NjOs (at 
t = 0, the start of the experiment). Note that such an equation, called the inte- 
grated rate law, expresses the concentration of the reactant as a function of 
time. 

For a chemical reaction of the form 


aA ——> products 


where the kinetics are first order in [A], the differential rate law is of the form 


Rare = —28I fa] 
and the integrated first-order rate law is 
In[A] = —kt + In[A]o (152) 


There are three important things to note about Equation (15.2): 


1. The equation shows how the concentration of A depends on time. If the 
initial concentration of A and the value of the rate constant k are known, 
the concentration of A at any time can be calculated. 

2. Equation (15.2) is of the form y = mx + b, where a plot of y versus x is a 
straight line with slope m and intercept b. In this case 


y = In{A] x=t m=-—k b = In[A]o 
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For a first-order reaction, a plot of In{A] 
versus t is a straight line. 





9) EE AES 





g -4.0 oe HB aA ae 
& : : ; 
60 = merase ee Ws 
vale o Eel So ea 
0 100 200 300 400 
Time (s) 
Figure 15.3 


A plot of In[N2Os] versus time. 





Thus, for a first-order reaction, plotting the natural logarithm of concen- 
tration versus time always gives a straight line. This fact is often used to 
test whether a reaction is first order. For the reaction of the type 


aA —— products 


the reaction is first order in A if a plot of In[A] versus t is a straight line. 
Conversely, if the plot is not a straight line, the reaction is not first order. 


3. The integrated rate law for a first-order reaction can also be expressed in 
terms of the ratio of [A] and [A]p as follows: 


EXAMPLE 15.2 


The decomposition of N,Os in the gas phase was studied at constant tem- 
perature: 


2N205(g) —~> 4NO2(g) + O2(g) 


The following results were collected: 


[N2Os] (mol/L) Time (s) 
0.1000 0 
0.0707 50 
0.0500 100 
0.0250 200 
0.0125 300 
0.00625 400 


Using these data, verify that the rate law is first order in [N2Os], and calculate 
the value of the rate constant, where the rate = —d[N,Os]/d¢. 


Solution We can verify that the rate law is first order in [N.Os] by construct- 
ing a plot of In[N,Os] versus time. The values of In{N,Os] at various times are 
given below, and the plot of In{N.Os] versus time is shown in Fig. 15.3. 


In[N2Os] Time (s) 


pes 80100) 0 
—2.649 50 
2.790 100 
73.689 200 
—4.382 300 
cae Hi) 400 


The plot is a straight line, confirming that the reaction is first order in 
N2Os, since it follows the equation In[N,Os;] = —kt + In[NOs]o. 
Since the reaction is first order, the slope of the line equals —k. In this case 


k = —(slope) = 6.93 X 10-3 s7} 
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Using the data given in Example 15.2, calculate [N»O;] 150. s after the start of 
the reaction. 


Solution We know from Example 15.2 that [N.O;] = 0.0500 mol/L at 100 s 
and [NOs] = 0.0250 mol/L at 200 s. Since 150 s is halfway between 100 s and 


Figure 15.4 
A plot of [N2Os] versus time for the 
decomposition reaction of NOs. 





[N,Os] (mol/L) 
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200 s, it is tempting to assume that we can use a simple average to obtain [NOs] 
at that time. This is incorrect because it is Inf[NOs], not [N2Os], that depends 
directly on t. To calculate [NOs] after 150 s, we must use Equation (15.2): 


In[N,Os]| = —kt+ In[N2Os]o 


where t = 150. s, k = 6.93 X 10-* s~! (as determined in Example 15.2), and 
[N2Os]o = 0.100 mol/L. 


In([N2Os]),=150 = —(6.93 X 10-3 s-#)(150. s) + In(0.100) 
= ~1.040 — 2.303 = -3.343 
[N2Os],<150 = antilog(—3.343) = 0.0353 mol/L 


Note that this value of [NOs] is mot halfway between 0.0500 mol/L and 
0.0250 mol/L. 


Half-Life of a First-Order Reaction 


The time required for a reactant to reach half of its original concentration is 
called the half-life of a reaction and is designated by f,/2. To illustrate this idea, 
we can calculate the half-life of the decomposition reaction discussed in Ex- 
ample 15.2. The data plotted in Fig. 15.4 show that the half-life for this reac- 
tion is 100 seconds. We can see this by considering the following numbers: 








[NOs] (mol/L) Time (s) 

veo : [N,O5] 00501 8 a 
At = 100s; —#-2 0 = = 
0.0500 100 [NVOaes 0.100 3 
[N.Os]=200 _ 0.025 il 
At = 100s; = = 
0.0250 200 [NOsh=100 0.050 2 
[N2Os],=300 0.0125 1 

At = 100s; J 2 z 
0.0125 300 PNOn a 0 O25) a8 








Note that it always takes 100 seconds for [NOs] to be halved in this reaction. 


[N,O5]>> 0.1000 wor 


er | 
0.0900 = 









0.0800 : 
0.0700 es : 
0.0600 

[N05] = 0.0500 
0.0400 
0.0300 

N,O; 0 —_— > 

4 0.0200 
[N50s]o Sawaya 





hij t/2 hija 


Time (s) 
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For a first-order reaction, ty,2 is inde- 
pendent of the initial concentration. 





A general formula for the half-life of a first-order reaction can be derived 
from the integrated rate law for the general reaction, 


aA —— products 


If the reaction is first order in [A], 


By definition, when t = ty), [Al = 


Then for t = ty, the integrated rate law becomes 





or In(2) = kt 


Substituting the value of In(2) and solving for ty. gives 


0.693 
tip — k (T5355 


This is the general equation for the half-life of a first-order reaction. Equation 
(15.3) can be used to calculate t,;. if k is known, or k if ty. is known. Note that 
for a first-order reaction the half-life does not depend on concentration. 


WWL INTERACTIVE EXAMPLE 15.4 
A certain first-order reaction has a half-life of 20.0 minutes. 


a. Calculate the rate constant for this reaction. 


b. How much time is required for this reaction to be 75% complete? 


Solution 
a. Solving Equation (15.3) for k gives 


_ 0.692 0.693 


k = 
ti 20.0 min 


= 3.47 *% 10 * min * 





b. We use the integrated rate law in the form 


et) 

n( =kt 

[A] 

If the reaction is 75% complete, 75% of the reactant has been consumed. 
This leaves 25% in the original form: 











[A] 
100; 25 
[Alo 
This means that 
[A] [Alo 
= 0.25 d —— = 4, 
[A] a2 [A] : 


Therefore, 


in) = 1140 eae ae} 


min 


Second order: Rate = k[A]*. Doubling 
the concentration of A quadruples the 
reaction rate; tripling the concentration 
of A increases the rate by nine times. 


For a second-order reaction, a plot of 
1/{A] versus t is linear 


When two identical molecules 
combine, the resulting molecule is 
called a dimer. 
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and t = 40. min 


Thus it takes 40. minutes for this particular reaction to reach 75% completion. 

Let’s consider another way of solving this problem by using the defini- 
tion of half-life. After one half-life the reaction has gone 50% to completion. 
If the initial concentration were 1.0 mol/L, after one half-life the concen- 
tration would be 0.50 mol/L. One more half-life would produce a concen- 
tration of 0.25 mol/L. Comparing 0.25 mol/L with the original 1.0 mol/L 
shows that 25% of the reactant is left after two half-lives. This is a general 
result. (What percentage of reactant remains after three half-lives?) Two 
half-lives for this reaction is 2(20.0 min), or 40.0 minutes, which agrees 
with the above answer. 


Second-Order Rate Laws 


For a general reaction involving a single reactant, 
aA ——> products 


which is second order in A, the rate law can be defined as 
d 2 
Rate = -—— = [A] (15.4) 


Integration of this differential rate law yields the integrated second-order 
rate law: 


1 1 
[a] [Ab (1575) 


Note the following characteristics of Equation (15.5): 


1. A plot of 1/[A] versus ¢ will produce a straight line with a slope equal to k. 


2. Equation (15.5) shows how [A] depends on time and can be used to calcu- 
late [A] at any time t, provided k and [A]o are known. 


When one half-life of a second-order reaction has elapsed (t = f12), by 
definition, [A] = [A]o/2. Equation (15.5) then becomes 





: Rtyp + ee 
[Alo 1/2 [A]o 
2 
il 
and [Al — ktip 


Solving for ty. gives the expression for the half-life of a second-order reaction: 


1 
ia R[A]o (15:6) 


| EXAMPLE 15.5 


Butadiene reacts to form its dimer according to the equation 


2C4He(g) — > CsHi2(g) 
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The following data were collected for this reaction at a given temperature: 


[C4Hg] (mol/L) Time (+1 s) 
0.01000 0 
0.00625 1000 
0.00476 1800 
0.00370 2800 
0.00313 3600 
0.00270 4400 
0.00241 5200 
0.00208 6200 


a. Is this reaction first order or second order? 
b. What is the value of the rate constant for the reaction? 
c. What is the half-life for the reaction under the conditions of this experiment? 


Solution 


a. To decide whether the rate law for this reaction is first order or second or- 
der, we must see whether the plot of In[C4H,] versus time is a straight line 
(first order) or the plot of 1/[C4H¢] versus time is a straight line (second 
order). The data necessary to make these plots are as follows: 





1 





Butadiene (C4H¢) ey [C4H,] In[ CoH] 
0 100 —4.605 

1000 160 EOS 

1800 210 —5.348 

2800 270 = Sey) 

3600 319 = 5. LOK 

4400 370 = 5). LS) 

5200 415 —6.028 

6200 481 = Cpl) 


The resulting plots are shown in Fig. 15.5. Since the In[C4H«] versus 
t plot is not a straight line, the reaction is not first order. The reaction is, 





Figure 15.5 

(a) A plot of In[C4He] versus t. 
(b) A plot of 1/[C4H¢] versus t. 
400 


300 


100 





0 2000 4000 6000 0 2000 4000 6000 
Time (s) Time (s) 
(a) (b) 


For a second-order reaction, ty/2 
depends on [Alp. For a first-order 
reaction, ty,2 is independent of [Alo. 


For each successive half-life, [A]o is 
halved. Since t,,2 = 1/k{Al, 1,2 doubles 


A zero-order reaction has a constant 
rate. 
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however, second order, as shown by the linearity of the 1/[C4H,] versus t 
plot. Thus we can now write the rate law for this second-order reaction: 


Rate hier eee ae fe! RIG bie 


b. For a second-order reaction, a plot of 1/[C4H¢] versus t produces a straight 
line with slope k. In terms of the standard equation for a straight line, 
y = mx + b, we have y = 1/[C4H,] and x = t. In this case, 


k = slope = 6.14 X 10°? L mol! s7! 
c. The expression for the half-life of a second-order reaction is 
Up a 
k[A]o 
In this case k = 6.14 X 10° L mol"! s~! (from part b) and [A]p = [C4He]o = 
0.01000 M (the concentration at t = 0). Thus 


1 
(6.14 X 10-2 L mol! s-')(1.000 x 10-2 mol/L) 


="1.63.% 10% 





hn = 


The initial concentration of C4H, is halved in 1630 s. 


It is important to recognize the difference between the half-life for a first- 
order reaction and the half-life for a second-order reaction. For a second-order 
reaction, ft). depends on both k and [A]p; for a first-order reaction, f,/. depends 
only on k. For a first-order reaction, a constant time is required to reduce the 
concentration of the reactant by half, and then by half again, and so on, as the 
reaction proceeds. In Example 15.5 we saw that this is mot true for a second- 
order reaction. For that second-order reaction, we found that the first half-life 
(the time required to go from [C4H¢] = 0.010 M to [C4H¢] = 0.0050 M) is 
1630 seconds. We can estimate the second half-life from the concentration 
data as a function of time. Note that to reach 0.0024 M C4H¢ (approximately 
0.0050/2) requires 5200 seconds of reaction time. Thus, to get from 0.0050 M 
C4H, to 0.0024 M C4H¢ takes 3570 seconds (5200 — 1630). The second half- 
life is much longer than the first. This pattern is characteristic of second-order 
reactions. In fact, for a second-order reaction, each successive half-life is dou- 
ble the preceding one (provided the effects of the reverse reaction can be ig- 
nored, as we are assuming here). Prove this to yourself by examining the equa- 
tion fy = 1/(k[A]o). 


Zero-Order Rate Laws 


Most reactions involving a single reactant show either first-order or second- 
order kinetics. However, sometimes such a reaction can be a zero-order reac- 
tion. The rate law for a zero-order reaction is 


Rate = k[A]o = R(1) =k 


For a zero-order reaction, the rate is a constant. It does not change with con- 
centration as it does for first-order or second-order reactions. 
The integrated rate law for a zero-order reaction is 


[A] = —kt + [Alo (15.7) 


In this case a plot of [A] versus ¢ gives a straight line of slope —k, as shown in 
Fig. 15.6. 
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The expression for the half-life of a zero-order reaction can be obtained 
from the integrated rate law. By definition, [A] = [A]o/2 when ¢ = tip, so 





[A ]o 
= —ktip + [Alo 
2 
[A] 
or ktip = ai 
Solving for ty). gives 
[Alo 
ya oy © (15.8) 
Zero-order reactions are most often encountered when a substance such as 
0 t a metal surface or an enzyme is required for the reaction to occur. For exam- 
Figure 15.6 ple, the decomposition reaction 
. arte [A] versus t for a zero-order 2N,O0(g) 2N)(g) + On(g) 


occurs on a hot platinum surface. When the platinum surface is completely 
covered with N,O molecules, an increase in the concentration of NO has no 
effect on the rate, since only those NO molecules on the surface can react. Un- 
der these conditions, the rate is a constant because it is controlled by what hap- 
pens on the platinum surface rather than by the total concentration of N2O, as 
illustrated in Fig. 15.7. This reaction can also occur at high temperatures with 
no platinum surface present, but under these conditions it is not zero order. 


integrated Rate Laws for Reactions 
with More Than One Reactant 


So far we have considered the integrated rate laws for simple reactions with 
only one reactant. Special techniques are required to deal with more compli- 
cated reactions. For example, consider the reaction 


BrO3 (aq) + SBr-(aq) + 6H* (aq) ——> 3Br,(l) + 3H,O(I) 
From experimental evidence we know that the rate law is 


4 d[BrO37] ext Sit ae teeta 
Rate = iene a k[BrO;” |[Br- ][H*] 


Suppose we run this reaction under conditions where [BrO3~]) = 1.0 X 
10 M, [Br~]o = 1.0 M, and [H*]o = 1.0 M. As the reaction proceeds, [BrO37] 


Figure 15.7 

The decomposition reaction 

2N20(g) — > 2N2(g) + Oo(g) takes 
place on a platinum surface. Although 
[N2O] is twice as great in (b) as in (a), Qe ose 
the rate of decomposition of NO is the 
same in both cases since the platinum 
surface can accommodate only a @aa 
certain number of molecules. As a % 

result, this reaction is zero order. 














@3@ N,0 
(a) (b) 
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decreases significantly, but because the Br~ ion and H* ion concentrations are 
so large initially, relatively little of either of these two reactants is consumed. 
Thus [Br~] and [H*] remain approximately constant. In other words, under the 
conditions where the Br~ ion and H* ion concentrations are much larger than 
the BrO3 ion concentration, we can assume that throughout the reaction 


[Bobi Baloie Sands 9) [Eiji [Et], 
This means that the rate law can be written as 
Rate = k[Br7]o[H*]o*[BrO3-] = k'[BrO37] 
where, since [Br~]) and [H*]y are constant, 
k' = R[Bro|o[H* Jo? 
The rate law Rate = k’[BrO37] 


is first order. However, since this rate law was obtained by simplifying a more 
complicated one, it is called a pseudo-first-order rate law. Under the conditions 
of this experiment, a plot of In[BrO3~] versus ¢ gives a straight line with a slope 
equal to —k’. Since [Br~]o and [H*]o are known, the value of k can be calcu- 
lated from the equation 


k' = R[Bro|o[H*]o? 
which can be rearranged to give 
k' 


= ie ere 


Note that the kinetics of complicated reactions can be studied by observing 
the behavior of one reactant at a time. If the concentration of one reactant is 
much smaller than the concentrations of the others, then the amounts of those 
reactants present in large concentrations will not change significantly and can 
be regarded as constant. The change in concentration with time of the reactant 
present in a relatively small amount can then be used to determine the order of 
the reaction in that component. This technique allows us to determine rate 
laws for complex reactions. 





15.5 | 


Rate Laws: A Summary 
In the last several sections, we have developed the following important points: 


1. To simplify the rate laws for reactions, we have always assumed that the rate 
is being studied under conditions where only the forward reaction is impor- 
tant. This produces rate laws that contain only reactant concentrations. 


2. There are two types of rate laws. 


a. The differential rate law (often called the rate law) shows how the rate 
depends on the concentrations. The forms of the rate laws for zero-or- 
der, first-order, and second-order kinetics of reactions with a single re- 
actant are shown in Table 15.6. 


b. The integrated rate law shows how concentration depends on time. The 
integrated rate laws corresponding to zero-order, first-order, and second- 
order kinetics of reactions with a single reactant are given in Table 15.6. 


3. Whether we determine the differential rate law or the integrated rate law 
depends on the type of data that can be collected conveniently and accu- 
rately. Once we have experimentally determined either type of rate law for 
a given reaction, we can write the other rate law. 
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Table 15.6 


Summary of the Kinetics for Reactions of the Type aA ——> Products That Are Zero, First, 
or Second Order in [A] 














Order 
Zero First Second 
Rate law Rate =k Rate = R[A] Rate = k[A]? 
1 1 
Integrated rate law [A] = —kt + [A]o In[A] = —kt + In[A]o TA] = kt + TA 
Plot needed to give a 1 j 
straight line [A] versus ¢ In{A] versus t [A] versus 


Relationship of rate 
constant to the slope Slope = —k Slope = —k Slope =k 
of the straight line 


A 0.693 1 
Half-life Na Ae hip = k A = k[A]o 





4. The most common method for experimentally determining the differential 
rate law is the method of initial rates. In this method several experiments 
are run at different initial concentrations, and the instantaneous rates are 
determined for each at the same value of t as close to t = 0 as possible. The 
point is to evaluate the rate before the concentrations change significantly 
from the initial values. From a comparison of the initial rates and the ini- 
tial concentrations, the dependence of the rate on the concentrations of 
various reactants can be obtained—that is, the order in each reactant can 
be determined. 


5. To experimentally determine the integrated rate law for a reaction, we 
measure concentrations at various values of t as the reaction proceeds. 
Then we see which integrated rate law correctly fits the data. Typically, 
this is done by ascertaining which type of plot gives a straight line. This 
information is described for reactions with a single reactant in Table 15.6. 
Once the correct straight-line plot is found, the correct integrated rate law 
can be chosen and the value of k obtained from the slope. Also, the (dif- 
ferential) rate law for the reaction can then be written. 


6. The integrated rate law for a reaction that involves several reactants can be 
treated by choosing conditions such that the concentration of only one 
reactant varies in a given experiment. This is done by having the concen- 
tration of one reactant be small compared with the concentrations of all 
the others, causing a rate law such as 


Rate = k[A]"[B]”[C]? 
to reduce to Rate = k'[A]” 


where k’ = k[B]o[C]o’, [Blo > [A]o, and [C]o > [A]. The value of is ob- 
tained by determining whether a plot of [A] versus f is linear (7 = 0), a plot 
of In[A] versus ¢ is linear (7 = 1), or a plot of 1/[A] versus tis linear (n = 2). 
The value of k’ is determined from the slope of the appropriate plot. The 
values of m, p, and k are found by determining the value of k' at several 
different concentrations of B and C. 
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A balanced equation does not tell us 
how the reactants become products. 


An intermediate is formed in one step 
and consumed in a subsequent step 
and so Is never seen as a product 


The prefix uni- means “one,” bi- means 
“two,” and ter- means “three.” 


A unimolecular elementary step is 
always first order, a bimolecular step is 
always second order, and so on. 


Figure 15.8 

A molecular representation of the ele- 
mentary steps in the reaction of NO2 
and CO. 


Most chemical reactions occur by a series of steps called the reaction mecha- 
nism. To understand a reaction, we must know its mechanism, and one of the 
main purposes for studying kinetics is to learn as much as possible about the 
steps involved in a reaction. In this section we explore some of the fundamental 
characteristics of reaction mechanisms. 

Consider the reaction between nitrogen dioxide and carbon monoxide: 


NO3(g) + CO(g) —> NO(g) + COz/(g) 
The rate law for this reaction is known from experiment to be 
Rate = k{[NO,]? 


As we will see below, this reaction is more complicated than it appears from 
the balanced equation. This is quite typical; the balanced equation for a reac- 
tion tells us the reactants, the products, and the stoichiometry but gives no di- 
rect information about the reaction mechanism. 

For the reaction between nitrogen dioxide and carbon monoxide, the 
mechanism is thought to involve the steps shown in Fig. 15.8, where k, 
and k» are the rate constants of the individual reactions. In this mechanism 
gaseous NO; is an intermediate, a species that is neither a reactant nor 
a product but that is formed and consumed during the reaction sequence 
(Fig. 15.8). 

Each of these reactions is called an elementary step, a reaction whose rate 
law can be written from its molecularity. Molecularity is defined as the number 
of species that must collide to produce the reaction indicated by that step. A 
reaction involving one molecule is called a unimolecular step. Reactions in- 
volving the collision of two and three species are termed bimolecular and ter- 
molecular, respectively. Termolecular steps are quite rare because the proba- 
bility of three molecules colliding simultaneously is very small. Examples of 
these three types of elementary steps and the corresponding rate laws are 
shown in Table 15.7. Note from Table 15.7 that the rate law for an elementary 
step follows directly from the molecularity of that step. For example, for a 
bimolecular step, the rate law is always second order, either of the form k[A]* 
for a step with a single reactant or of the form k[A][B] for a step involving two 
reactants. 

We can now define a reaction mechanism more precisely. It is a series of 
elementary steps that must satisfy two requirements: 


1. The sum of the elementary steps must give the overall balanced equation 
for the reaction. 


2. The mechanism must agree with the experimentally determined rate law. 


Step | 


Step 2 



































Chemical Insights 
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Ultracold Reactions 





More than 200 years ago the work of Charles 
Gay-Lussac led to the suspicion that an absolute 
low temperature exists for matter. In recent years 
scientists have come close to cooling matter to 0 K. 
Temperatures of about 10-7 K have been achieved 
by laser cooling in which a laser beam is directed 
against a beam of atoms, dramatically slowing the 
movement of atoms to near zero. 

It is extremely difficult to slow atoms to near 
absolute zero, but it is even harder to cool mole- 
cules to these temperatures. One strategy is to 
begin with “hot” diatomic molecules and then cool 
them down using lasers. However, as the velocities 
of these molecules decrease, they retain high levels 
of vibrational energy that ultimately cause the mol- 
ecules to break apart. The other strategy is to cool 
atoms and then try to get them to form molecules. 
This is the approach used by physicist Jun Ye and 
his coworkers at the University of Colorado in 
Boulder. Ye and his research group were able to 
form molecules of potassium and rubidium at 
ultracold temperatures and then encourage the 
molecules to emit their excess vibrational energy 
using a laser pulse to produce stable molecules at 
about 2 X 107’ K. Because the K-Rb molecule is 
slightly polar (the potassium atom has a slightly 
greater electronegativity value than the rubidium 
atom, which leads to a dipole °- K-Rb**), the mole- 











cules can be manipulated by an electric field. Ye 
and his coworkers have observed the reaction 


2K-Rb — K, + Rb 


at these ultralow temperatures. Because the 
motions of the molecules are so slow at these tem- 
peratures, the researchers have been able to study 
the details of this reaction. For example, they 
found that the reaction occurs only when the mol- 
ecules are head to tail and that the reaction is 
greatly speeded up when the electric field around 
the molecule is increased. They also observed that 
the molecules react with greater certainty when 
they are within 1 nm of each other. 

Theoretical studies by Paul Julienne at the 
National Institute of Standards and Technology in 
Maryland and Zbigniew Idziaczek at the Univer- 
sity of Warsaw predict how the molecules find 
each other so that they can react. At these low 
temperatures, the molecules behave more like 
diffuse waves than discrete spots, and the waves 
can spread beyond the individual molecules for 
hundreds of nanometers. These waves affect how 
the molecules close in on each other to react. As 
more of these studies are done at ultracold temper- 
atures, we are certain to learn a lot more about 
how molecules react with each other. 





Table 15.7 





Examples of Elementary Steps and Corresponding Rate Laws 





Elementary Step 








A —> products 


A + A —> products 
(2A —»> products) 


A + B —-+ products 


A+ A+B —-> products 


(2A + B —-> products) 


A+B+C —-» products 








Molecularity Rate Law 
Unimolecular Rate = k[A] 
Bimolecular Rate = k[A]? 
Bimolecular Rate = k[A][B] 
Termolecular Rate = k[A]?[B] 
Termolecular Rate = k[A][B][C] 
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Christopher Rose-Petruck Studies 


Ultrafast X-ray Spectroscopy 


Chemistry Explorers 





Christopher Rose-Petruck, Associate Professor of 
Chemistry at Brown University, was educated in 
Germany, receiving his Ph.D, at the Ludwig- 
Maximilians University in Munich. 

Professor Rose-Petruck’s research focuses on the 
detailed mechanisms of certain important reactions 
that occur in solution. Because molecules undergo 
structural changes as they react on the timescale of 
picoseconds (107 !* s) and femtoseconds (10~'5 s), 
“seeing” these changes occur requires ultrafast spec- 
troscopic techniques. Professor Rose-Petruck and 
his group use ultrafast X-ray spectroscopy to study 
reactions as they occur in solutions. As part of their 
research, they have designed a reliable laboratory 
instrument that delivers the ultrashort X-ray pulses 
needed for ultrafast X-ray spectroscopy. To do this 
Professor Rose-Petruck developed a high power 
laser-driven X-ray source. 

One system that Professor Rose-Petruck has 
been investigating involves the reactions of the iron 





carbonyl compound 
Fe(CO); in solution. He 
and his students have 
found that Fe(CO),; rear- 
ranges in solution in a 
way that allows a solvent 
molecule to directly 
attach to the iron atom. 
This knowledge is impor- 
tant in understanding 
how Fe(CO); and similar 
compounds react in 
solution. 


Professor Rose-Petruck plans to continue his 
studies of chemical reactions with the goal of 
“seeing” the reactants approach each other, form 
some sort of activated complex, and follow the 


products as they separate. 







Courtesy of Gabriela Petruck/Christopher 


Rose-Petruck 


Christopher Rose- 
Petruck with his children. 





To see how these requirements are applied, we will consider the mecha- 


nism given above for the reaction of nitrogen dioxide with carbon monoxide. 
First, note that the sum of the two steps gives the overall balanced equation: 


NO,(g) + NO2(g) —> NO3(g) + NO(g) 

NO,(g) + CO(g) —> NO,(g) + CO,(g) 
N@3(g) + NO,(g) + NO3(g) + CO(g) —> NOz(g) + NO(g) + NOx(g) + COz(g) 
Overall reaction: NO,(g) + CO(g) —> NO(g) + CO,(g) 





The first requirement for a correct mechanism is met. To see whether the 
mechanism meets the second requirement, we need to introduce a new con- 
cept: the rate-determining step.* Multistep reactions may have one step that is 
much slower than all the others. Reactants can become products only as fast as 


A reaction is only as fast as its slowest they can complete this slowest step. That is, the overall reaction can be no 


step. 


faster than the slowest or rate-determining step in the sequence. An analogy for 
this situation is the rapid pouring of water through a funnel into a container. 
The water collects in the container at a rate that is essentially determined by 
the size of the funnel opening and not by the rate of pouring. 





*The concept of a rate-controlling step in a reaction mechanism is complex and often misleading. 
For a comprehensive discussion of this issue, see “Rate-Controlling Step: A Necessary or Useful 
Concept,” by Keith J. Laidler, J. Chem. Ed. 65 (1988): 250. 
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The rate at which this colored solution 
enters the flask is determined by the 
size of the funnel stem, not how fast 
the solution is poured. 


B+: wa— Bre 
2+ea — 





Which is the rate-determining step in the reaction of nitrogen dioxide with 
carbon monoxide? Let’s assume that the first step is rate determining and the 
second step is relatively fast: 


NO,(g) + NO2(g) —~ NO3(g) + NO(g) Slow (rate determining) 
NO3(g) + CO(g) —~ NO2(g) + CO2/(g) Fast 


What we have really assumed here is that the formation of NO; occurs much 
more slowly than its reaction with CO. The rate of CO) production is then 
controlled by the rate of formation of NO; in the first step. Since this is an 
elementary step, we can write the rate law from the molecularity. The bimo- 
lecular first step has the rate law 

d{NO3] 


Rate of formation of NO; = ree = Pld Oey ¢ 


Since the overall reaction rate can be no faster than the slowest step, 
Overall rate = k,;[NO>]? 


Note that this rate law agrees with the experimentally determined rate law 
given earlier. Since the mechanism we assumed above satisfies the two require- 
ments stated earlier, it may be the correct mechanism for the reaction. 


‘EXAMPLE 15.6 


The balanced equation for the reaction of gaseous nitrogen dioxide and fluo- 
rine 1s 





ZNOz(2) + Foie) ——> ZNO Me) 
The experimentally determined rate law is 
Rate = k[NO3][F)] 
A suggested mechanism for this reaction is 
NOJAR NOR + F Sing 
F + NO, —2> NO,F Fast 
Is this an acceptable mechanism? That is, does it satisfy the two requirements? 


Solution The first requirement for an acceptable mechanism is that the sum of 
the steps give the balanced equation: 


NO, + F, —> NO,F+F 
F + NO, —> NO>F 
2NO, + F, + F —> 2NO,>F + F 
Overall reaction: 2NO, + F, ——> 2NO,F 





The first requirement is met. 

The second requirement is that the mechanism must agree with the experi- 
mentally determined rate law. Since the proposed mechanism states that the 
first step is rate determining, the overall reaction rate must be that of the first 
step. The first step is bimolecular, so the rate law is 


Rate = k,[NO)][F)] 


This has the same form as the experimentally determined rate law. The pro- 
posed mechanism is acceptable because it satisfies both requirements. (Note 
that we have not proved it is the correct mechanism.) 


The second step is relatively slow 
because of the very small concentra- 
tion of O3 molecules. 
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How does a chemist deduce the mechanism for a given reaction? The rate 
law is always determined first. Then, using chemical intuition and following 
the two rules given above, the chemist constructs a possible mechanism. Until 
recently, we could not prove a mechanism absolutely. We could only say that 
a mechanism that satisfies the two requirements is possibly correct. Recent 
advances in spectroscopy, however, such as those pioneered by Professor 
Ahmed Zewail (see “Femtochemistry” on page 721) and the use of STM tech- 
niques to study reactions, have provided the means for identifying mechanisms 
exactly (see “Seeing Reaction Mechanisms” on page 744). Deducing the mech- 
anism for a chemical reaction is difficult; it requires skill and experience. We 
will only touch on this process in this text. 


Mechanisms with Fast Forward and Reverse First Steps 


A common type of reaction mechanism is one involving a first step in which 
both the forward and reverse reactions are very fast compared with the reac- 
tions in the second step. An example of this type of mechanism is that for the 
decomposition of ozone to oxygen. The balanced reaction is 


203(g) ——> 30)(g) 
The observed rate law is 


[O3} 
[02] 


Note that this rate law is unusual in that it contains the concentration of a 
product. The mechanism proposed for this process is 





Rate =k 


The double arrows in the first step indicate that both the forward and reverse 
reactions are important. They have the rate constants k; and k_,, respectively. 

For this mechanism we will assume that both the forward and reverse reac- 
tions of the first step are very fast compared with the reaction in the second 
step. This means that the second step is rate determining. Therefore, the rate 
for the overall reaction is equal to the rate of the second step: 


Rate = ko[O][O3] 


This rate law does not have the same form as the experimentally determined 
rate law. For one thing, it contains the concentration of the intermediate, an 
oxygen atom. We can remove [O] and obtain a rate law that agrees with the 
experiment results by making an additional assumption. We assume that the 
rates of the forward and reverse reactions in the first step are equal. That is, we 
assume that the initial reversible fast step is at equilibrium. This makes sense 
because the rates of both the forward and reverse reactions for the first step are 
so much faster than the rate of the second step. For the first step, 


Rate of forward reaction = k,[O3] 
and Rate of reverse reaction = k_,[O>][O] 


At equilibrium we have 


k,[O3] = k-[O2][O] 
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Chemical Insights : Seeing Reaction Mechanisms 








Until very recently chemists could only guess at 
the details of reaction mechanisms. New develop- 
ments such as femtosecond spectroscopy (see 
“Femtochemistry” on page 721) and scanning tun- 
neling microscopy (STM; see “Seeing Atoms” on 
page 22) have enabled scientists to begin to see the 
details of chemical reactions. 

A perfect example of these new techniques is 
furnished by the study of the oxidation of carbon 
monoxide by oxygen to form carbon dioxide by 
Professor Wilson Ho and his coworkers at the Uni- 
versity of California at Irvine. Taking advantage of 
the single-molecule dexterity of the tip of an STM 
instrument, Ho and his colleagues maneuvered a 
single CO molecule on a silver surface until it was 
near an adsorbed O) molecule (Fig. 15.9). At this 
point an O—CO—O intermediate formed on the 
surface. A little shot of energy from the STM tip 
caused the intermediate to form CO:, which exited 
the surface while leaving a lone O atom behind. In 








Dr. Wilson Ho/University of California, Irvine 





another study Ho and his coworkers found that (c) (d) 
CO, could be formed by depositing a CO molecule Figure 15.9 
from the STM tip onto an oxygen atom on the The STM images of the reaction of CO and Oz. (a) An O2 
surface. molecule (oval) and a CO molecule (circle) on a surface. 
The new techniques of femtosecond spectros- As the two molecules approach each other, a reaction 
copy and STM are revolutionizing the way chemis- occurs (b) to form an O—CO—O complex (c). After an 
try is carried out. We are now at the point where electron pulse is applied to the complex, a newly formed 
we can “see” the detailed pathways of chemical COs, molecule exits the surface, leaving behind a single 
reactions. O atom (d). 
We solve for [O]: 
[O] = k,[O3]| 
k_,[O)] 
Now we substitute the expression for [O] into the rate law for the second step: 
k,|O; kk (O37 
Rate = k,[O][O,] = b( pes 3) \io,) = RtulOst 
k_,[O)] k1 0; 
wy lOslk 
[Op] 


where k is a composite constant representing kyk,/k_}. 

This rate law, derived by postulating the two elementary steps and making 
assumptions about the relative rates of these steps, agrees with the experimen- 
tal rate law. Since this mechanism (the elementary steps plus the assumptions) 
also gives the correct overall stoichiometry, it is an acceptable mechanism for 
the decomposition of ozone to oxygen. 
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EXAMPLE 15.7 . 
The gas-phase reaction of chlorine with chloroform is described by the equation 





The rate law determined from experiment has a noninteger order: 
Rate = k[Cl,]'[CHCI] 


A proposed mechanism for this reaction follows: 


k 
Cl(g) — 2Cl(g) Both fast with equal rates 
| 


(fast equilibrium) 
GligCHCLis).="> HGlci CChig\. Slow 
CeLteit Clie)" CClita) Feat 


Is this an acceptable mechanism for the reaction? 
Solution Two questions must be answered. First, does the mechanism give the 


correct overall stoichiometry? Adding the three steps does yield the correct bal- 
anced equation: 





Claig) == 2Cl(g) 
Cl(g) + CHCI;(g) —» HCl(g) + CCh(g) 
CCh(g) + Cl(g) —> CCli(g) 
) 
) 








Ch(g) + €i(g) + CHCh(g) + GEG(g) + I(g) —+> 2€I(g) + HCl(g) + CEG(g) + CCl(g) 
Overall reaction: Clo(g) + CHCl;(g) —~ HCl(g) + CCla(g) 


Second, does the mechanism agree with the observed rate law? Since the 
overall reaction rate is determined by the rate of the slowest step, 
Overall rate = rate of second step = k2[Cl][CHCl] 


Since the chlorine atom is an intermediate, we must find a way to eliminate 
[Cl] in the rate law. This can be done by recognizing that since the first step is 
at equilibrium, its forward and reverse rates are equal: 


ky[Ch] = k-4[Cl}? 
Solving for [Cl]? gives 


> — RilCly] 
are 


Taking the square root of both sides yields 


[Cl] 





and 





k 1/2 
Rate = k,[ Cl ][.CE 1G = az ) fell ICHGIe — RIG el CHe)s| 
=p 


ky 1/2 
where k= a(¢*) 
1 


The rate law derived from the mechanism agrees with the experimentally ob- 
served rate law. This mechanism satisfies the two requirements and thus is an 
acceptable mechanism. 
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1557 | The Steady-State Approximation 


In the simplest reaction mechanisms, one particular step is usually rate deter- 
mining. However, it is not unusual in complex, multistep reaction mechanisms 
for different steps to be rate determining under different sets of conditions. 

In cases where a specific rate-determining step cannot be chosen, an analy- 
sis called the steady-state approximation is often used. The central feature of 
this method is the assumption that the concentration of any intermediate re- 
mains constant as the reaction proceeds. An intermediate is neither a reactant 
nor a product but something that is formed and then consumed as the reaction 
proceeds. 

For example, the reaction between nitric oxide and hydrogen, 


2NO(g) + Hy(g) —> N2O(g) + H2O(g) 


may proceed via the following mechanism: 
ky 
Le 2INO a N,O, 


ENC ON OT ee NO EO 


In this mechanism the intermediate is N»O,. To apply the steady-state ap- 
proximation to this mechanism, we assume the concentration of NO» remains 
constant. That is, 


d[N,O,] 
dt 


Next, we will identify the steps that produce NO, and those that consume 
N2O) and write the rate law for each. Then we will apply the condition that the 
concentration of NjO) is constant by setting the total rate of production of 
N2O, equal to the total rate of consumption of NO. That is, if 


= 0 


Rate of production of N,O, = rate of consumption of N,O> 
d[N,0}] 


then eae WS Ze 


dt 


Rate of Production of N.O. 


In this mechanism NjQ) is produced only in the forward part of the first ele- 
mentary step, 


2NO —> N,0, 
and the rate law for this step is 


d|N,O,] = > 


Rate of Consumption of NO, 
In this mechanism NO) is consumed in the reverse part of the first step, 
2NO << N,0, 
and in the second step, 
NOs) Hae UN Oct FLO 
The rate laws for these steps are 


d{N,O d\N,O 
-2N01) = k_,[N,05] and -AN0r) = ko [N,O, |[H,] 
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The Steady-State Condition 


Now we equate the rates of production and consumption of N,Q): 


ki [NO]? = k-4[N2O2] + ko[N2O2][Hp] 


Rate of production ‘Total rate of consumption 


The Rate Law for the Overall Reaction 


Next, we will write the rate law for the overall reaction, 
2NO Ar H, —<—— N,O st H,O 


We can do this in several ways, depending on which reactant or product we use 
to represent the rate. In this case we will choose the decomposition of H) to 
define the rate: 


d(H 
Rate of reaction = _a{H)] 


dt 


Note that H is consumed only in the second step of the mechanism: 


NiO) Hp ae Ora LLO 
Thus the rate law is 


d{H)] 
dt 





= ky [N,O, |[H2] 


However, this is not the final form of the rate law for the overall reaction 
because it contains the concentration of an intermediate. We can remove this 
concentration from the rate law by solving the steady-state expression 


Ri [NO}* = k_-i[N2O] + ko[N20>][Ho] 








for [N2Op]: 
k, [NOF 
oe errata 
We substitute this expression into the rate law, 
Rate = mallee = k,[N,O>][H2] 
dt 
to give 
_ _a{Hy] ( k, [NOF ) 
Rate = dt k,[H, | ye na ko[Hb] 
_ dy] _ &ki fH JINOF 
or Rate = — 





dt a k_, a7 k,[H)] 


This is the overall rate law for the proposed mechanism based on the 
steady-state analysis. Note that this rate law is quite complicated, which is 
common for rate laws obtained by assuming steady-state conditions. The usual 
practice for testing the validity of a complicated rate law involves choosing 
concentration conditions that produce a simpler form of the rate law. For ex- 
ample, if the reaction between NO and H)j is studied under conditions where 
the concentration of H, is large enough so that 


ko[Ho| > R-1 
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then the full rate law 


kok, LH) |[NOF 
k_, + k,[H)] 





reduces to 


kk [Hy ]LNO 
ky [Hy] 





= k, [NOP 


Thus, at sufficiently high concentrations of H), the reaction should show sec- 
ond-order dependence on the concentration of nitric oxide if the suggested 
mechanism is valid. 

On the other hand, at low concentrations of H», such that 


k_, > ko[Ho] 


the rate law reduces to the form 





ire & 28H, JINOP ~ KH) NOP 


=a 


Studies of the reaction under these conditions should show first-order depen- 
dence on [H)], as well as second-order dependence on [NO], if the suggested 
mechanism is valid. 

The ideas we have developed above for a specific mechanism can be gen- 
eralized as follows. 


Analyzing a Mechanism Using the Steady-State Approximation 


1 Write the proposed mechanism (the elementary steps). 


2 Construct a steady-state expression for each intermediate I by applying the 
criterion 


which means that 
Rate of production of | = rate of consumption of I 


This condition is implemented by identifying each step that produces or 
consumes I and writing the appropriate rate law for each. The sum of the 
rate laws that produce I are then set equal to the sum of the rate laws that 
consume I. 


3 From the steady-state approximation for each intermediate I,, L,.. 
solve for [I;], [L],.... 


bie | 


4 Construct the rate law for the overall reaction in terms of one of the reac- 


tants or products. The decision about which reactant or product to use in 
constructing the rate law is based on convenience. 


5 Use the expressions from step 3 for [I,], [L], ... to substitute for the con- 


centrations of intermediates found in the rate law for step 4. The goal is 
to obtain an overall rate law that contains only reactant and/or product 
concentrations. 
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T (K) 


Figure 15.10 

A plot showing the exponential depen- 
dence of the rate constant on absolute 
temperature. The exact temperature 
dependence of k is different for each 
reaction. This plot represents the 
behavior of a rate constant that 
doubles for every increase in tempera- 
ture of 10 K. 


The higher the activation energy, the 
slower is the reaction at a given 
temperature. 


| A Model for Chemical Kinetics 


How do chemical reactions occur? We already have given some indications. 
For example, we have seen that the rates of chemical reactions depend on the 
concentrations of the reacting species. The initial rate for the reaction 


aA + bB —=> products 
can be described by the rate law 
Rate = k[A]"[B]” 


where the order of each reactant depends on the detailed reaction mechanism. 
This explains why reaction rates depend on concentration. But what about 
some of the other factors affecting reaction rates? For example, how does tem- 
perature affect the speed of a reaction? 

We can answer this question qualitatively from our experience. We use 
refrigerators because food spoilage is retarded at low temperatures. The com- 
bustion of wood occurs at a measurable rate only at high temperatures. An egg 
cooks in boiling water much faster at sea level than in Leadville, Colorado 
(elevation 10,000 feet), where the boiling point of water is about 90°C. These 
observations and others lead us to conclude that chemical reactions speed up 
when the temperature is increased. Experiments have shown that virtually all 
rate constants show an exponential increase with absolute temperature, as rep- 
resented in Fig. 15.10. 

In this section we will introduce a model that can be used to account for 
the observed characteristics of reaction rates. This model, the collision model, 
is built around the central idea that molecules must collide to react. We have 
already seen that this assumption can explain the concentration dependence of 
reaction rates. Now we need to consider whether this model can also account 
for the observed temperature dependence of reaction rates. 

The kinetic molecular theory of gases predicts that an increase in tempera- 
ture increases molecular velocities and so increases the frequency of intermo- 
lecular collisions. This agrees with the observation that reaction rates are 
greater at higher temperatures. Thus there is qualitative agreement between the 
collision model and experimental observations. However, it is found that the 
rate of reaction is much smaller than the calculated collision frequency in a 
given collection of gas particles. This must mean that only a small fraction of 
the collisions produces a reaction. Why? 

This question was first addressed in the 1880s by Svante Arrhenius. He 
proposed the existence of a threshold energy, called the activation energy, that 
must be overcome to produce a chemical reaction. We can see that this pro- 
posal makes sense by considering the decomposition of BrNO in the gas phase: 


2BrNO(g) —> 2NO(g) + Br2(g) 


In this reaction two Br—N bonds must be broken and one Br—Br bond must 
be formed. Breaking a Br—N bond requires considerable energy (243 kJ/mol), 
which must come from somewhere. The collision model postulates that the 
energy required to break the bonds comes from the kinetic energies possessed 
by the reacting molecules before the collision. This kinetic energy is changed 
into potential energy as the molecules are distorted during a collision, breaking 
bonds and rearranging the atoms into the product molecules. 

We can envision the reaction progress as shown in Fig. 15.11. The ar- 
rangement of atoms found at the top of the potential energy “hill,” or barrier, 
is called the activated complex, or transition state. The conversion of BrNO to 
NO and Br) is exothermic, as indicated by the fact that the products have 
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(transition state) 








(products) 


Reaction progress —————___—_> 


ONBr 
ON-Br 

5a 

3) 

5 

E 

io) 

a0 

(reactant) 
(a) 
Figure 15,11 


(b) 


(a) The change in potential energy as a function of reaction progress for the reaction 2BrNO —~> 2NO + Bro. The activation energy 
E, represents the energy needed to disrupt the BrNO molecules so that they can form products. The quantity AE represents the net 
change in energy in going from reactant to products. (b) A molecular representation of the reaction. 


— Number of collisions» 


Ol ———$$< = 


Figure 15,12 

Plot showing the number of collisions 
with a particular energy at 7; and To, 
where To > 7). 





lower energy than the reactant. However, AE has no effect on the rate of the 
reaction. Rather, the rate depends on the size of the activation energy E,. 

The main point here is that a certain minimum energy is required for two 
BrNO molecules to “get over the hill” so that products can form. This is fur- 
nished by the collision energy. A collision between two BrNO molecules with 
small kinetic energies will not have enough energy to get over the barrier, and 
no reaction occurs. At a given temperature, only a certain fraction of the colli- 
sions possess enough energy to be effective and thus to result in product 
formation. 

We can be more precise by recalling from Chapter S that a distribution of 
velocities occurs in a sample of gas molecules. Therefore, a distribution of col- 
lision energies also occurs, as shown in Fig. 15.12 for two different tempera- 
tures. Figure 15.12 also shows the activation energy for the reaction in ques- 
tion. Only collisions with energy greater than the activation energy are able to 
react (get over the barrier). At the lower temperature Tj, the fraction of effec- 
tive collisions is quite small. However, as the temperature is increased to T), 
the fraction of collisions with the required activation energy increases dramati- 
cally. When the temperature is doubled, the fraction of effective collisions 
much more than doubles. In fact, the fraction of effective collisions increases 
exponentially with temperature. This agrees with the observation that rates of 
reactions increase exponentially with temperature. 

Arrhenius postulated that the number of collisions having an energy equal 
to or greater than the activation energy is given by the expression 


Number of collisions with at least the activation energy 


= (total number of collisions)e~=/R? 


where E, is the activation energy, R is the universal gas constant, and T is the 
Kelvin temperature. The factor e~*:/®! represents the fraction of collisions with 
energy E, or greater at temperature T. 

We have seen that not all molecular collisions are effective in producing 
chemical reactions because a minimum energy is required for the reaction to 
occur. There is, however, another complication. Experiments show that the 


Figure 15.13 

Several possible orientations for a colli- 
sion between two BrNO molecules. 
Orientations (a) and (b) can lead to a 
reaction, but orientation (c) cannot. 
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ae x paid —> @p 





(c No reaction 


observed reaction rate is considerably smaller than the rate of collisions with 
enough energy to surmount the barrier. This means that many collisions, even 
though they have the required energy, still do not produce a reaction. Why not? 

The answer lies in the molecular orientations during collisions. We can il- 
lustrate this effect by using the reaction between two BrNO molecules, as 
shown in Fig. 15.13. Some collision orientations can lead to reaction, and oth- 
ers cannot. Therefore, we must include a correction factor to allow for colli- 
sions with nonproductive molecular orientations. 

To summarize, two requirements must be satisfied for reactants to collide 
successfully (to rearrange to form products): 


1. The collision must involve enough energy to produce the reaction; that is, 
the collision energy must equal or exceed the activation energy. 


2. The relative orientations of the reactants must allow formation of any new 
bonds necessary to produce products. 


Taking these factors into account, we can represent the rate constant as 
k = zpe-FdRT 


where z is the collision frequency (the total number of collisions per second). 
The factor p in this expression, called the steric factor, reflects the fraction of 
collisions with effective orientations. Recall that the factor e */®? represents 
the fraction of collisions with sufficient energy to produce a reaction. This ex- 
pression is most often written in the form 


k = Ae-FuRT (15.9) 
which is called the Arrhenius equation. In this equation A, which replaces zp, 
is called the pre-exponential factor, or frequency factor, for the reaction. 

Taking the natural logarithm of each side of the Arrhenius equation yields 


Gi -4 (=) + In(A) (15.10) 


Equation (15.10) is a linear equation of the type y = mx + b, where y = In(k), 
m = —E,/R = slope, x = 1/T, and b = In(A) = intercept. Thus, for a reaction 
where the rate constant obeys the Arrhenius equation, a plot of In(k) versus 
1/T gives a straight line. The slope and intercept can be used to determine the 
values of E, and A characteristic of that reaction. The fact that most rate con- 
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Figure 15.14 

Plot of In(k) versus 1/T for the reaction 
2N205(g) —> 4NO2(g) + O2(g). The 
value of the activation energy for this 
reaction can be obtained from the 
slope of the line, which equals —E,/R. 


stants obey the Arrhenius equation to a good approximation indicates that the 
collision model for chemical reactions is physically reasonable. 


EXAMPLE 15.8 


The reaction 
2N205(g) —~> 4NO2(g) + O2(g) 


was studied at several temperatures and the following values of k were 
obtained: 


k (s“*) T (°C) 
2:0 <10- 20 
7.3% 1073 30 
27 Gas 40 
Sx 10 50 
ON Soi We 60 


Calculate the value of E, for this reaction. 


Solution To obtain the value of E,, we need to construct a plot of In(k) versus 
1/T. First, we must calculate values of In(k) and 1/T: 





T (°C) T (K) 1/T (K) k (s7}) In(k) 
20 293 3.41 x 1073 2.0 x 10-5 ~10.82 
30 303 3.30 x 10-3 TA AS = 9.53 
40 313 3.19 x 10-3 2.7 x 10-4 ~8.22 
50 323 3.10 x 10-3 9.1 x 10-4 ~7.00 
60 333 3.00 x 1073 2.9 x 1073 ~5.84 


The plot of In(k) versus 1/T is shown in Fig. 15.14. The slope is found to be 


1.2 x 10* K. Since 


—6.00 


-7.00 


—9.00 


| 
i 
= 
> 
o 


3.00 3.25 
x 103 


L/T (K) 





3.50 
x 103 
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then 


E, 


—R(slope) = —(8.3145 J K~! mol~!)(—1.2 x 10* K) 
1.0 X 10° J/mol 


Thus the value of the activation energy for this reaction is 1.0 X 105 J/mol. 


The most common procedure for finding E, for a reaction involves mea- 
suring the rate constant k at several temperatures and then plotting In(k) versus 
1/T, as shown in Example 15.8. However, E, can also be calculated from the 
values of k at only two temperatures using a formula that can be derived as 
follows from Equation (15.10). 

At temperature T\, the rate constant is k,; thus 





At temperature T), the rate constant is k»; thus 





(ears -32 AHA) 
2 


Subtracting the first equation from the second gives 


in 72) = 2 = *) (ioata 
Fie Cel avis a0 uy) 


Therefore, the values of k; and ky measured at temperatures T; and T, can be 
used to calculate E,. 
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Catalysis 


We have seen that the rate of a reaction increases dramatically with tempera- 
ture. If a particular reaction does not occur fast enough at normal tempera- 
tures, we can speed it up by raising the temperature. However, sometimes this 
is not feasible. For example, since living cells can survive only in a rather nar- 
row temperature range, the human body is designed to operate at an almost 
constant temperature of 98.6°F. But the many complicated biochemical reac- 
tions keeping us alive would be much too slow at this temperature without 
intervention. We survive only because the body contains many substances 
called enzymes that increase the rates of these reactions even though body tem- 
perature remains constant. In fact, almost every biologically important reac- 
tion is assisted by a specific enzyme. An important example involves the en- 
zyme carbonic anhydrase, which catalyzes the reaction of carbon dioxide with 
water: 


CO, ali H,O ———— HGOss se We 





This crucial reaction allows the carbon dioxide that forms in the cells during 
metabolism to be removed. If the carbon dioxide were allowed to accumulate, 
it would poison the cell. Carbonic anhydrase is so efficient that one molecule 
of enzyme can catalyze the reaction of over 600,000 carbon dioxide molecules 
in one second! 

Although it is possible to use higher temperatures to speed up commer- 
cially important reactions, such as the Haber process for synthesizing ammo- 
nia, this is very expensive. In a chemical plant an increase in temperature means 
significantly increased energy costs. The use of an appropriate catalyst allows 
a reaction to proceed rapidly at a relatively low temperature and therefore can 
hold down production costs. 
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Chemical Insights 


TiO.—One of Nature’s Most Versatile Materials 








Titanium(IV) oxide (commonly called titanium 
dioxide) is a compound with an amazing array of 
talents. It is a widely used white pigment for paint, 
paper, vinyl floor coverings, sunscreens, and syn- 
thetic fibers. However, it is much more than a 
simple pigment. TiOs, it appears, has an almost 
unlimited ability to catalyze the breakdown of 
organic materials. In Japan, scores of companies 
are scrambling to take advantage of this remark- 
able talent. TiO2-impregnated paint used on build- 
ings and in automobile and rail tunnels prevents 
the buildup of oily dust, TiO2-impregnated glass 
prevents oily buildup on chandeliers and automo- 
bile windows, and a TiO)-impregnated fan belt 
can help break down grease that often clogs we 
kitchen exhaust fans. TiO, catalysis can also be A white paint pigment that contains TiOz. 





© Anteromite/Shutterstock.com 


used to break down air pollutants such as cigarette 
smoke and nitrogen oxides. In addition to all these species with unpaired electrons. These extremely 
talents, TiO) kills bacteria. reactive radicals can react with and destroy virtu- 
TiO, is a photocatalyst—it requires light for its ally all organic materials. The formation of these 
catalytic activity. It also requires the presence of radicals also explains the ability of TiO, to cata- 
oxygen and water. The mechanism for the catalytic lyze the reactions of nitrogen oxides to form nitric 
behavior of TiO) results from its behavior as a acid. These radicals are lethal to microorganisms 
semiconductor. When light is absorbed by TiOz, and explain the ability of TiO, to behave as a 
free electrons and “holes” are created that cause bactericide. 
adsorbed water and oxygen molecules to form New uses are being found daily for the many 
hydroxyl (OH) and superoxide (O,~) radicals, talents of TiQ). 











Reaction progress ————> 


Figure 15.15 

Energy plots for catalyzed and uncata- 
lyzed pathways for a given reaction. 
Note that although the shapes of the 
catalyzed and uncatalyzed energy pro- 
files are shown here the same for sim- 
plicity, they do not have identical 
shapes for actual reactions. 


A catalyst is a substance that speeds up a reaction without being consumed 
itself. Just as virtually all vital biological reactions are assisted by enzymes (bio- 
logical catalysts), almost all industrial processes also benefit from the use of 
catalysts. For example, the production of sulfuric acid uses vanadium(V) ox- 
ide, and the Haber process uses a mixture of iron and iron oxide. 

How does a catalyst work? Remember that for each reaction a certain 
energy barrier must be surmounted. How can we make a reaction occur faster 
without raising the temperature to increase the molecular kinetic energies? The 
solution is to provide a new pathway for the reaction, one with a lower activa- 
tion energy. That is what a catalyst does, as shown in Fig. 15.15. Because the 
catalyst allows the reaction to occur along a pathway with a lower activation 
energy, a much larger fraction of collisions is effective at a given temperature. 
Thus the reaction rate is increased. This effect is illustrated in Fig. 15.16. Note 
from this diagram that although a catalyst lowers the activation energy (E,) for 
a reaction, it does not affect the energy difference (AE) between products and 
reactants. 

Catalysts are classified as homogeneous or heterogeneous. A homogeneous 
catalyst is one that is present in the same phase (physical state) as the reacting 
molecules. A heterogeneous catalyst exists in a different phase, usually as a solid. 


Figure 15.16 

Effect of a catalyst on the number of 
reaction-producing collisions. Because 
a catalyst provides a reaction pathway 
with a lower activation energy, a much 
greater fraction of the collisions is 
effective for the catalyzed pathway (b) 
than for the uncatalyzed pathway (a) 
(at a given temperature). This allows 
reactants to become products at a 
much higher rate, even though there is 
no temperature increase. 
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with a given energy 


Number of collisions 
with a given energy 
Number of collisions 





E, (uncatalyzed) E, (catalyzed) 


Energy ——————> 7 neiey es 


(a) (b) 


Heterogeneous Catalysis 


Heterogeneous catalysis most often involves gaseous reactants being adsorbed 
on the surface of a solid catalyst. Adsorption refers to the collection of one 
substance on the surface of another substance; absorption refers to the pene- 
tration of one substance into another. Water is absorbed by a sponge. 

One of the earliest examples of heterogeneous catalysis involves the syn- 
thesis of ammonia from nitrogen and hydrogen. This process was developed 
in 1909 by German chemist Fritz Haber—who tested more than 1000 pos- 
sible catalysts before settling on iron as the best choice. (Today, ammonia 
manufacturers use a solid catalyst consisting of a mixture of iron, potas- 
sium, and calcium that performs better than iron alone.) Although Haber 
had no means for determining why iron was a good catalyst, it is now un- 
derstood that the key to iron’s effectiveness is that the strong nitrogen—ni- 
trogen and hydrogen—hydrogen bonds are weakened when the H; and N) 
molecules are bound to iron atoms on the surface of the metal. Iron turns 
out to be an ideal catalyst because the iron—-nitrogen bond is sufficiently 
strong that the nitrogen atoms on the surface do not recombine to form N> 
but is weak enough to allow nitrogen and hydrogen atoms on the surface to 
combine to form ammonia. 

An important example of heterogeneous catalysis occurs in the hydroge- 
nation of unsaturated hydrocarbons, compounds composed mainly of carbon 
and hydrogen and containing some carbon-carbon double bonds. Hydroge- 
nation is an important industrial process used to change unsaturated fats, 
occurring as oils, to saturated fats (solid shortenings such as Crisco). In this 
process the C=C bonds are converted to C—C bonds through the addition of 
hydrogen. 

A simple example of hydrogenation involves ethylene: 


i H la legia! 
\ A ea 
ore (oye tine) a) (emai Lie 
H H Hess 
Ethylene Ethane 


This reaction is quite slow at normal temperatures mainly because the strong 
bond in the hydrogen molecule results in a large activation energy for the reac- 
tion. However, the reaction rate can be greatly increased by using a solid cata- 
lyst of platinum, palladium, or nickel. The hydrogen and ethylene adsorb on 
the catalyst surface, where the reaction occurs. The main function of the cata- 
lyst apparently is to allow formation of metal-hydrogen interactions that 
weaken the H—H bonds and facilitate the reaction. The mechanism is illus- 
trated in Fig. 15.17. 





Chemistry Explorers 


Chapter 15 Chemical Kinetics 





Christopher Arumainayagam Researches 
the Interactions of Molecules with Surfaces 





Professor Christopher Arumainayagam, who has 
been on the faculty of Wellesley College since 
1990, received his B.A. degree from Harvard Uni- 
versity and his Ph.D. from Stanford University. 

One goal of Professor Arumainayagam’s 
research is to understand the interactions of mole- 
cules with solid surfaces in order to learn more 
about the reaction mechanisms of heterogeneous 
catalysis. In experiments conducted using molecu- 
lar beams (narrow streams of molecules that are 
undisturbed by collisions with other gas mole- 
cules), Professor Arumainayagam has studied how 
adsorption on a solid surface depends on the veloc- 
ity and angle of approach of the incident molecule. 
In collaboration with Professor John Yates, Profes- 
sor Arumainayagam has also studied the produc- 
tion and removal of surface defects (irregularities) 
that are thought to play a critical role in the per- 
formance of heterogeneous catalysts. 





In his current research 
at Wellesley College, Pro- 
fessor Arumainayagam 
and his undergraduate 
students are using surface 
science techniques and 
low-energy electron 
beams to understand how 
high-energy particles 
(e.g., electrons, protons, 
alpha particles) and high- 
energy photons (e.g., 

X rays and gamma rays) interact with matter, 
causing ionization. Results of their studies may 
provide information that could further cost- 
efficient destruction of hazardous chemicals and 
improve our understanding of the electron-induced 
decomposition of feed gases used in the processing 
of semiconductor devices. 


Christopher Arumainaya- 
gam and a student. 





Graham Macindoe/Wellesley College 








Heterogeneous catalysis of the hydro- 
genation of ethylene. (a) Hydrogen is 
adsorbed on the metal surface, forming J 
metal-hydrogen bonds and breaking 

the H—H bonds. (b) During adsorption, 

the C—C a bond in ethylene is broken 

and metal-carbon bonds are formed. 

(c) The adsorbed molecules and atoms (a) 
migrate toward each other on the metal 
surface, forming new C—H bonds. 

(d) The C atoms in ethane (C2H,) have 
completely saturated bonding capaci- 

ties and so cannot bind strongly to the 

metal surfaces. The C2Hg molecule thus 








(c) 


wa Carbon 


_» Hydrogen 





Metal surface (b) 











Exhaust 
manifold 


Exhaust 
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Figure 15.18 


Catalytic COs, Na 
converter 
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Typically, heterogeneous catalysis involves four steps: 


Adsorption and activation of the reactants 
Migration of the adsorbed reactants on the surface 


Reaction among the adsorbed substances 


ae) teat hg oe 


Escape, or desorption, of the products 


Heterogeneous catalysis also occurs in the oxidation of gaseous sulfur di- 
oxide to gaseous sulfur trioxide. This process is especially interesting because 
it illustrates both positive and negative consequences of chemical catalysis. 

The negative side is the formation of damaging air pollutants. Recall that 
sulfur dioxide, a toxic gas with a choking odor, is formed when sulfur-contain- 
ing fuels are burned. However, it is sulfur trioxide that causes most of the en- 
vironmental damage, mainly through the production of acid rain. When sulfur 
trioxide combines with a droplet of water, sulfuric acid is formed: 


H,O(/) + SO3(g) —> H2SO,(aq) 


This sulfuric acid can cause considerable damage to vegetation, buildings and 
statues, and fish populations. 

Sulfur dioxide is not rapidly oxidized to sulfur trioxide in clean, dry air. 
Why, then, is there a problem? The answer is catalysis. Dust particles and wa- 
ter droplets catalyze the reaction between SQ) and QO, in the air. 

On the positive side, the heterogeneous catalysis of the oxidation of SO) is 
used to advantage in the manufacture of sulfuric acid, where the reaction of O 
and SO; to form SQ; is catalyzed by a solid mixture of platinum and vanadium(V) 
oxide. 

Heterogeneous catalysis is also used in the catalytic converters of automo- 
bile exhaust systems. The exhaust gases, containing compounds such as nitric 
oxide, carbon monoxide, and unburned hydrocarbons, are passed through a 
converter containing beads of solid catalyst (Fig. 15.18). The catalyst promotes 
the conversion of carbon monoxide to carbon dioxide, hydrocarbons to car- 
bon dioxide and water, and nitric oxide to nitrogen gas, to lessen the environ- 
mental impact of the exhaust gases. This beneficial catalysis can, unfortunately, 
be accompanied by the unwanted catalysis of the oxidation of SO) to SO3, the 
latter reacting with the moisture present to form sulfuric acid. 

Because of the complex nature of the reactions that take place in the con- 
verter, a mixture of catalysts is used. The most effective catalytic materials are 
transition metal oxides and noble metals such as palladium and platinum. A 
catalytic converter typically consists of platinum and rhodium particles depos- 
ited on a ceramic honeycomb, a configuration that maximizes the contact be- 
tween the metal particles and the exhaust gases. In studies performed during 
the last ten years, researchers at General Motors have shown that rhodium 


Tailpipe 










Delphi Automotive Systems 





The exhaust gases from an automobile engine are passed through a catalytic converter to 


minimize environmental damage. 
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Enzymes: Nature’s Catalysts 





The most impressive examples of homogeneous 
catalysis occur in nature, where the complex reac- 
tions necessary for plant and animal life are made 
possible by enzymes. Enzymes are large molecules 
specifically tailored to facilitate a given type of 
reaction. Usually enzymes are proteins, an impor- 
tant class of biomolecules constructed from 
a-amino acids that have the general structure 


R 
Ble | ye 
aM aS 
H H OH 


where R represents any one of 20 different substit- 
uents. These amino acid molecules can be “hooked 
together” to form a polymer (a word meaning 
“many parts”) called a protein. The general struc- 
ture of a protein can be represented as follows: 






Many amino Fragment Fragment Fragment 

acid fragments from an from an from an amino 
amino amino acid with sub- 
acid acid stituent R” 
with sub- with sub- 
stituentR _ stituent R’ 


Since specific proteins are needed by the human 
body, the proteins in food must be broken into their 
constituent amino acids, which are then used to 
construct new proteins in the body’s cells. The reac- 
tion in which a protein is broken down one amino 
acid at a time is shown in Fig. 15.19. Note that in 
this reaction a water molecule reacts with a protein 
molecule to produce an amino acid and a new 
protein containing one fewer amino acid. Without 
the help of the enzymes found in human cells, this 
reaction would be much too slow to be useful. One 
of these enzymes is carboxypeptidase-A, a zinc- 
containing protein (Fig. 15.20). 

Carboxypeptidase-A captures the protein to be 
acted on (called the substrate) in a special groove 








Water 
molecule 
N 
HES 
H H 
Protein 
N 
CS 
H H 
New protein 
Figure 15.19 


The removal of the end amino acid from a protein by 
reaction with a molecule of water. The products are an 
amino acid and a new, smaller protein. 


and positions the substrate so that the end is in the 
active site, where the catalysis occurs (Fig. 15.21). 
Note that the Zn?* ion bonds to the oxygen of the 
C=O (carbonyl) group. This polarizes the electron 
density in the carbonyl group, allowing the neigh- 
boring C—N bond to be broken much more easily. 
When the reaction is completed, the remaining 
portion of the substrate protein and the newly 
formed amino acid are released by the enzyme. 

The process just described for carboxypepti- 
dase-A is characteristic of the behavior of other 
enzymes. Enzyme catalysis can be represented by 
the series of reactions shown below: 


ky 
Ep Eas 


1 


ky 
E° S.=— E+ P 
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Figure 15.20 
The structure of the enzyme carboxypeptidase-A, which contains 
307 amino acids. 





where E represents the enzyme, S represents the 
substrate, E - S represents the enzyme-substrate 
complex, and P represents the products. The 
enzyme and substrate form a complex where the 
reaction occurs. The enzyme then releases the 
products and is ready to repeat the process. The 
most amazing thing about enzymes is their effi- 
ciency. Because an enzyme plays its catalytic role 
over and over and very rapidly, only a tiny amount 
of enzyme is required. This makes the isolation of 
enzymes for study quite difficult. 





Figure 15.21 
Protein-substrate interaction. The sub- 
strate is shown in black and red, with 

the red representing the terminal 
amino acid. Blue indicates side 

chains from the enzyme that help 
bind the substrate. 
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Although Obs is represented here as the 
oxidizing agent for NO, the actual oxi- 
dizing agent is probably some type of 
peroxide compound produced by the 
reaction of oxygen with pollutants. The 
direct reaction of NO with Os is very 
slow. 


promotes the dissociation of NO molecules adsorbed on its surface, thereby 
enhancing the conversion of NO, a serious air pollutant, to No, a natural com- 
ponent of pure air. 

One consequence of the widespread use of catalytic converters has been 
the need to remove lead from gasoline. Tetraethyl lead was used for more than 
50 years as a very effective “octane booster” because of its antiknocking char- 
acteristics. However, lead quickly destroys much of a converter’s catalytic ef- 
ficiency. This poisoning effect, along with health concerns about the toxicity of 
lead, has necessitated the removal of lead from gasoline, which has caused a 
search for other antiknock additives and the redesigning of engines to run on 
lower-octane gasoline. 

Yet another application of solid-state catalysis occurs in the desulfurization 
of petroleum. Natural petroleum includes various molecules that contain sulfur 
atoms. Combustion of this petroleum produces SO, which must be removed 
from the exhaust to prevent air pollution. One way to prevent pollution by SO, 
is to remove the sulfur from the petroleum before it is used for fuel—the desul- 
furization of petroleum. One type of sulfur-containing molecules found in petro- 
leum are thiols, which can be written R—SH, where R represents a molecular 
fragment containing a long chain of carbon atoms. In desulfurization the goal is 
to remove the sulfur from this molecule to produce a hydrocarbon (R—H): 


R—SH — > R—H+S% 


Oil chemists have found that this process is catalyzed by a mixture of molyb- 
denum, cobalt, and sulfur. Because this catalyst is a very complicated sub- 
stance, we are not certain how it works. It is thought that the desulfurization 
reaction involves the thiol binding to the catalytic surface. In this process the 
S—H bond is broken, with the R—S and the H being bound to metal atoms on 
the surface of the catalyst. The H atom is then transferred to the R fragment to 
form R—H, which migrates away, leaving the S behind. 


Homogeneous Catalysis 


A homogeneous catalyst exists in the same phase as the reacting molecules. 
There are many examples in both the gas and liquid phases. One such example 
is the unusual catalytic behavior of nitric oxide toward ozone. In the tropo- 
sphere, the part of the atmosphere closest to earth, nitric oxide catalyzes ozone 
production. However, in the upper atmosphere, it catalyzes the decomposition 
of ozone. Both of these effects are unfortunate environmentally. 

In the lower atmosphere, NO is produced in any high-temperature com- 
bustion process where Nj is present. The reaction 


N2(g) + O2(g) —> 2NO(g) 


is very slow at normal temperatures because of the very strong N=N and 
O=O bonds. However, at elevated temperatures, such as those found in the 
internal combustion engines of automobiles, significant quantities of NO form. 
Some of this NO is converted back to Nj in the catalytic converter, but signifi- 
cant amounts escape into the atmosphere to react with oxygen: 


2NO(g) + O2(g) —> 2NO,(g) 
In the atmosphere NO) can absorb light and decompose as follows: 


Light 


NO2(g) ——> NO(g) + O(g) 


The oxygen atom formed in this process is very reactive and can combine with 
oxygen molecules to form ozone: 


O2(g) + O(g) —> O3(g) 
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Hot, New Enzymes 
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Enzymes, nature’s catalysts, are very attractive to 
chemical companies: Enzymes are very efficient 
catalysts and as natural products they tend to be 
easier on the environment than human-made cata- 
lysts. However, one disadvantage of most enzymes 
is that they can function only near room tempera- 
ture and at pH values near 7. Because of these lim- 
itations, scientists are now looking at the enzymes 
that occur in organisms that exist in extreme 
conditions. 

The exotic microorganisms that thrive in the 
scalding temperatures of hot springs, the freezing 
temperatures of the Arctic, or extremes in pH or 
salinity are called extremophiles and their enzymes 
are called extremozymes. Although the extremo- 
zymes are attractive to industry because they can 
survive in the extreme conditions that often char- 
acterize industrial processes, the parent extremo- 
philes are difficult to grow ‘ 
of the unusual conditions they require. Because of 
the difficulties in culturing these microorganisms, 
biotechnology companies are now “shotgun” 
cloning the DNA from a mix of these extremo- 
philes. The steps in this process are represented 
below. 


‘in captivity” because 











A micrograph of the extremophile Archaeoglobus fulgidis, 
an organism that lives in the hot sediments near subma- 
rine hydrothermal vents. 


The DNA fragments are expressed (proteins 
are made from the genes contained in the frag- 
ments) most commonly using Escherichia coli. 
Interestingly, even though E. coli must be cultured 
under the mild conditions necessary for them to 
survive, the extremozymes formed seem to have 
their characteristic catalytic activities, indicating 
that they have the same structures as when they 
are formed in their native extreme conditions. 

The mixtures of extremozymes produced by 
the expression process are then tested to see if they 
have catalytic activity for the industrial processes 
of interest. If a given mixture shows catalytic activ- 
ity, it is then usually subjected to random DNA 
mutagenesis or “molecule breeding” to see 
whether random evolution of the enzymes will lead 
to improved activities. 

The potential market for the extremozymes is 
huge. Currently, the global market for industrial 
enzymes is more than $7 billion. The companies 
developing the extremozymes hope that their prod- 
ucts can replace existing industrial catalysts, 
making processes more efficient by lowering costs 
and minimizing the formation of by-products. 


Alfred Pasieka/Science Photo Library/Photo Researchers, Inc. 
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Ozone is a powerful oxidizing agent that can react with other air pollutants to 
form substances irritating to the eyes and lungs. 

In this series of reactions, nitric oxide is acting as a true catalyst because it 
assists the production of ozone without being consumed itself. This can be seen 
by summing the reactions: 


NO(g) + 3O2(g) ——> NOx(g) 
NO,(g) —“s NO(g) + O(g) 
O2(g) + O(g) —— Os(g) 





30,(g) ——> O3(g) 


In the upper atmosphere, the presence of nitric oxide has the opposite 
effect—the depletion of ozone. The series of reactions involved is 


NO(g) + O3(g) ——~> NO2(g) + O2(g) 
O(g) + NO2(g) —~> NO(g) + O2(g) 
O(g) + O3(g) —— > 202(g) 


Nitric oxide is again catalytic, but here its effect is to change O3 to Op. This is 
a potential problem because O3, which absorbs ultraviolet light, is necessary to 
protect us from the harmful effects of this high-energy radiation. That is, we 
want QO; in the upper atmosphere to block ultraviolet radiation from the sun. 
However, we do not want it in the lower atmosphere where we have to breathe 
it and its oxidation products. 

Over the last decade, research has shown that the ozone layer in the upper 
atmosphere is also threatened by Freons,* a group of stable, noncorrosive 
compounds long used as refrigerants and propellants in aerosol cans. The most 
commonly used substance of this type was Freon-12 (CCI,F2). The chemical 
inertness of Freons makes them more useful but also creates a problem, since 
they remain for a long time in the environment. Eventually, they migrate into 
the upper atmosphere to be decomposed by high-energy light. Among the de- 
composition products are chlorine atoms: 


Light 


CCLF,(g) ——> CCIF,(g) + Cl(g) 
These chlorine atoms can catalyze the decomposition of ozone: 
Cl(g) + O3(g) —> ClO(g) + Or(g) 
O(g) + ClO(g) —> Cig Ox) 
O(g) + O3(g) —> 20,(g) 


The problem of Freons has been brought strongly into focus by the discov- 
ery of a mysterious “hole” in the ozone layer in the stratosphere over Antarc- 
tica. Studies to find the reason for the hole have found unusually high levels of 
chlorine monoxide (CIO) in the atmosphere over Antarctica. This strongly im- 
plicates the Freons in the atmosphere as being at least partially responsible for 
the ozone destruction in the area. 

Because they pose environmental problems, Freons were banned years ago 
by the U.S. government for use in aerosol cans, and they have recently been 
banned for use in air conditioners and refrigerators. 





*For more information, see S. Elliott and F. $. Rowland, “Chlorofluorocarbons and Stratospheric 
Ozone,” J. Chem. Ed. 64 (1987): 387, and P. S. Zurer, “Ozone Depletion’s Recurring Surprises 
Challenge Atmospheric Scientists,” Chem. Eng. News, May 24, 1993: 8. 


For Review 763 





Key Terms For Review 
chemical kinetics OWL anc Fe) Chemistry 
Section 15.1 


reaction rate 
instantaneous rate 


Section 15.2 

rate law 

rate constant 

order 

differential rate law (rate law) 
integrated rate law 


Section 15.3 
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pseudo-first-order rate law 


Section 15.6 
reaction mechanism 
intermediate 
elementary step 
molecularity 
unimolecular step 
bimolecular step 
termolecular step 
rate-determining step 


Section 15.7 
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Sign in at www.cengage.com/ow! to: 

e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 


Chemical kinetics 
w The study of the factors that control the rate (speed) of a chemical 
reaction 
m Rate is defined in terms of the change in concentration of a given 
reaction component per unit time 
= Kinetic measurements are often made under conditions where the 
reverse reaction is insignificant 
w The kinetic and thermodynamic properties of a reaction are not funda- 
mentally related 


Rate laws 
s Differential rate law: describes the rate as a function of concentration 
A[A] 
Rate = —-—— = k| A|" 
At [A] 


w & is the rate constant 

a 7 is the order; not related to the coefficients in the balanced equation 
a Integrated rate law: describes the concentration as a function of time 

« For a reaction of the type 


aA ——> products 





for which 
Rate = k[A]" 
n= 0 [A] = —kt + [A] 
1 5 
n= 1 In[A] = —kt + In[A]p 
0.693 
hip = k 
1 1 
=2 mae Ree 
é [A] k[Aly 
pee 1 
1/2 k[Aly 


a The value of k can be determined from the plot of the appropriate 
function of [A] versus t 


Reaction mechanism 
= Series of elementary steps by which an overall reaction occurs 
a Elementary step: rate law for the step can be written from the mole- 
cularity of the reaction 
= Two requirements for an acceptable mechanism: 
u The elementary steps sum to give the correct overall balanced 
equation 
= The mechanism agrees with the experimentally determined rate law 
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= Simple reactions can have an elementary step that is slower than all of 
the other steps; which is called the rate-determining step. 


Steady state approximation 

= Used when a specific rate-determining step cannot be chosen. 

= Assumes the concentration of any intermediate remains constant as the 
reaction proceeds. 


Kinetic models 
a The simplest model to account for reaction kinetics is the collision 
model 
s Molecules must collide to react 
a The collision kinetic energy furnishes the potential energy needed to 
enable the reactants to rearrange to form products 
» A certain threshold energy called the activation energy (E,) is neces- 
sary for a reaction to occur 
a The relative orientations of the colliding reactants are also a deter- 
mining factor in the reaction rate 
a This model leads to the Arrhenius equation: 


pA Rees 


a A depends on the collision frequency and relative orientation of the 
molecules 

w The value of E, can be found by obtaining the values of k at several 
temperatures 


Catalyst 
a Speeds up a reaction without being consumed 
a Works by providing a lower-energy pathway for the reaction 
a Enzymes are biological catalysts 
a Catalysts can be classified as homogeneous or heterogeneous 
=» Homogeneous: exist in the same phase as the reactants 
= Heterogeneous: exist in a different phase than the reactants 





Discussion Questions* 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


dent on the concentrations of the reactants, and these are 
decreasing.” Indicate everything that is correct in these 
statements, and indicate everything that is incorrect. 


ca a 2 Correct the incorrect statements, and explain. 
1. Define the term stability from both a kinetic and a ther- P 


modynamic perspective. Give examples to show the dif- 
ferences in these concepts. 


. For the reaction A + B —-> C, explain at least two ways 


in which the rate law could be zero order in chemical A. 


2. Describe at least two experiments you could perform to . A friend ot ate “A balanced equation tells us 

Heteniinerate lace how chemicals interact. Therefore, we can determine the 
SEN aLe ea ora etSOF (Al versusttime fonerooeneseet rate law directly from the balanced equation.” What do 

i ’ 9) roe 
ou tell your friend? 
second-order reactions. From these graphs, compare ‘ y 
Riececcivelnalelivest . The rate constant (k) depends on which of the follow- 
ing? (There may be more th 

4. How does temperature affect k, the rate constant? 8! Ee Cees acces whee 

Explain a. the concentration of the reactants 

: b. the nature of the reactants 
: o nas 

5. Consider the following statements: “In general, the rate c. the temperature 


of a chemical reaction increases at first. After that the 
rate of the reaction decreases because its rate is depen- 





*In the Questions and the Exercises the term rate law always means differential 
rate law. 


d. the order of the reaction 


Explain. 


. Provide a conceptual rationale for the differences in the 


half-lives of zero-, first-, and second-order reactions. 


Exercises* 
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OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Reaction Rates 


10. 


14. 


Define reaction rate. Distinguish between the initial rate, 
average rate, and instantaneous rate of a chemical reac- 
tion. Which of these rates is usually fastest? The initial 
rate is the rate used by convention. Give a possible ex- 
planation as to why. 


. Consider the general reaction 


GA bBo eG 


and the following average rate data over a specific time 
period At: 


AA 

—— = (1.0080 mol L7! 5"! 
At 
AB 

—— = 0.0120 mol L"!s"! 
At 
AC 
— = (0.0160 mol L™! 57! 
At 


Determine a set of possible coefficients to balance this 
general reaction. 


2. Consider the reaction 


4PH3(g) —> Pa(g) + 6H2(g) 


If, in a certain experiment, over a specific time period, 
0.0048 mole of PH; is consumed in a 2.0-L container 
during each second of the reaction, what are the rates of 
production of Ps and H) in this experiment? 


. In the Haber process for the production of ammonia, 


what is the relationship between the rate of production 
of ammonia and the rate of consumption of hydrogen? 


What are the units for each of the following if concen- 
trations are expressed in moles per liter and time in 
seconds? 

a. rate of a chemical reaction 

b. rate constant for a zero-order rate law 

c. rate constant for a first-order rate law 

d. rate constant for a second-order rate law 

e. rate constant for a third-order rate law 


_ The rate law for the reaction 


Cl(g) + CHCl;(g) —> HCl(g) + CCli(g) 


Rate = k[Cl)]!?[CHCl] 


What are the units for & assuming time in seconds? 





*In the Questions and the Exercises, the term rate law always means differential 


rate law. 


16. 


The hydroxy! radical (OH) is an important oxidizing 
agent in the atmosphere. At 298 K the rate constant for 
the reaction of OH with benzene is 1.24 x 107! cm? 
molecule! s~!. Calculate the value of the rate constant 
iy L mol 's=, 


Rate Laws from Experimental Data: Initial-Rates Method 


er 


18. 


’. The reaction 


2NO(g) + Cli(g) —> 2NOCI|(g) 


was studied at —10°C. The following results were ob- 
tained, where 





Initial Rate 


[NO]o (mol/L) [Cl5]o (mol/L) (mol L~! min!) 


0.10 0.10 0.18 
0.10 0.20 0.36 
0.20 0.20 145 


a. What is the rate law? 
b. What is the value of the rate constant? 


The following data were obtained for the gas-phase de- 
composition of dinitrogen pentoxide, 


2N205(g) —> 4NOz(g) + O2(g) 


[N2Os]o Initial Rate 
(mol/L) (aAKILS* S 
0.0750 SOO NOR 
0.190 DINE XK NO 
O25 3.26 xX 10-3 
0.410 ASS << iO 

—d N, 5 

where Rate = IN,Os] 





dt 
Write the rate law and calculate the value of the rate 
constant. 


. The decomposition of nitrosyl chloride was studied: 


2NOCI(g) == 2NO(g) + Ch(g) 


The following data were obtained, where 


= | 
Rate — —#LNOCH 
dt 
[NOCI] Initial Rate 
(molecules/cm?) (molecules cm~? s~!) 

BO) SS Oe SoS S¢ ALOP 
DAN SX OH 2.66 X 10+ 
OP <aa0HS 6.64 X 10° 
ALO) $< AME 1.06 X 10° 
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a. What is the rate law? 

b. Calculate the rate constant. 

c. Calculate the rate constant for the concentrations 
given in moles per liter. 


The rate of the reaction between hemoglobin (Hb) and 
carbon monoxide (CO) was studied at 20°C. The follow- 
ing data were collected, with all concentration units in 
pmol/L. (A hemoglobin concentration of 2.21 jzmol/L is 
equal to 2.21 X 107° mol/L.) 


[Hb] [CO] Initial Rate 
(uwmol/L) (umol/L) (aimoklL“s?) 

DPA 1.00 0.619 

4.42 1.00 1.24 

4.42 3.00 Ball 


a. Determine the orders of this reaction with respect to 
Hb and CO. 

b. Determine the rate law. 

. Calculate the value of the rate constant. 

d. What would be the initial rate for an experiment with 
[Hb] = 3.36 umol/L and [CO]p = 2.40 pmol/L? 


The following data were obtained for the reaction 


2Cl1O,(aq) + 2OH (aq) 
—=> ClO; (aq) + ClO, (aq) + H,O()) 


Q 





where Rate = ISTO 
dt 
[ClOs]o [OH Jo Initial Rate 
(mol/L) (mol/L) (mole t¢=5) 
0.0500 0.100 57 SX LO 
0.100 0.100 DBO SS Or 
0.100 0.0500 IAS 10 


a. Determine the rate law and the value of the rate 
constant. 

b. What would be the initial rate for an experiment 
with [ClO] = 0.175 mol/L and [OH ]o = 
0.0844 mol/L? 


The reaction 
2NO(g) + O2(g) —~> 2NO2(g) 


was studied, and the following data were obtained, where 








d[O)] 
R SS a ee 
at at 
[NO] [Oo] Initial Rate 
(molecules/em?) (molecules/em*) (molecules cm~?s~!) 

1.00 x 1018 POO < 10° DEOOR< a lOze 
3.00 x 1018 HOO 1088 PS ORa0y 
2,50 ~ 10" DSO BSS SS OL 


What would be the initial rate for an experiment where 
[NO]o = 6.21 X 10!8 molecules/cm? and [OQ ]o = 7.36 X 
10!8 molecules/cm?? 


23. The reaction 


H,SeO3(aq) + 61 (aq) + 4H (aq) 


—> Se(s) + 21;~ (aq) + 3H,O(!) 


was studied at 0°C, and the following data were obtained: 








[H,SeO3]0 [H*]o [Ilo Initial Rate 

(mol/L) (mol/L) (mol/L) (moL.L-1s7 4) 
1.02% 108% a 210e< 10522 0 oo 1.66 X 1077 
20% 107% § D0) 100203 0 10 es eal 
3.0 < 1002. O10 2.00 4 9 oa 
1:0 10-7 6410110529120. KO 4 666 
1.0% 107% “2.0 10-2 "2.0 tek Or 
1.0 X10 "230 8 1077 400 oh 12 
1,0 1074") “15056 10" 40 10 A S36 oe 


24. 


to 
al 


These relationships hold only if there is an insignificant 
amount of I;~ present. What is the rate law and the value 
d(H,SeO;] ) 

a a 


of the rate constant? (Assume that rate = — 


The initial rate of a reaction doubles as the concentra- 
tion of one of the reactants is quadrupled. What is the 
order of this reactant? If a reactant has a —1 order, what 
happens to the initial rate when the concentration of that 
reactant increases by a factor of two? 


. A study was made of the effect of the hydroxide concen- 


tration on the rate of the reaction 
I-(aq) + OCI" (aq) —— IO7(aq) + Cl-(aq) 


The following data were obtained: 








[I-]o [OCI-]o [OH™]o Initial Rate 
(mol/L) (mol/L) (mol/L) (mollis se.) 
0.0013 0.012 0.10 P42 
0.0026 0.012 0.10 13:75 10S 
0.0013 0.0060 0.10 ALT x me 
0.0013 0.018 0.10 14.0 x 1073 
0.0013 0.012 0.050 18.7, 91055 
0.0013 0.012 0.20 LEGON S| Or 
0.0013 0.018 0.20 7.0K 1105" 


Determine the rate law and the value of the rate constant 
for this reaction. 


Integrated Rate Laws 


26. The initial rate for a reaction is equal to the slope of the 


tangent line at ¢ ~ 0 in a plot of [A] versus time. From 
calculus, 


Initial rate = aay 
dt 
Therefore, the differential rate law for a reaction is 
—d[A] 
ate Ai k[A] 


Assuming you have some calculus in your background, 
derive the zero-, first-, and second-order integrated rate 
laws using the differential rate law. 


Pile 


28. 


je 


If the half-life for a reaction is 20. seconds, what would 
be the second half-life, assuming the reaction is either 
zero, first, or second order? 


A certain reaction has the following general form: 
aA ——~» bB 


At a particular temperature and [A]) = 2.80 x 1073 M, 

concentration versus time data were collected for this re- 

action, and a plot of 1/[A] versus time resulted in a straight 

line with a slope value of +3.60 X 10-2 L mol"! 571. 

a. Determine the rate law, the integrated rate law, and 
the value of the rate constant for this reaction. 

b. Calculate the half-life for this reaction. 

c. How much time is required for the concentration of 
A to decrease to 7.00 X 10-* M? 


29. A certain reaction has the following general form: 


aA === bB 


At a particular temperature and [A]p = 2.00 X 10-? M, 

concentration versus time data were collected for this re- 

action, and a plot of In[{[A] versus time resulted in a 

straight line with a slope value of —2.97 X 10°? min“!. 

a. Determine the rate law, the integrated rate law, and 
the value of the rate constant for this reaction. 

b. Calculate the half-life for this reaction. 

c. How much time is required for the concentration of 
A to decrease to 2.50 X 1073 M? 


. The decomposition of ethanol (C:H;OH) on an alumina 


(ALO3;) surface, 
C,H;OH(g) —> C,Hy(g) + H2O(g) 


was studied at 600 K. Concentration versus time data 

were collected for this reaction, and a plot of [A] versus 

time resulted in a straight line with a slope value of 

4.00 < 10> mol L-* ss“. 

a. Determine the rate law, the integrated rate law, and 
the value of the rate constant for this reaction. 

b. If the initial concentration of C,H;OH was 1.25 x 
10-2 M, calculate the half-life for this reaction. 

c. How much time is required for all of the 1.25 x 
10-* M C;H;OH to decompose? 

The decomposition of hydrogen peroxide was studied at 

a particular temperature. The foilowing data were ob- 

tained, where 





nate = alH202] 
aton— dt 
Time (s) [HO >] (mol/L) 

0 1.00 
1 Oneee Ont 
300 +1 0.78 
600 +1 0.59 
1200) a= 1 0.37 
1800 +1 On 
2400 + 1 0.13 

3000 + 1 0.082 

0.050 


3600 = 1 


82: 


Shei 
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Determine the integrated rate law, the differential rate 
law, and the value of the rate constant. Calculate the 
[H,O,] at 4000. s after the start of the reaction. 


The dimerization of butadiene was studied at 500. K: 
2C4yH6(g) —> CgH2(g) 
The following data were obtained, where 


Rate = egies 
dt 


Time (s) [C4H.¢] (mol/L) 
195 1.656104 
604 1.5 <o105- 

1246 oe 10e 
2180 LExd0e 
6210 0.68 * 10-2 


Determine the forms of the integrated rate law, the dif- 
ferential rate law, and the value of the rate constant for 
this reaction. 


The rate of the reaction 
NO,(g) + CO(g) —> NO(g) + CO2/(g) 


depends only on the concentration of nitrogen dioxide at 
temperatures below 225°C. At a temperature below 
225°C, the following data were collected: 





Time (s) [NO;] (mol/L) 
0 0.500 
1 2O* IO! 0.444 
3.00 x 102 0.381 
4.50 x 10° 0.340 
9.00 x 102 0.250 
1.80 x 10+ 0.174 


Determine the integrated rate law, the differential rate 
law, and the value of the rate constant at this tempera- 
ture. Calculate [NO ] at 2.70 X 10% s after the start of 
the reaction. 


The rate of the reaction 
O(g) + NO2(g) —> NO(g) + O2(g) 


was studied at a certain temperature. This reaction is one 

step of the nitric oxide-catalyzed destruction of ozone in 

the upper atmosphere. 

a. In one experiment, NO) was in large excess at a con- 
centration of 1.0 X 10! molecules/cm? with the fol- 
lowing data collected: 





Time (s) [O] (atoms/cm?) 
0 5.0) 6 110” 
1.0 x 10-2 NO S< 110? 
2 O28 10a 6.8 x 108 
3.0°< 10-2 MES ide 


What is the order of the reaction with respect to 
oxygen atoms? 
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b. The reaction is known to be first order with respect 37. The reaction 
to NO). Determine the overall rate law and the NO(g) + O3(g) —> NO2(g) + O2(g) 


value of the rate constant. 
was studied by performing two experiments. In the first 


experiment (results shown in following table), the rate of 
disappearance of NO was followed in a large excess of 
C,HsOH(g) —> CH3CHO(g) + Ha(g) O3. (The [O3] remains effectively constant at 1.0 x 10 
molecules/cm?.) 


35. At 500 K in the presence of a copper surface, ethanol 
decomposes according to the equation 


The pressure of Cy)H;OH was measured as a function of 
time, and the following data were obtained: 





Time [NO] 
Time (s) Po,n,on (torr) (ms) (molecules/cm?) 

eco = ee 0 6.0 x 108 
100. 937 100-1 5.0 X 108 
200. 224 S00 1 DAS aOs 
300. ott FAw0) == 1 (ergo, os Vie 
400. 198 1000 + 1 NOE? 
500. 185 


In the second experiment, [NO] was held constant at 
2.0 X 10!* molecules/cm?’. The data for the disappear- 


Since the pressure of a gas is directly proportional to the 
ance of O; were as follows: 


concentration of the gas, we can express the rate law for 
a gaseous reaction in terms of partial pressures. Using 


the preceding data, deduce the rate law, the integrated Time [03] 
rate law, and the value of the rate constant, all in terms (ms) (molecules/cm?) 
of pressure units in atm and time in seconds. Predict the ‘6 
0 HO Se LO 
pressure of C)H;OH after 900. s from the start of the , 
; : ‘ : SO) ze al 8.4 x 10 
reaction. (Hint: To determine the order of the reaction 5 
; 100 +1 7.0 X 10 
with respect to C;H;OH, compare how the pressure of 3 
C.H;OH decreases with each time listing.) pe fe ist 
5; SOO I 3.4 X 10° 
36. Experimental data for the reaction 
see err a. What is the order with respect to each reactant? 
; , b. What is the overall rate law? 
have been plotted in the following three different ways c. What is the value of the rate constant obtained from 
(with concentration units in mol/L): each set of experiments? 


0.05 Rate = k'[NO]* Rate = k"[O3] 


0.04 d. What is the value of the rate constant for the overall 


0.03 rate law? 


[A] 


0.02 Rate = k[NO}[O3)’ 


0.015 38. Determine the forms of the integrated and the differen- 


tial rate laws for the decomposition of benzene diazo- 
nium chloride, 


CsHsN2Cl(aq) —> CgHsCl(/) + No(g) 





from the following data, which were collected at 50.°C 





and 1.00 atm: 
Time (s) N: Evolved (mL) 

6 193 

9 26.0 

14 36.0 

DD) 45.0 

Time (s) 30. 50.4 
00 58.3 


a. What is the order of the reaction with respect to A, 
and what is the initial concentration of A? 

b. What is the concentration of A after 9 s? 

c. What are the first three half-lives for this experiment? 


The total solution volume was 40.0 mL. 


39. You and a coworker have developed a molecule that has 
shown potential as cobra antivenom (AV). This antivenom 


40. 


41. 


43. 


44, 


works by binding to the venom (V), thereby rendering it 
nontoxic. This reaction can be desrcibed by the rate law 


Rate = k[AV]![V]} 


You have been given the following data from your 
coworker: 


[V]o = 0.20 M 
[AV]o = 1.0 X 10°* M 


A plot of In{AV] versus time gives a straight line with a 
slope of —0.32 s~!. What is the value of the rate constant 
(k) for this reaction? 


Consider the following representation of the reaction 
2NO3(g) > 2NO(g) + O2(g). 


838.¢ 
» 
ev 3383 


(b) time = 10 minutes 


























(a) time = 0 minutes 


Time 
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(c) time = ? minutes 





Determine the time for the final representation above if 
the reaction is 

a. first order 

b. second order 

c. zero order 


The rate law for the decomposition of phosphine (PH3) is 45 
d{[PH 
Rate = Ae! = k[PH3] 


It takes 120. s for the concentration of 1.00 M PH; to 
decrease to 0.250 M. How much time is required for 
2.00 M PH; to decrease to a concentration of 0.350 M? 


. The radioactive isotope **P decays by first-order kinetics 


and has a half-life of 14.3 days. How long does it take 
for 95.0% of a given sample of **P to decay? 


Consider the following initial rate data for the decompo- 
sition of compound AB to give A and B: 


[AB] (mol/L) Initial Rate (mol L~! s~') 





0.200 $:20'% 10 
0.400 1.28 x 10-2 
0.600 2.88 x 10°? 


Determine the half-life for the decomposition reaction 
initially having 1.00 M AB present. 


The rate law for the reaction 


2NOBr(g) —> 2NO(g) + Bro(g) 


48. 


at some temperature Is 


d{[NOBr] 


= k[NOBr} 
i k[NOBr | 


Rate = — 


46. 


a. If the half-life for this reaction is 2.00 s when 
[NOBr]o = 0.900 M, calculate the value of k for this 
reaction. 

b. How much time is required for the concentration of 
NOBr to decrease to 0.100 M? 


5. A first-order reaction is 75.0% complete in 320. s. 


a. What are the first and second half-lives for this 
reaction? 
b. How long does it take for 90.0% completion? 


For the reaction A — products, successive half-lives are 
observed to be 10.0, 20.0, and 40.0 min for an experi- 
ment in which [A]p = 0.10 M. Calculate the concentra- 
tion of A at the following times. 

a. 80.0 min b. 30.0 min 


. The decomposition of hydrogen iodide on finely divided 
gold at 150°C is zero order with respect to HI. The rate 
defined below is constant at 1.20 X 10~* mol/L « s. 

Au 


Ze) Ee aaa) 
Rate = A =P 20 llamo. as 


a. If the initial HI concentration was 0.250 mol/L, cal- 
culate the concentration of HI at 25 minutes after 
the start of the reaction. 

b. How long will it take for all of the 0.250 M HI to 
decompose? 


Consider two reaction vessels, one containing A and the 
other containing B, with equal concentrations at t = 0. If 
both substances decompose by first-order kinectics, where 


kx = 4.50 X 1074 8“! 
kg = 3.70 X 1073 57} 
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how much time must pass to reach a condition such that 
[A] = 4.00[B]? 

Theophylline is a phamaceutical drug that is sometimes 
used to help with lung function. You observe a case 
where the initial lab results indicate that the concentra- 
tion of theophylline in a patient’s body decreased from 
2.0 x 10-3 M to 1.0 x 10-3 M in 24 hours. In another 
12 hours, the drug concentration was found to be 5.0 x 
10-4 M. What is the value of the rate constant for the 
metabolism of this drug in the body? 


Consider the hypothetical reaction 
A+B+2C —> 2D + 3E 
where the rate law is 


d[A] 
dt 
An experiment is carried out where [A]p = 1.0 X 10°? M, 
[B]o = 3.0 M, and [C]y = 2.0 M. The reaction is started, 
and after 8.0 seconds, the concentration of A is 3.8 X 

10°? M. 

a. Calculate the value of k for this reaction. 

b. Calculate the half-life for this experiment. 

c. Calculate the concentration of A after 13.0 seconds. 
d. Calculate the concentration of C after 13.0 seconds. 


Rate = — = k[A][BP 


Consider the reaction 
3A+B+C—>D+E 
where the rate law is defined as 


_d{A] 
dt 


An experiment is carried out where [B]9 = [C]o = 1.00 M 

and [A]po = 1.00 x 107-4 M. 

a. If after 3.00 minutes [A] = 3.26 x 10~5 M, calculate 
the value of k. 

b. Calculate the half-life for this experiment. 

c. Calculate the concentration of B and the concentra- 
tion of A after 10.0 minutes. 


= k[AP[BI[C] 


Reaction Mechanisms 


oye 


53. 


54. 


Dae 


Define each of the following. 
. elementary step 

. molecularity 

. reaction mechanism 

. intermediate 

. rate-determining step 


ar fak fey jem i 


Define what is meant by unimolecular and bimolecular 
steps. Why are termolecular steps infrequently seen in 
chemical reactions? 


What two requirements must be met to call a mechanism 
plausible? Why say a “plausible” mechanism instead of 
the “correct” mechanism? Is it true that most reactions 
occur by a one-step mechanism? Explain. 


Write the rate laws for the following elementary 
reactions. 

a. CH;NC(g) —> CH;CN(g) 

b. O3(g) + NO(g) —> O2(g) + NO2/(g) 

€. O3(g) ——> Ox(2) + Of@) 


56. 


Dies 


58. 


ove 
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d. O3(g) + O(g) —~> 20x(g) 
e. 4C — > JN + B particle (nuclear decay) 


A possible mechanism for the decomposition of hydro- 
gen peroxide is 
H,0, —~> 20H 
H,0;+ OH —» H,0 + HO, 
HO, + OH —> H,0 + O, 


Using your results fom Exercise 31, specify which step is 
the rate-determining step. What is the overall balanced 
equation for the reaction? 


A proposed mechanism for a reaction is 


C,HoBr — C4H,* + Bro Slow 
is tu ar H,0 —> C,H,OH,* Fast 
C,H,OH)* i H,O — C,H,OH a3 H3;07 Fast 


Write the rate law expected for this mechanism. What is 
the overall balanced equation for the reaction? What are 
the intermediates in the proposed mechanism? 


Is the mechanism 
NO + Cl, —> NOCI 


NOCL + NO —> 2NOCI 


consistent with the results you obtained in Exercise 17? 
If so, which step is the rate-determining step? 


The reaction 
2NO(g) + O2(g) —~ 2NO,(g) 
exhibits the rate law 
Rate = k[NO}*[O)] 


Which of the following mechanisms is consistent with 
this rate law? 








a. NO+ O, —> NO,+0 Slow 
O+ NO — NO, Fast 

De NO Op a NO Fast equilibrium 
NO; + NO —> 2NO, Slow 

c. 2NO —> N,O, Slow 
NO, aie O, —> N ,O4 Fast 
NO, —> 2NO, Fast 

dae 2IN©Of———sN, ©, Fast equilibrium 
NO, ee NO, 32 (Q) Slow 
O+NO —> NO, Fast 


The gas-phase reaction between Br) and H; to form HBr 
is assumed to proceed by the following mechanism: 


ky 
Bro ae 2Br 


ky 


JN so = Byes 


a. Under what conditions does the rate law have the 
form rate = k'[Br)]? 


61. 


62. 


64. 


b. Under what conditions does the rate law have the 
form rate = k"[H)][Br)]"/2? 

c. Give expressions for k’ and k” in terms of the rate 
constants used to define the mechanism. 


The reaction 
SBr (aq) + BrO3 (aq) + 6H* (aq) —> 3Br)(/) + 3H,O(I) 
is expected to obey the mechanism 


ky 
BrO3 (aq) + H*(aq) <= HBrO3(aq) 
: Fast equilibrium 


ky 
HBrO3(aq) + H*(aq) — H,BrO3* (aq) 
Fast equilibrium 


k; 

Br (aq) + H,BrO3*(aq) —~> (Br—BrO,)(aq) + H:O(I) 
Slow 

(Br—BrO>)(aq) + 4H*(aq) + 4Br- (aq) ——> products 
Fast 

Write the rate law for this reaction. 

The rate law for the reaction 

BrO3 (aq) + 3SO32-(aq) —> Br7(aq) + 3SO42-(aq) 
is Rate = k[BrO;~][SO377][H*] 


The first step in a proposed mechanism is 


SO;*" (aq) + H*(aq) ky HSO; (aq) Fast 


The second step is rate determining. Write a possible sec- 
ond step for the mechanism. 


. The reaction 


I-(aq) + OCl-(aq) — > IO7(aq) + Cl (aq) 


is believed to occur by the following mechanism: 


k, 
OCI” + H,O —— HOC. OH: Fast equilibrium 
I- + HOC] —2> HOI + Cl Slow 
HOI + OH "> H,0 ¢10- Fast 


Write the rate law for this reaction. Note: Since the reac- 
tion is in aqueous solution, the effective concentration of 
water remains constant. Thus the rate of the forward 
reaction in the first step can be written as 


Rate = k[H,O][OCI-] = k, [OCI] 
In the gas phase, the production of phosgene from chlo- 


rine and carbon monoxide is assumed to proceed by the 
following mechanism: 


ky see 
Cl, aa 2Cl Fast equilibrium 
Glerico 2s COC Fast equilibrium 
COcl + Cy —> Coc), +cl | ‘Slow 
2Cl noe Cl, Fast 





Overall 
reaction: CO + Cl, —> COClh 


65. 
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a. Write the rate law for this reaction. 
b. Which species are intermediates? 


The following mechanism is proposed for the reduction 
of NO3~ by MoCl,27: 


ky 
MoCl,2~ me MoCl;~ + Cl7 


NO3- + MoCl,- —2> OMoCl,- + NO," 


What is the intermediate? 

b. Derive an expression for the rate law (rate = 
d|NO,~|/dt) for the overall reaction using the 
steady-state approximation. 


pee} 


The following mechanism has been proposed to account 
for the rate law of the decomposition of ozone to O(g): 


ky 
Opa M0200 aM 


EB 
Ob Ose), 


Apply the steady-state hypothesis to the concentration of 
atomic oxygen, and derive the rate law for the decompo- 
sition of ozone. (M stands for an atom or molecule that 
can exchange kinetic energy with the particles undergo- 
ing the chemical reaction.) 


. Consider the hypothetical reaction 


Bee eee 


which is assumed to occur by the mechanism 


ky 
B+B == B*+B 


ky 
Bh eee a, Grp 


where B* represents a B molecule with enough energy to 

surmount the reaction energy barrier. 

a. Derive the rate law for the production of E using the 
steady-state approximation. 

b. Assume that this reaction is known to be first order. 
Under what conditions does your derived rate law 
(from part a) agree with this observation? 

c. Explain how a chemical reaction can be first order, 
since even in a simple case (B ——> E + F) molecules 
must collide to build up enough energy to get over 
the energy barrier. Why aren’t all reactions at least 
second order? In other words, explain the physical 
significance of the result from part b. 


Temperature Dependence of Rate Constants 
and the Collision Model 


68. 


69. 


How is the rate of a reaction affected by each of the 
following. 

a. activation energy 

b. temperature 

c. frequency of collisions 

d. orientation of collisions 


The central idea of the collision model is that molecules 
must collide in order to react. Give two reasons why not 
all collisions of reactant molecules result in product 
formation. 
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Consider the following potential energy plots 





Reaction coordinate. ———————- 


a. Rank the reactions from fastest to slowest, and 
explain your answer. If any reactions have equal 
rates, explain why. 

b. Label the reactions as endothermic or exothermic, 
and supply your answer. 

c. Rank the exothermic reactions from greatest to least 
change in potential energy, and support your 
answer. 


The graph below shows the number of collisions with a 
particular energy for two different temperatures. 


— Number of collisions» 








Energy 


a. Which is greater, T) or T;? How can you tell? 

b. What does this graph tell us about the temperature 
dependence of the rate of a chemical reaction? 
Explain your answer. 


Which of the following reactions would you expect to 
have the larger rate at room temperature? Why? (Hint: 
Think of which would have the lower activation energy.) 


2Ce** (aq) + Hgy** (aq) —> 2Ce3*(aq) + 2Hg?* (aq) 
H30*(aq) + OH“ (aq) —> 2H,0(I) 


. The activation energy for the decomposition of HI(g) 


to H)(g) and I,(g) is 186 kJ/mol. The rate constant at 
555 K is 3.52 X 1077 L mol7! s~!. What is the rate con- 
stant at 645 K? 


The decomposition of iodoethane in the gas phase pro- 
ceeds according to the following equation: 


C,HsI(g) —> C,H4(g) + HI(g) 


At 660. K, k = 7.2 X 10-4 s~1; at 720. IK, Sie 
10-2 s-!. What is the rate constant for this first-order 


Tyr 


76. 


War 
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decomposition at 325°C? If the initial pressure of iodo- 
ethane is $94 torr at 245°C, what is the pressure of iodo- 
ethane after three half-lives? 


A certain reaction has an activation energy of 54.0 kJ/mol. 
As the temperature is increased from 22°C to a higher 
temperature, the rate constant increases by a factor of 
7.00. Calculate the higher temperature. 


Chemists commonly use a rule of thumb that an increase 
of 10 K in temperature doubles the rate of a reaction. 
What must the activation energy be for this statement to 
be true for a temperature increase from 25°C to 35°C? 


The reaction 
(CH3)3CBr + OH” ——> (CH;3)3COH + Br7 


in a certain solvent is first order with respect to (CH3)3;CBr 
and zero order with respect to OH™. In several experi- 
ments the rate constant k was determined at different tem- 
peratures. A plot of In(k) versus 1/T was constructed that 
resulted in a straight line with a slope of —1.10 x 10* K 
and a y intercept of 33.5. Assume that k has units of s~'. 

a. Determine the activation energy for this reaction. 

b. Determine the value of the frequency factor A. 

c. Calculate the value of k at 25°C. 


The rate constant for the gas-phase decomposition of 
NOs, 


N,O; —> 2NO, + $0, 


has the following temperature dependence: 


T (K) k (s7}) 

338 4.9 X 10-3 
318 5.0 x 10-4 
298 3.5 X 1075 


Make the appropriate graph using these data, and deter- 
mine the activation energy for this reaction. 


. Experimental values for the temperature dependence of 


the rate constant for the gas-phase reaction 
NO(g) + O3(g) —> NOsa(g) + O2(g) 


are as follows: 


T (K) RiLemoel *s *) 
125) 120 Sexa1O2 
230. 2.95 X 10? 
260. S42 eal Oz 
298 12.0 x 10° 
369 35.5 X10? 


Make the appropriate graph using these data, and deter- 
mine the activation energy for this reaction. 


80. Draw a rough sketch of the energy profile for each of the 


following cases. 

a. AE = +10 kJ/mol, E, = 25 kJ/mol 
b. AE = —10 kJ/mol, E, = 50 kJ/mol 
c. AE = —S50 kJ/mol, E, = 50 kJ/mol 


81. 


82. 
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Which reaction will have the greatest rate at 298 K? As- 
sume the frequency factor A is the same for all three 
reactions. 


For the following reaction profiles, indicate 
a. the positions of reactants and products. 
b. the activation energy. 

c. AE for the reaction. 





— Reaction coordinate ——» 





Reaction coordinate ———> 





d. The second reaction profile is representative of a 
reaction that occurs by a two-step mechanism. 
Which point on the plot represents the energy of the 
intermediate in the two-step reaction? Which step in 
the mechanism is rate determining, the first or the 
second step? Explain. 


The activation energy for the reaction 
NO,(g) + CO(g) —> NO(g) + CO2/g) 


is 125 kJ/mol, and AE for the reaction is —216 kJ/mol. 
What is the activation energy for the reverse reaction 
[NO(g) + CO2(g) —> NO2(g) + CO(g)]? 


The activation energy for the reaction 
A2(g) + Bo(g) —> 2AB(g) 


is 167 kJ/mol, and AE for the reaction is +28 kJ/mol. 
What is the activation energy for the decomposition 
of AB? 


Catalysis 


84. 


Why does a catalyst increase the rate of a reaction? What 
is the difference between a homogeneous and a heteroge- 
neous catalyst? Would a given reaction necessarily have 
the same rate law for both a catalyzed and an uncata- 
lyzed pathway? Explain. 


85, 


86. 
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Consider the following potential energy plots for a chem- 
ical reaction when answering the questions below. 


Energy 





Reaction progress ————> 


a. Which plot (red or blue) is the catalyzed pathway? 
How do you know? 

b. What does AF, represent? 

c. What does AE) represent? 

d. Is the reaction endothermic or exothermic? 


Would the slope of a In(k) versus 1/T (K) plot for a cata- 
lyzed reaction be more or less negative than the slope of 
a In(k) versus 1/T (K) plot for the uncatalyzed reaction? 
Assume that both rate laws are first order. Explain. 


’. The decomposition of NH; to Ny and H: was studied on 


two surfaces: 





Surface E, (kJ/mol). 
WwW 163 
Os 197; 


Without a catalyst, the activation energy is 335 kJ/mol. 

a. Which surface is the better heterogeneous catalyst 
for the decomposition of NH3? Why? 

b. How many times faster is the reaction at 298 K on 
the W surface compared with the reaction with no 
catalyst present? Assume that the frequency factor A 
is the same for each reaction. 

c. The decomposition reaction on the two surfaces 
obeys a rate law of the form 

Rate = puNEE| 
[Hp] 
How can you explain the inverse dependence of the 
rate on the H> concentration? 


One pathway for the destruction of ozone in the upper 
atmosphere is 

O3(g) + NO(g) —> NOz(g) + On(g) Slow 
NO,(g) + O(g) —> NO(g) + O2(g) Fast 


Overall 
reaction: O3(g) + O(g) ——> 20:(g) 


a. Which species is a catalyst? 
b. Which species is an intermediate? 
c. E, for the uncatalyzed reaction 


O3(g) + O(g) —> 202/(g) 
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is 14.0 kJ. E, for the same reaction when catalyzed is 
11.9 kJ. What is the ratio of the rate constant for the 
catalyzed reaction to that for the uncatalyzed reac- 
tion at 25°C? Assume the frequency factor A is the 
same for each reaction. 
One of the concerns about the use of Freons is that they 
will migrate to the upper atmosphere, where chlorine at- 
oms can be generated by the reaction 


Cele crcl 
Freon-12 


Chlorine atoms can also act as a catalyst for the destruc- 
tion of ozone. The activation energy for the reaction 


cl +0; —> ClO +O, 
is 2.1 kJ/mol. Which is the more effective catalyst for the 
destruction of ozone, Cl or NO? (See Exercise 88.) 


Assuming that the mechanism for the hydrogenation of 
C,H, given in Section 15.9 is correct, would you predict 
that the product of the reaction of C,H, with D, would 
be CH,D—CH2D or CHD,—CH3? 


For enzyme-catalyzed reactions that follow the mechanism 
Re ee 
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ys 


No. 


The rate law for a reaction can be determined only from 
experiment and not from the balanced equation. Two 
experimental procedures were outlined in this chapter. 
What are these two procedures? Explain how each 
method is used to determine rate laws. 


The type of rate law for a reaction, either the differential 
rate law or the integrated rate law, is usually determined 
by which data are easiest to collect. Explain. 


a. Using the free energy profile for a simple one-step 
reaction, show that at equilibrium K = k;/k,, where 
ky and k, are the rate constants for the forward and 
reverse reactions. Hint: Use the relationship AG° = 
—RT In(K), and represent k; and k, using the 
Arrhenius equation (k = Ae 7), 
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Reaction coordinate —————————+ 


o2, 


O35 


a graph of the rate as a function of [S], the concentration 
of the substrate, has the following general appearance: 


Rate 





[S] 


Note that at high substrate concentrations the rate no 
longer changes with [S]. Suggest a reason for this. 


Hydrogen peroxide decomposes to water and oxygen 
gas with the aid of a catalyst (MnO;). The activation 
energy of the uncatalyzed reaction is 70.0 kJ/mol. When 
the catalyst is added, the activation energy at 20.°C is 
42.0 kJ/mol. Theoretically, to what temperature (°C) 
would one have to heat the hydrogen peroxide solution 
so that the rate of the uncatalyzed reaction is equal to the 
rate of the catalyzed reaction at 20.°C? Assume the fre- 
quency factor A is constant, and assume the initial con- 
centrations are the same. 


The activation energy for a reaction is changed from 
184 kJ/mol to 59.0 kJ/mol at 600. K by the introduction 
of a catalyst. If the uncatalyzed reaction takes about 
2400 years to occur, about how long will the catalyzed 
reaction take? Assume the frequency factor A is con- 
stant, and assume the initial concentrations are the same. 








b. Why is the following statement false? “A catalyst 
can increase the rate of a forward reaction but not 
the rate of the reverse reaction.” 


. Iodomethane (CHI) is a commonly used reagent in or- 


ganic chemistry. When used properly, this reagent al- 
lows chemists to introduce methyl groups in many dif- 
ferent, useful applications. The chemical does pose a risk 
as a carcinogen, possibly owing to iodomethane’s ability 
to react with portions of the DNA strand (if they were to 
come in contact). Consider the following hypothetical 
initial rates data: 





[DNA]o [CH3l]o Initial Rate 
(mol/L) (umol/L) (mmol be os at) 
0.100 0.100 32 0p Ome 
0.100 0.200 6.40 x 107+ 
0.200 0.200 NOS <0 


Which of the following could be a possible mechanism 
to explain the initial rate data? 


Mechanism I DNA + CH3I —> DNA—CH;* + I- 
Mechanism II CH3I —~> CH;* + I- 
DNA + CH;* —» DNA—CH;+ 


Slow 
Fast 


98. Two isomers (A and B) of a given compound dimerize as 


follows: 


Both processes are known to be second order in the reac- 
tant, and k; is known to be 0.250 L mol! s~! at 25°C. 
In a particular experiment A, and B were placed in sepa- 
rate containers at 25°C, where [A]p = 1.00 X 10-2 M 
and [B]y = 2.50 X 10-2 M. After each reaction had pro- 
gressed for 3.00 min, [A] = 3.00[B]. In this case the rate 
laws are defined as follows: 





d[A ; 
Rare = —2M ~ gap 
R = dt “a 2[B] 


a. Calculate the concentration of A; after 3.00 min. 
b. Calculate the value of k>. 
ce. Calculate the half-life for the experiment involving A. 


99. The thermal degradation of silk was studied by Kurup- 


pillai, Hersh, and Tucker (“Historic Textile and Paper 
Materials,” ACS Advances in Chemistry Series, No. 212, 
1986) by measuring the tensile strength of silk fibers at 
various times of exposure to elevated temperature. The 
loss of tensile strength follows first-order kinetics, 


GSuL. 


anes 





where s is the strength of the fiber retained after heating 
and k is the first-order rate constant. The effects of add- 
ing a deacidifying agent and an antioxidant to the silk 
were studied, and the following data were obtained: 


Strength Retained (%) 














Heating Time Deacidifying 
(days) Untreated Agent Antioxidant 
0.00 100.0 100.1 114.6 
1.00 67.9 60.8 Sw 
2.00 38.9 26.8 28.1 
3.00 16.1 -— 113 
6.00 6.8 —_ — 


a. Determine the first-order rate constants for the 
thermal degradation of silk for each of the three 
experiments. 

b. Does either of the two additives appear to retard the 
degradation of silk? 

c. Calculate the half-life for the thermal degradation of 
silk for each of the three experiments. 


100. Sulfuryl chloride (SO2Cl,) decomposes to sulfur dioxide 


(SO) and chlorine (Cl,) by reaction in the gas phase. 
The following data were obtained when a sample con- 
taining 5.00 X 10~? mole of sulfuryl chloride was heated 
to 600 K + 1 Kina 5.00 X 107! L container. 
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Time(h) 0.00 1.00 2.00 4.00 8.00 16.00 
eV eSSt CMM OO! O 0 MORON AO OEE CEO S).5y2 
(atm) 


Define the rate as —d[SO,Cl,|/dt. 

a. Determine the value of the rate constant for the 
decomposition of sulfuryl chloride at 600 K. 

b. What is the half-life of the reaction? 

c. What would be the pressure in the vessel after 0.500 
h and after 12.0 h? 

d. What fraction of the sulfuryl chloride remains after 
20.0 h? 


One reason suggested for the instability of long chains of 
silicon atoms is that the decomposition involves the fol- 
lowing transition state: 


i H 
+ aie = 
Jeol deal 
i i 
ee aSitp —> SiH + #SiHa 
H BES jar H 


The activation energy for such a process is 210 kJ/mol, 
which is less than either the Si—Si or the Si—H bond en- 
ergy. Why would a similar mechanism not be expected to 
play a very important role in the decomposition of long 
chains of carbon atoms as seen in organic compounds? 

The following results were obtained at 600 K for the de- 
composition of ethanol on an alumina (AI,O3) surface, 


C,HsOH(g) —> C,H,(g) + H20(g) 








t (s) Protal (torr) 
0 2503 
10. 265 
20. 280. 
30. 295 
40. 310. 
50. B25) 


. Predict Proraj in torr at t = 80. s. 

b. What is the value of the rate constant, and what are 
its units? 

c. What is the order of the reaction? 

d. Calculate Pyro, at ¢ = 300. s. 


At 620. K butadiene dimerizes at a moderate rate. The 


following data were obtained in an experiment involving 
this reaction: 


fab} 





t (s) [C4Hg] (mol/L) 
0 0.01000 
1000. 0.00629 
2000. 0.00459 
3000. 0.00361 
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. Determine the order of the reaction in butadiene. 

b. In how many seconds is the dimerization 1.0% 
complete? 

c. In how many seconds is the dimerization 2.0% 
complete? 

d. What is the half-life for the reaction if the initial 
concentration of butadiene is 0.0200 M? 

e. Use the results from this problem and Exercise 32 to 

calculate the activation energy for the dimerization 

of butadiene. 


pe) 


The decomposition of NO (g) occurs by the following 
bimolecular elementary reaction: 


2NO,(g) —> 2NO(g) + O2(g) 


The rate constant at 273 K is 2.3 x 107! L mol™! s“1, 
and the activation energy is 111 kJ/mol. How long will it 
take for the concentration of NO2(g) to decrease from an 
initial partial pressure of 2.5 atm to 1.5 atm at S00. K? 
Assume ideal gas behavior. 


The activation energy for a certain uncatalyzed biochemi- 
cal reaction is 50.0 kJ/mol. In the presence of a catalyst at 
37°C, the rate constant for the reaction increases by a fac- 
tor of 2.50 X 10? as compared with the uncatalyzed reac- 
tion. Assuming that the frequency factor A is the same for 
both the catalyzed and uncatalyzed reactions, calculate 
the activation energy for the catalyzed reaction. 


For the reaction 
2N205(g) —~> 4NOz(g) + O2(g) 


the following data were collected, where 


Ree Os! 
dt 
S335 1K Pa Biles VK 
t (s) [N205] [IN2Os] 

0 1.00 x 10°! M 1.00 x 102M 
100. 6.14 x 10-2 M 9.54x 107M 
300. 2.33 <* 10°2 M 8.63 X 10°2M 
600. 410s Mi 7.43 X 10-2 M 
900. 1.26 xX 10°37 M 6.39 X 10°2 M 


Calculate E, for this reaction. 


Experiments have shown the average frequency of chirp- 
ing of individual snowy tree crickets (Oecanthus fultoni) 
to be 178 min™ at 25.0°C, 126 min-! at 20.3°C, and 
LOOrmaiie tac tas ©: 
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a. What is the apparent activation energy of the reac- 
tion that controls the chirping? 

b. What chirping rate would be expected at 15.0°C? 

c. Compare the observed rates and your calculated rate 
from part b to the rule of thumb that the Fahrenheit 
temperature is 42 plus 0.80 times the number of 
chirps in 15 s. 


Experiments during a recent summer on a number of 

fireflies (small beetles, Lampyridae photinus) showed 

that the average interval between flashes of individual 
insects was 16.3 s at 21.0°C and 13.0 s at 27.8°C. 

a. What is the apparent activation energy of the reac- 
tion that controls the flashing? 

b. What would be the average interval between flashes 
of an individual firefly at 30.0°C? 

c. Compare the observed intervals and the one you cal- 
culated in part b to the rule of thumb that the 
Celsius temperature is 54 minus twice the interval 
between flashes. 


The compound NO,C]l is thought to decompose to NO, 
and Cl, by the following mechanism: 


k 
NO,Cl Tat NO, + Cl 


NO,Cl+ Cl 5 NO, + Ch 


Derive the rate law for the production of Cl, using the 
steady-state approximation. 

Many biochemical reactions are catalyzed by large protein 
molecules called enzymes. A typical mechanism for the 
conversion of a biochemical substrate (S) to product (P) 
catalyzed by an enzyme (E) involves the following steps: 


ky 
E+S = ES 
ky 


ES > p 


The rate-determining step is the decomposition of the 
intermediate enzyme-substrate complex (ES) to prod- 
ucts (P). Under these conditions, show that the overall 
rate of product formation is 


d(P]___ ki koLEL{S] 
dt k4,»+k,+k,(S] 





Rate = 


where [E]; equals the total enzyme concentration: 


[E]r = [E] + [ES] 
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Consider the following reaction: 
CH3X + Y —> CH;Y + X 


At 25°C the following two experiments were run, yield- 
ing the following data: 


Experiment 1: [Y]o = 3.0 M 
[CH;X] Time (h) 
7.08 X 10-3 M 120 
4.52 X 10°37M eS 
223 107° MoM Bes 
4.76 X 10°4*M 4.0 
8.44 x 105M Se 
2.75 X 107° M 7.0 
Experiment 2: [Y]Jo = 4.5 M 
[CH3X] Time (h) 
4.50 x 10°° M 0 
1.70 x 10°37 M 1.0 
4.19x 10°*M DAS 
1.11 x 10°*M 4.0 
2.81 X 10° M 3.8) 


Experiments were also run at 85°C. The value of the rate 

constant at 85°C was found to be 7.88 X 108 (with the 

time in units of hours), where [CH3X]) = 1.0 x 10-2 M 

and [Y]o = 3.0 M. 

a. Determine the rate law and the value of k for this 
FeAactiomat 2onG, 

b. Determine the half-life at 85°C. 

Determine E, for the reaction. 

d. Given that the C—X bond energy is known to be 
about 325 kJ/mol, suggest a mechanism that 
explains the results in parts a and c. 


© 


112. The following data were collected in two studies of the 
reaction 
2A + B—> C+D 
where 
—d[A] 
Rate = oi 


Experiment 1 Experiment 2 


Time (s) [A] (M) x 1072 [A] (M) x 1072 
0 10.0 10.0 
20. 6.67 5.00 
40. 5.00 3.33 
60. 4.00 2.50 
80. 3.33 2.00 
100. 2.86 1.67 
120. 2.50 1.43 


if ile} 
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In experiment 1, [B]o = 5.0 M. In experiment 2, [B]o = 
10.0 M. 
a. Why is [B] much greater than [A]? 
b. Give the rate law and value for k for this reaction. 
c. Which of the following mechanisms could be correct 
for this reaction? Justify your choice. 
i. A+ B=—E (fast equilibrium) 
Ea Be —> Ce Di(slow) 
u. A + B= E (fast equilibrium) 
E+ A — > C+ D (slow) 
ii. A + A — > E (slow) 
B= Bo S"C=- Di (tast) 
Consider a reaction of the type aA — products, in which 
the rate law is found to be rate = k[{A]? (termolecular re- 
actions are improbable but possible). If the first half-life 
of the reaction is found to be 40. s, what is the time for 
the second half-life? Hint: Using your calculus knowl- 
edge, derive the integrated rate law from the differential 
rate law for a termolecular reaction: 








Rate = 


For the reaction 
2A + B —= products 
a friend proposes the following mechanism: 
AN se 13 => Il 
A +M —=> products 
a. Assuming that the second step is the rate-determining 
step and the first step is a fast equilibrium step, deter- 
mine the rate law. Represent the rate constant in 
terms of k,, k_;, and kp. 
b. Using the steady-state approximation, determine the 
rate law. 


c. Under what conditions of [A] and [B] do you get the 
same rate law in parts a and b? 


Consider the hypothetical reaction 
A+B+2C —> 2D+3E 


In a study of this reaction, three experiments were run at 
the same temperature. The rate is defined as —d[B]/dt. 


Experiment 1: 


[A]o=2.0M [Blo =1.0X103M [C])=1.0M 
[B] (mol/L) Time (s) 
DH SEN TOD 10> 
i610 DAD WO 
Lil S< Qs S002 
3.5) 3 lO 4.0 x 105 
GO) XK NO-9 SHO < 10? 
Su 1@- 6.0 X 105 
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Experiment 2: 


[Alo =1.0X 10°?M [B],=3.0M [C]o=1.0M 
[A] (mol/L) Time (s) 
So 10 1.0 
Tlie Use 30 
57m el 5.0 
er Shims 8.0 
DOO AO 10.0 
2. Oped OG: 13.0 
Experiment 3: 
[A]o=10.0M [B]lo=5.0M [C]lo=5.0 x 101M 
[C] (mol/L) Time (s) 
0.43 T.Ox 102 
0.36 SRO OCA Ki mes 
0.29 3.0.x 10 * 
0.22 4.0 x 107-2 
0.15 Ope LO 
0.08 6010754 


Write the rate law for this reaction, and calculate the 
rate constant. 


A reaction represented by the equation 
302(g) —> 203(g) 


was studied at a specific temperature, and the following 
data were collected: 


Time (s) Total Pressure (atm) 
0 1.000 
46.89 0.9500 
98.82 0.9033 
37-9 0.8733 
200.0 0.8333 
286.9 0.7900 
Jove? 0.7700 
Siiles) 0.7233 


a. Determine the rate law for this reaction. 

b. Determine the value of the rate constant (including 
units). 

c. Calculate the time it would take for the total pres- 
sure to be 0.7133 atm. 


The gas-phase decomposition 2N,O; > 4NOQ), + O; is 
first order but not unimolecular. A possible mechanism is 


ky 
M + N2O; + NO; + NO, + M 


ky 
NO jE NO} NOE: O, + NO, 


k3 
NOz NOR NO; 
Apply the steady-state approximation to the concentra- 
tions of the intermediates NO; and NO, and derive the 
rate law for the decomposition of N,Os. 


You are studying the kinetics of the reaction H3(g) + 
F,(g) — 2HF(g) and you wish to determine a mecha- 


LL: 


nism for the reaction. You run the reaction twice by 
keeping one reactant at a much higher pressure than the 
other reactant (this lower-pressure reactant begins at 
1.000 atm). Unfortunately, you neglect to record which 
reactant was at the higher pressure, and you forget it 
later. Your data for the first experiment are as follows: 


Pressure of HF (atm) Time (min) 
0 0 
0.300 30.0 
0.600 65.8 
0.900 110.4 
1.200 169.1 
1.500 D9 


When you run the second experiment (in which the 
higher-pressure reactant is run at a much higher pres- 
sure), you determine the values of the apparent rate con- 
stants to be the same. It also turns out that you find data 
taken from another person in the lab. This individual 
found that the reaction proceeds 40.0 times faster at 55°C 
than at 35°C. You also know, from the energy-level dia- 
gram, that there are three steps to the mechanism, and the 
first step has the highest activation energy. You look up 
the bond energies of the species involved and they are (in 

kJ/mol): H—H (432), F—F (154), and H—F (565). 

a. Sketch an energy-level diagram (qualitative) that is 
consistent with the one described. 

b. Develop a reasonable mechanism for the reaction. 
Support your answer and explain the significance of 
each piece of information. 

c. Which reactant was limiting in the experiments? 


Hydrogen peroxide and the iodide ion react in acidic so- 
lution as follows: 


H,02(aq) + 3I-(aq) + 2H*(aq) — > 1;"(aq) + 2H,O(/) 


The kinetics of this reaction were studied by following 
the decay of the concentration of HO, and constructing 
plots of In[H,O.] versus time. All the plots were linear 
and all solutions had [H)O ]) = 8.0 X 107+ mol/L. The 
slopes of these straight lines depended on the initial con- 
centrations of I” and H*. The results follow: 

[I~ ]o (mol/L) [H™]o (mol/L) 


Slope (min7!) 





0.1000 0.0400 =O.120 
0.3000 0.0400 —0.360 
0.4000 0.0400 —0.480 
0.0750 0.0200 —0.0760 
0.0750 0.0800 Lis 
0.0750 0.1600 OL 74 


The rate law for this reaction has the form 


—d[H,0,] 


Rate = 
ate dt 


= (k; + k,o[H*)) [H20,)" 


a. Specify the orders of this reaction with respect to 
[H2O.] and [I7]. 

b. Calculate the values of the rate constants k, and kp. 

c. What reason could there be for the two-term depen- 
dence of the rate on [H*]? 


Marathon Problem 
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120. Consider the following hypothetical data collected in 
two studies of the reaction 


2A(g) + 2B(g) —> C(g) + 2D(g) 








Experiment 1 Experiment 2 
Time (s) [A] (mol/L) [A] (mol/L) 
0. LOL TORO 
10. 8.4 x 10-3 D0 1O™ 
20. Plo Les 255 10>? 
30. ? Heese ies 
40. 5010" 6.5% 102 


In experiment 1, [B] = 10.0 M. In experiment 2, [B] = 
20.0 M. 


—d[A] 
dt 





Rate = 


a. Use the concentration versus time data to determine 
the rate law for the reaction. 


. Solve for the rate constant k for the reaction. Include 


units. 


. Calculate the concentration of A in experiment 1 at 


t = 30.s. 


. The following three mechanisms are proposed for 


this reaction: 


ee a= > (Fast 
equilibrium) 
B, + A —> E+D (Slow) 
E+ A —> C+D (Fast) 
iA Bb ——> DIF (Slow) 
bo Cn G: (Fast) 
G+A—D (Fast) 
ii Ac 2B > Ee DD (Slow) 
E+ A— C+D (Fast) 


Choose the best mechanism(s). Include an explana- 
tion of which mechanism(s) you exclude and why. If 
you believe two (or even all three) mechanisms are 
equally good, explain why. 
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Densities of the Three States of Water 


Table 16.1 


State 


Solid (0°C, 1 atm) 
Liquid (25°C, 

1 atm) 

Gas (400°C, 

1 atm) 


Density 
(g/cm?) 


0.9168 
0.9971 


BAEK NO 





Chapter 16 Liquids and Solids 


ou have only to think about water to appreciate how different the 

three states of matter are. Flying, swimming, and ice skating are all 

done in contact with water in its various forms. Clearly, the arrange- 

ments of the water molecules must be significantly different in its 
gas, liquid, and solid forms. 

Recall that a gas can be pictured as a substance whose component particles 
are far apart and are in rapid, random motion, exerting relatively small forces 
on each other. The kinetic molecular model was constructed to account for 
the ideal behavior that real gases approach at high temperatures and low 
pressures. 

Solids are obviously very different from gases. Gases have low densities 
and high compressibilities and completely fill a container. Solids have much 
greater densities, are compressible only to a very slight extent, and are rigid—a 
solid maintains its shape irrespective of its container. These properties indicate 
that the components of a solid are close together and exert large attractive 
forces on each other. 

The properties of liquids lie somewhere between those of solids and those 
of gases, but not midway between, as can be seen from some of the properties 
of the three states of water. For example, compare the enthalpy change for the 
melting of ice at 0°C (the heat of fusion) with that for vaporizing liquid water 
at 100°C (the heat of vaporization): 


H,O(s) —> H,O(/) AH?,, = 6.02 kJ/mol 
H,O(/) —> H,O(g) — AH,» = 40.7 kJ/mol 


These values show a much greater change in structure in going from the liquid 
to the gas than in going from the solid to the liquid. This suggests that there are 
extensive attractive forces among the molecules in liquid water, similar to but 
not as strong as those in the solid state. 

The relative similarity of the liquid and solid states can also be seen in the 
densities of the three states of water. As shown in Table 16.1, the densities for 
liquid and solid water are quite close. Compressibilities can also be used to 
explore the relationship among water’s states. At 25°C the density of liquid 
water changes from 0.99707 g/cm? at a pressure of 1 atm to 1.046 g/cm? at 
1065 atm. Given the large change in pressure, this is a very small variation in 
the density. Ice also shows little variation in density with increased pressure. 
On the other hand, at 400°C the density of gaseous water changes from 
3.26 X 10-4 g/cm? at 1 atm pressure to 0.157 g/cm? at 242 atm—a huge 
variation. 

The conclusion is clear. The liquid and solid states show many similarities 
and are strikingly different from the gaseous state (Fig. 16.1). We must bear 
this in mind as we develop models for the structures of solids and liquids. 


























Gas Liquid Solid 


Figure 16.1 
Schematic representations of the three states of matter, 


16.1. Intermolecular Forces 783 





16.1 | Intermolecular Forces 


Remember that temperature is a 


measure of the random motions of the 


particles in a Substance 





Attraction ----------- 
Repulsion ----------- 


(b) 


Figure 16.2 

(a) The electrostatic interaction of two 
polar molecules. (b) The interaction of 
many dipoles in a condensed state. 


Recall that atoms can form stable units called molecules by sharing electrons. 
This is called intramolecular (within the molecule) bonding. In this chapter we 
will consider the properties of the condensed states of matter (liquids and sol- 
ids) and the forces that cause the aggregation of the components of a substance 
to form a liquid or a solid. These forces may involve covalent or ionic bonding, 
or they may involve weaker interactions usually called intermolecular forces 
(because they occur between, rather than within, molecules). 

It is important to recognize that when a substance like water changes from 
solid to liquid to gas, the molecules remain intact. The changes of state are 
caused by changes in the forces among the molecules rather than those within 
the molecules. In ice, as we will see later in this chapter, the molecules are vir- 
tually locked in place, although they can vibrate about their positions. If en- 
ergy is added, the motions of the molecules increase, and they eventually 
achieve the greater movement and disorder characteristic of liquid water; the 
ice has melted. As more energy is added, the gaseous state is eventually reached, 
where the individual molecules are far apart and thus interacting relatively 
little. However, the gas still consists of water molecules. It would take much 
more energy to overcome the covalent bonds and decompose the water mole- 
cules into their component atoms. This can be seen by comparing the energy 
needed to vaporize 1 mole of liquid water (40.7 kJ) with that needed to break 
the O—H bonds in 1 mole of water molecules (934 kJ). 


Dipole—Dipole Forces 


Recall that molecules with polar bonds often behave in an electric field as if 
they had a center of positive charge and a center of negative charge; that is, 
they exhibit a dipole moment. Molecules with dipole moments can attract each 
other electrostatically by lining up so that the positive and negative ends are 
close to each other, as shown in Fig. 16.2(a). This is called a dipole-dipole at- 
traction. In a condensed state such as a liquid, the dipoles find the best com- 
promise between attraction and repulsion, as shown in Fig. 16.2(b). 

Dipole-dipole forces are typically only about 1% as strong as covalent or 
ionic bonds, and they rapidly become weaker as the distance between the di- 
poles increases. At low pressures in the gas phase, where the molecules are far 
apart, these forces are relatively unimportant. 

Particularly strong dipole-dipole forces are seen among molecules in which 
hydrogen is bound to a highly electronegative atom, such as nitrogen, oxygen, 
or fluorine. Two factors account for the strengths of these interactions: the 
great polarity of the bond and the close approach of the dipoles, allowed by the 
very small size of the hydrogen atom. Because dipole-dipole attractions of this 
type are so unusually strong, they are given a special name—hydrogen bond- 
ing. Figure 16.3 shows hydrogen bonding among water molecules. 

Hydrogen bonding has a very important effect on various physical proper- 
ties. For example, the boiling points for the covalent hydrides of the elements 
in Groups 4A, 5A, 6A, and 7A are shown in Fig. 16.4. Note that the nonpolar 
tetrahedral hydrides of Group 4A show a steady increase in boiling point with 
molar mass (that is, in going down the group), whereas for the other groups 
the lightest member has an unexpectedly high boiling point. Why? The answer 
lies in the especially large hydrogen-bonding interactions that exist among the 
smallest molecules with the most polar X—H bonds. These unusually strong 
hydrogen-bonding forces are due primarily to two factors. One factor is the 
relatively large electronegativity values of the lightest elements in each group, 
which leads to especially polar X—H bonds. The second factor is the small size 
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Figure 16.3 

(a) The polar water molecule. (b) Hydro- 
gen bonding among water molecules. 
Note that the small size of the hydrogen 
atom allows for close interactions. 


Figure 16.4 

The boiling points of the covalent 
hydrides of elements in Groups 4A, 5A, 
6A, and 7A. 


Boiling point will be defined precisely in 
Section 16.10. 


The dipole-dipole and London disper- 
sion forces are sometimes called 

van der Waals forces after Johannes 
van der Waals. See Section 5.10. 
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of the first element of each group. This allows for the close approach of the 
dipoles, further strengthening the intermolecular forces. Because the interac- 
tions among the molecules containing the lightest elements in Groups 5A, 6A, 
and 7A are so strong, an unusually large quantity of energy must be supplied 
to overcome these interactions and separate the molecules to produce the gas- 
eous state—hence the very high boiling points. 


London Dispersion Forces 


Even molecules without dipole moments must exert forces on each other. We 
know they do because all substances—even the noble gases—exist in the liquid 
and solid states under certain conditions. The relatively weak forces that exist 
among noble gas atoms and nonpolar molecules are called London dispersion 
forces. To understand the origin of these forces, let’s consider a pair of noble 
gas atoms. Although we usually assume that the electrons of an atom are uni- 
formly distributed about the nucleus, this is apparently not true at every in- 
stant. Atoms can develop a momentary nonsymmetrical electron distribution 
that produces a temporary dipolar arrangement of charge. This instantaneous 
dipole can then induce a similar dipole in a neighboring atom, as shown in Fig. 
16.5(a). This phenomenon leads to an interatomic attraction that is both weak 


Figure 16.5 

(a) An instantaneous polarization can 
occur on atom A, creating an instanta- 
neous dipole. This dipole creates an 
induced dipole on neighboring atom B. 
(6) Nonpolar molecules such as Hs can 
develop instantaneous and induced 
dipoles. 


Table 16.2 


The Freezing Points of the Group 8A 
Elements 


Element Freezing Point (°C) 
Helium* 269.7 
Neon —248.6 
Argon —189.4 
Krypton alswes) 
Xenon =a ieee, 


*Helium is the only liquid that does not 
freeze when the temperature is lowered at 
1 atm. It will freeze only if more pressure 
is applied. 


The dispersion forces in molecules with 
large atoms are quite significant and 
are often actually more important than 
dipole-dipole forces 
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Molecule A 





Atom A Atom B 


No polarization 


Molecule B 


No polarization 
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Instantaneous dipole on atom A 
induces a dipole on atom B 


Instantaneous dipole on molecule A 
induces a dipole on molecule B 





Molecule A 
(b) 


Molecule B 





and short-lived but that can be very significant for large atoms, as we will dis- 
cuss later. For these interactions to become strong enough to produce a solid, 
the motions of the atoms must be greatly reduced. This explains, for instance, 
why the noble gas elements have such low freezing points (Table 16.2). 

Note from Table 16.2 that the freezing point rises going down the group. 
The principal cause for this trend is that as the mass (and the atomic number) 
increases, the number of electrons increases, so there is an increased chance of 
the occurrence of momentary dipoles. We say that large atoms with many elec- 
trons exhibit a higher polarizability than small atoms. Thus the importance of 
London dispersion forces greatly increases as atomic size increases. 

These same ideas also apply to nonpolar molecules such as H, CH4, CCl, 
and CO) [Fig. 16.5(b)]. Since none of these molecules has a permanent dipole 
moment, their principal means of attraction for each other is through London 
dispersion forces. 
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The Liquid State 


Liquids and liquid solutions are vital to our lives. Of course, water is the most 
important liquid. Besides being essential to life, it provides a medium for food 
preparation, for transportation, for cooling in many types of machines and 
industrial processes, for recreation, for cleaning, and for a myriad of other 
uses. 

Liquids exhibit many characteristics that help us to understand their na- 
tures. We have already mentioned their low compressibility, lack of rigidity, 
and high density compared with gases. Many of the properties of liquids give 
us direct information about the forces that exist among the particles. For ex- 
ample, when a liquid is poured onto a solid surface, it tends to bead as drop- 
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Siew euceice Getting a Grip 





Geckos are tiny lizards that can easily climb verti- 
cal walls and hang from the ceiling by a single toe. 
How they accomplish this feat has befuddled 
humans since Aristotle wrote about it 2300 years 
ago. The astonishing fact is that a 2-inch gecko can 
support 90 pounds—the weight of a typical eight- 
or nine-year-old child. How does it do this? 

A recent study suggests that London dispersion 
forces—typically thought of as very weak interac- 
tions—may be responsible for geckos’ sticking 
power. A team of scientists led by Robert J. Full of 
the University of California at Berkeley and Kellar 
Autumn at Lewis and Clark College in Portland, 
Oregon, has studied the sticking force of the tiny 
“hairs” called setae (pronounced “see-tee”) on 
gecko feet. Close examination shows that each seta 
contains tiny curved pads called spatulae. When a 
gecko’s foot fastens onto a surface, the billion or 
so spatulae that cover the sole come into close 
contact with the surface. The scientists’ calcula- 
tions show that the dispersion forces from these 
billions of interactions can explain the amazing 
gecko grip. Gecko adhesion also works in a 
vacuum, which eliminates the possibility that 
“suction” is involved in the process. 

The West Coast team was tipped off to the 
nature of the adhesion forces by the unusual way in 
which a gecko walks—by setting its toes down like 
tongues uncurling and lifting its toes as if peeling 
up adhesive tape. The downward step seems to 


The feet and toes of a variety of gecko lizards. 








both press the setae against the surface and tug 
them parallel to the surface, ensuring that 
maximum contact is made. Tests show that the 
setae hold fast until the angle between them and 
the surface reaches about 30 degrees. To remove its 
toes from the surface, the gecko presumably raises 
the setae beyond the critical angle of 30 degrees. 
Figuring out how geckos stick is not just an 
issue of pure scientific interest but could lead to 





products such as super sticky tape and robots that 
could climb any surface. The gecko’s adhesive 
system never leaves a residue, never gets dirty, 
never wears out, and works on any surface. Many 
useful products can be visualized if scientists can 
find a way to artificially replicate gecko adhesion. 
It might even take all of the danger (and fun) out 
of rock climbing! 


Paul D. Stewart/Dr. Kellar Autumn/Lewis and Clark College 





lets, a phenomenon that depends on the intermolecular forces. Although mol- 
ecules in the interior of the liquid are completely surrounded by other molecules, 
those at the liquid’s surface are subject to attractions only from the side and 
from below (Fig. 16.6). The effect of this uneven pull on the surface molecules 
tends to draw them into the body of the liquid and causes a droplet of liquid to 
assume the shape that has the minimum surface area—a sphere. 

To increase a liquid’s surface area, molecules must move from the interior 
of the liquid to the surface. This requires energy, since some intermolecular 


Apastron/Dreamstime.com 
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Figure 16.6 

A molecule in the interior of a liquid is 
attracted to the molecules surrounding 
it, whereas a molecule at the surface of 
a liquid is attracted only by molecules 
below it and on each side of it. 


The composition of glass is discussed 
in Section 16.5 
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Figure 16.7 

(top left) Nonpolar liquid mercury forms 
a convex meniscus in a glass tube. 
(top right) Polar water forms a concave 
meniscus. (bottom) Beads of water on 
a waxed car finish. 
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forces must be overcome. The resistance of a liquid to an increase in its surface 
area is called the surface tension of the liquid. As we would expect, liquids with 
relatively large intermolecular forces tend to have relatively high surface 
tensions. 

Polar liquids also exhibit capillary action, the spontaneous rising of a liq- 
uid in a narrow tube. Two different types of forces are responsible for this 
property: cohesive forces, the intermolecular forces among the molecules of the 
liquid, and adhesive forces, the forces between the liquid molecules and their 
container. We have already seen how cohesive forces operate among polar 
molecules. Adhesive forces between a polar liquid and a given surface are 
strongest when the surface is made of a substance that has polar bonds. For 
example, glass contains many oxygen atoms with partial negative charges that 
are attractive to the positive end of a polar molecule such as water. This ability 
of water to “wet” glass makes it creep up the walls of the tube where the water 
surface touches the glass. This, however, tends to increase the surface area of 
the water, which is opposed by the cohesive forces that try to minimize the 
surface area. Thus, because water has both strong cohesive (intermolecular) 
forces and strong adhesive forces to glass, it “pulls itself” up a glass capillary 
tube (a tube with a small diameter) to a height where the weight of the column 
of water just balances the water’s tendency to be attracted to the glass surface. 
The concave shape of the meniscus (Fig. 16.7) shows that water’s adhesive 
forces toward the glass are stronger than its cohesive forces. A nonpolar liquid 
such as mercury shows a convex meniscus in a glass tube. This behavior is 
characteristic of a liquid in which the cohesive forces are stronger than the 
adhesive forces toward the glass. 

Another property of liquids that is strongly dependent on intermolecular 
forces is viscosity, a measure of a liquid’s resistance to flow. As might be ex- 
pected, liquids with large intermolecular forces tend to be highly viscous. For 
example, glycerol, whose structure is 
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has an unusually high viscosity mainly because of its high capacity to form 
hydrogen bonds. 

Molecular complexity also leads to higher viscosity because very large 
molecules can become entangled with each other. For example, nonviscous 
gasoline contains molecules of the type CH;—(CH)p),,—CH3, where 7 varies 
from about 3 to 8. However, grease, which is very viscous, contains much 
larger molecules in which 7 varies from 20 to 25. 

In many respects the development of a structural model for liquids pre- 
sents greater challenges than the development of such a model for the other 
two states of matter. In the gaseous state, the particles are so far apart and are 
moving so rapidly that intermolecular forces are negligible under most circum- 
stances. This means we can use a relatively simple model for gases. In the solid 
state, although the intermolecular forces are large, the molecular motions are 
minimal, and fairly simple models are again possible. The liquid state, how- 
ever, has both strong intermolecular forces and significant molecular motions. 
Such a situation precludes the use of really simple models for liquids. Recent 
advances in spectroscopy—the study of the manner in which substances inter- 
act with electromagnetic radiation—make it possible to follow the very rapid 
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Smart Fluids 





Matter seems to be getting smarter these days. 
Increasingly, we have discovered materials that can 
remember their initial shape after being deformed 
or can sense and respond to their environment. In 
particular, valuable new materials have been for- 
mulated whose properties can be changed instantly 
by applying a magnetic or electric field. 

One example of such a substance is a fluid 
whose flow characteristics (rheology) can be 
changed from free flowing to almost solid in about 
0.01 second by the application of an electromag- 
netic field. This magnetorheological (MR) fluid was 
developed by Lord Corporation. Working in collab- 
oration with Delphi Corporation, the company is 
applying the fluid in suspension control of General 
Motors automobiles such as Cadillacs and Cor- 
vettes. The so-called Magneride system has sensors 
that monitor the road surface and provide informa- 
tion about what suspension damping is needed. In 
response, a message is instantly sent to an electro- 
magnetic coil in the shock absorbers, which adjusts 
the viscosity of the MR fluid to provide continu- 
ously variable damping. The result: an amazingly 
smooth ride and unerring road-holding ability. 

The MR fluid is composed of a synthetic oil in 
which particles of an iron-containing compound are 
suspended. When the magnetic field is turned off, 









Micro- 
Controller 





Magnetic field on 
Applied field (7) 
creates structure that 
increases viscosity 


Magnetic field off 
Magnetic particles 
flow randomly 


these particles flow freely in all directions (see the 
figure above). When the field is turned on, the parti- 
cles aggregate into chains that line up perpendicular 
to the flow of the fluid, thereby increasing its viscos- 
ity in proportion to the strength of the applied field. 

Many other applications of MR fluids besides 
auto suspensions are under development. For 
example, this technology is being used in a pros- 
thesis (see below) for above-the-knee amputees, 
which gives them a more natural gait and improves 
stair climbing. One very large-scale application is 
in Japan’s National Museum of Emerging Science 
and Innovation, where an MR fluid is being used 
in dampers to protect the building against earth- 
quake damage. Large MR fluid dampers are also 
being used for stabilizing bridges such as the Dong 
Ting Lake Bridge in China’s Hunan province to 
steady it in high winds. 










Knee Angle & 
Speed Sensor 


MR Fluid 
Damper 















Force and Movement 
Sensors 


This High Intelligence Prosthesis for the knee uses an MR fluid damper to provide motion that 


closely duplicates the natural movement of the knee joint. 


16.3 An Introduction to Structures and Types of Solids 789 


changes that occur in liquids. As a result, our models of liquids are becoming 
more accurate. As a starting point, a typical liquid might best be viewed as 
containing a large number of regions where the arrangements of the compo- 
nents are similar to those found in the solid, but with more disorder. In addi- 
tion, a smaller number of regions exist in the liquid where gaps (“holes”) occur 
among the molecules. The situation is highly dynamic, with rapid fluctuations 
occurring in both types of regions. 





There are many ways to classify solids, but the broadest categories are crystal- 
line solids, those with a highly regular arrangement of their components, and 
amorphous solids, those with considerable disorder in their structures. 

The regular arrangement of the components of a crystalline solid at the 
microscopic level produces the beautiful, characteristic shapes of crystals, such 
as those shown in Fig. 16.8. The positions of the components in a crystalline 
solid are usually represented by a lattice, a three-dimensional array of points 
designating the centers of the components (atoms, ions, or molecules) that 
shows the repetitious pattern of the components. The smallest repeating unit of 
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Figure 16.8 | 3 | 
Several crystalline solids. (clockwise from upper left) Rhodochrosite, fluorite, pyrite, amethyst. 


790 


(a) 


(b) 


(c) 
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Unit cell 


the lattice is called the unit cell. Thus a particular lattice can be generated by 
repeating (translating) the unit cell in all three dimensions to form the extended 
structure. Three common unit cells and their lattices are shown in Fig. 16.9. 

Although we will concentrate on crystalline solids in this book, there are 
many important noncrystalline (amorphous) materials. An example is com- 
mon glass, which is best pictured as a solution whose components are “frozen 
in place” before they can achieve an ordered arrangement. Although glass is a 
solid (it has a rigid shape), a great deal of disorder exists in its structure. 


Lattice Space-filling unit cell Example 





Simple cubic 















Polonium 
metal 














Face-centered cubic 
































Figure 16.9 
Three cubic unit cells and the corresponding lattices. Note that only parts of spheres on the corners and faces of the unit cells reside 
inside the unit cell, as shown by the cutoff versions. 
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Conch Clues 


Chemical Insights 





Nature is an excellent source of ideas for making 
materials that are useful in the human world. A 
recent example involves the shell of the giant pink 
queen conch (Strombus gigas). The shell of the 
Caribbean conch (pronounced “conk”) is 100 to 
1000 times stronger than the aragonite mineral that 
makes up 99% of the shell. Since aragonite is a 
form of calcium carbonate, which in its pure form 
breaks like chalk, why is the conch shell so tough? 

Arthur Heuer and his colleagues at Case 
Western Reserve University in Cleveland have used 
microscopy to show that the secret of the conch 
shell’s strength lies in the protein that surrounds 
strands of aragonite in the shell. These strands are 
bundled into larger strands, which are in turn 
packed into still larger structures. At each level of 
organization, adjacent structures are oriented per- 
pendicular to one another. This arrangement allows 
fractures to spread without shattering the shell. 

The conch shell, which is 99% calcium carbon- 
ate, is therefore really a composite material in 
which proteins provide the toughness that makes 
the shell so resistant to shattering. Although the 
conch shell itself is not useful (except to the 
conch), it illustrates how composites may offer 
much greater strength than the individual sub- 
stances involved. 

Scientists are studying many other natural 
materials* that are especially strong yet very light. 





Joanna Aizenberg 


Silica sea sponge. 





*Ror more information, see “Making the Most of It,” Sci. 
News 169 (2006): 184. 





Examples include the silica sea sponge, which has 
an intricate cylindrical glass skeleton approxi- 
mately 20 cm long and a few centimeters in diame- 
ter. Another interesting natural structure is the 
20-cm-long beak of the Toco toucan, which makes 
up one-third of the bird’s length but accounts for 
only 1/20 of its mass. 

Lessons learned from these natural materials 
may well lead to high-performance materials that 
may prove useful in aerospace vehicles, bridges, 
and construction materials. 





Courtesy, Dr. Marc A. Meyers/ 
University of California, San Diego 


(top) Toco toucan. (bottom) Scanning electron micro- 
scope (SEM) image of the layered and staggered keratin 
tiles that make up the outer shell of a Toco toucan’s beak. 
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In-phase Out of phase 


In-phase In-phase ah 





(a) (b) 

Figure 16.10 

X rays scattered from two different atoms may reinforce (constructive interference) or cancel (destructive interference) one another. 

(a) Both the incident rays and the reflected rays are also in phase. In this case d; is such that the difference in the distances traveled by 
the two rays is a whole number of wavelengths. (b) The incident rays are in phase, but the reflected rays are exactly out of phase. In 
this case d» is such that the difference in distances traveled by the two rays is an odd number of half wavelengths. 


X-Ray Analysis of Solids 


The structures of crystalline solids are most commonly determined by X-ray 
diffraction. Diffraction occurs when beams of light are scattered from a regular 
array of points or lines where the spacings between the components are com- 
parable to the wavelength of the light. Diffraction is caused by constructive 
interference when the waves of parallel beams are in phase and by destructive 
interference when the waves are out of phase. 

When X rays of a single wavelength are directed at a crystal, a diffraction 
pattern is obtained, as we saw in Fig. 12.7. The light and dark areas on the 
photographic plate occur because the waves scattered from various atoms may 
reinforce or cancel each other (see Fig. 16.10). The key to whether the waves 
reinforce or cancel is the difference in distance traveled by the waves after they 
strike the atoms. The waves are in phase before they are reflected; thus, if the 
difference in distance traveled after reflection is an integral number of wave- 
lengths, the waves will still be in phase when they meet again. 

Since the distance traveled after reflection depends on the distance between 
the atoms, the diffraction pattern can be used to determine the interatomic 
spacings. The exact relationship can be formulated using the diagram in Fig. 
16.11, which shows two in-phase waves being reflected by atoms in two differ- 
ent layers of a crystal. The extra distance traveled by the lower wave is the sum 
of the distances xy and yz. The waves will be in phase after reflection if 


xy + yz = nr (16.1) 


where 7 is an integer and A is the wavelength of the X rays. Using trigonometry 
(Fig. 16.11), we can show that 


xy + yz = 2d sin 0 (16.2) 


Figure 16.11 Incident rays Reflected rays 
Reflection of X rays of wavelength A 
from a pair of atoms in two different 
layers of a crystal. The lower wave 
travels an extra distance equal to the 
sum of xy and yz. If this distance is an 
integral number of wavelengths (n = 1, 
2, 3,...), the waves will reinforce each 
other when they exit the crystal. 





Figure 16.12 


Examples of three types of crystalline 
solids. Only part of the structure is 
shown in each case. (a) An atomic 
solid. (b) An ionic solid. (c) A molecular 
solid. The dashed lines show the 
hydrogen bonding among the polar 


water molecules. 
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where d is the distance between the atoms and @ is the angle of incidence and 
reflection. Combining Equation (16.1) and Equation (16.2) gives 


nv = 2d sin 6 (16.3) 


Equation (16.3) is called the Bragg equation, after William Henry Bragg 
(1862-1942) and his son William Lawrence Bragg (1890-1972). They shared 
the Nobel Prize in physics in 1915 for their pioneering work in X-ray 
crystallography. 

A diffractometer is a computer-controlled instrument used for carrying out 
the X-ray analysis of crystals. It rotates the crystal with respect to the X-ray 
beam and collects the data produced by the scattering of the X rays from the 
various planes of atoms in the crystal. The results are then analyzed by com- 
puter. The techniques for crystal structure analysis have reached a level of so- 
phistication that allows the determination of very complex structures, such as 
those important in biological systems. Using X-ray diffraction, we can gather 
data on bond lengths and angles and, in doing so, can test the predictions of 
our models of molecular geometry. 


Types of Crystalline Solids 


There are many different types of crystalline solids. For example, although 
both sugar and salt dissolve readily in water, the properties of the resulting 
solutions are quite different. The salt solution readily conducts an electric cur- 
rent, but the sugar solution does not. This behavior arises from the nature of 
the components of these two solids. Common salt (NaCl) is an ionic solid; it 
contains Na* and Cl ions. When solid sodium chloride dissolves in the polar 
water, sodium and chloride ions are distributed throughout the resulting solu- 
tion and are free to conduct an electric current. Table sugar (sucrose), on the 
other hand, is composed of neutral molecules that are dispersed throughout 
the water when the solid dissolves. Since no ions are present in the solid, the 
resulting solution does not conduct electricity. These examples illustrate two 
important types of solids: ionic solids, represented by sodium chloride, and 
molecular solids, represented by sucrose. 

A third type of solid is illustrated by elements such as graphite, diamond, 
and buckminsterfullerene (all pure carbon), boron, silicon, and all metals. 
These substances all have atoms occupying the lattice points; we will call them 
atomic solids. Examples of the three types of solids are shown in Fig. 16.12. 





























Sodium chloride Ice 
(b) (c) 


794 Chapter 16 Liquids and Solids 


The internal forces in a solid determine 
the properties of the solid. 


The properties of a solid are determined primarily by the nature of the 
forces that hold the solid together. For example, although argon, copper, and 
diamond all form atomic solids, they have strikingly different properties. Ar- 
gon has a very low melting point (— 189°C), whereas diamond and copper melt 
at high temperatures (about 3500°C and 1083°C, respectively). Copper is an 
excellent conductor of electricity, but argon and diamond are both insulators. 
Copper can be easily changed in shape; it is both malleable (can form thin 
sheets) and ductile (can be pulled into a wire). Diamond, on the other hand, is 
the hardest natural substance known. The marked differences in properties 
among these three atomic solids are caused by bonding differences. We will 
explore the bonding in solids in the next two sections. 
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The closest packing model for metallic 
crystals assumes that metal atoms are 
uniform, hard spheres 


Figure 16.13 

The closest packing arrangement of 
uniform spheres. In each layer a given 
sphere is surrounded by six others. 

(a) aba packing: The second layer is 
like the first, but it is displaced so that 
each sphere in the second layer occu- 
pies a dimple in the first layer. The 
spheres in the third layer occupy 
dimples in the second layer so that the 
spheres in the third layer lie directly 
over those in the first layer (aba). 

(b) abc packing: The spheres in the 
third layer occupy dimples in the 
second layer so that no spheres in the 
third layer lie above any in the first layer 
(abc). The fourth layer is like the first. 


Structure and Bonding in Metals 


Metals are characterized by high thermal and electrical conductivity, mallea- 
bility, and ductility. As we will see, these properties can be traced to the non- 
directional covalent bonding found in metallic crystals. 

A metallic crystal can be pictured as containing spherical atoms packed to- 
gether and bonded to each other equally in all directions. We can model such a 
structure by packing uniform, hard spheres in a manner that most efficiently uses 
the available space. Such an arrangement is called closest packing (Fig. 16.13). 
The spheres are packed in layers in which each sphere is surrounded by six oth- 
ers. In the second layer, the spheres do not lie directly over those in the first layer. 
Instead, each one occupies an indentation (or dimple) formed by three spheres in 
the first layer. In the third layer, the spheres can occupy the dimples of the second 
layer in two possible ways. They can occupy positions so that each sphere in the 
third layer lies directly over a sphere in the first layer (the aba arrangement), or 
they can occupy positions so that no sphere in the third layer lies over one in the 
first layer (the abc arrangement). 

The aba arrangement has the hexagonal unit cell shown in Fig. 16.14, and 
the resulting structure is called the hexagonal closest packed (hep) structure. 
The abc arrangement has a face-centered cubic unit cell, as shown in Fig. 16.15, 


(a) abab — Closest packing 





Top view Side view 


Top view 


(b) abca — Closest packing 





Top view 


Top view Top view Side view 


Figure 16.14 

When spheres are closest packed so 
that the spheres in the third layer are 
directly over those in the first layer 
(aba), the unit cell is the hexagonal 
prism illustrated here in red. 
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Side view 








Top view Unit cell 





Atom in third layer 
lies over atom in 
first layer. 





b 
(33 
b 6 
a 
a 
: b 
An atom in every Unit cell 
fourth layer lies 
over an atom in 
the first layer. hep 
Figure 16.15 Figure 16.16 
When spheres are packed in the abc arrangement, the unit cell is face- The indicated sphere has 12 equivalent 
centered cubic. To make the cubic arrangement easier to see, the verti- nearest neighbors. 


cal axis has been tilted as shown. 


and the resulting structure is called the cubic closest packed (ccp) structure. 
Note that in the hep structure the spheres in every other layer occupy the same 
vertical position (ababab . . .), whereas in the ccp structure the spheres in every 
fourth layer occupy the same vertical position (abcabca .. .). A characteristic of 
both structures is that each sphere has 12 equivalent nearest neighbors: 6 in the 
same layer, 3 in the layer above, and 3 in the layer below (that form the dim- 
ples). This is illustrated for the hcp structure in Fig. 16.16. 

Knowing the vet number of spheres (atoms) in a particular unit cell is im- 
portant for many applications involving solids. To illustrate the procedure for 
finding the net number of spheres in a unit cell, let’s consider a face-centered 
cubic unit cell (Fig. 16.17). Note that this unit ae is defined by the centers of 
the spheres on the cube’s corners. Thus 8 cubes share a given sphere, so g g of 
this sphere lies inside each unit cell. Since a cube has 8 corners, there are 8 X § 
pieces, or enough to put together 1 whole sphere. The spheres at the center of 
each face are shared by 2 unit cells, so 2, + of each lies inside a particular unit cell. 
Since the cube has 6 faces, we have 6 X } pieces, or enough to construct 3 whole 
spheres. Thus the net number of spheres in a face-centered cubic unit cell is 


fedolent)s 
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Although we usually think of scientists as dealing 
with esoteric and often toxic materials, sometimes 
they surprise us. For example, scientists at several 
prestigious universities have lately shown a lot of 
interest in M & M candies. 

To appreciate the scientists’ interest in M & Ms, 
we must consider the importance of packing atoms, 
molecules, or microcrystals in understanding the 
structures of solids. The most efficient use of space 
is the closest packing of uniform spheres, where 
74% of the space is occupied by the spheres and 
26% of space is left unoccupied. Although the 
structures of most pure metals can be explained in 
terms of closest packing, most other substances— 
such as many alloys and ceramics—consist of 
random arrays of microscopic particles. For this 
reason, it is of interest to study how such objects 
pack in a random way. 

When uniform spheres, such as marbles, are 
poured into a large container, the resulting random 
packing of the spheres results in only 64% of the 
space being occupied by the spheres. Thus it was 
very surprising when Princeton University chemist 
Salvatore Torquato and his colleagues at Cornell and 
North Carolina Central Universities discovered that 
when the ellipsoidal-shaped M & Ms are poured 
into a large container, the candies occupy 73.5% of 
the available space. In other words, the randomly 
packed M & Ms occupy space with almost the same 
efficiency as closest packed spheres do. 

Why do randomly packed ellipsoids occupy 
space so much more efficiently than randomly 








Denise Applewhite/Princeton University 


packed spheres? The scientists speculate that 
because the ellipsoids can tip and rotate in ways 
that spheres cannot, they can pack more closely to 
their neighbors. 

According to Torquato, these results are 
important because they will help us to better 
understand the properties of disordered materials 
ranging from powders to glassy solids. He also 
says that M & Ms make ideal test objects because 
they are inexpensive and uniform and “you can eat 
the experiment afterward.” 





























(a) 


Figure 16.17 





The net number of spheres in a face-centered cubic unit cell. (a) Note that the sphere on a 
comer of the colored cell is shared with 7 other unit cells. Thus 3 of such a sphere lies within a 
given unit cell. Since there are 8 corners in a cube, there are 8 of these 4 pieces, the equiva- 
lent of 1 net sphere. (b) The sphere on the center of each face is shared by two unit cells, and 
thus each unit cell has D of each of these types of spheres. There are 6 of these 5 spheres, 
yielding 3 net spheres. (c) Thus the face-centered cubic unit cell contains 4 net spheres. 
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Seething Surfaces 


Chemical Insights 





When we picture a solid, we think of the particles 
as being packed closely together with relatively 
little motion. The particles are thought to vibrate 
randomly about their positions but stay in nearly 
the same place. Recent research, however, indi- 
cates surface particles are a great deal more mobile 
than was previously thought. Independent teams of 
scientists from the University of Leiden in the 
Netherlands and Sandia National Laboratory in 
New Mexico have found a surprising amount of 
atom swapping occurring on the surface of a 
copper crystal. 

Dutch scientist Raoul van Gastel and his col- 
leagues used a scanning tunneling microscope 
(STM) to study the surface of a copper crystal con- 
taining indium atom impurities. They noted that a 
given patch of surface would stay the same for 
several scans and then, suddenly, the indium atoms 
would appear at different places. Surprisingly, the 
indium atoms seemed to make “long jumps,” 
moving as many as five atom positions between 
scans. The most likely explanation for these move- 
ments is a “hole” created by a copper atom escap- 
ing the surface. This hole moves around as other 
atoms shift to fill it in succession (see accompany- 
ing figure). The best analogy to the movement of 
the hole is the toy slide puzzle with 15 numbered 
pieces and one missing piece in a 4 X 4 array. The 
object of the game is to slide a piece into the hole 
and then repeat the process until the numbers 
appear in order. 





Photograph © Cengage Learning. All rights reserved 


A toy slide puzzle. 





The hole on the copper surface moves very 
fast—up to 100 million times per second— 
shuffling copper atoms and allowing the indium 
atoms to change positions. Van Gastel believes 
that all of the observed motion results from just a 
few fast-moving holes. In fact, he suggests that just 
one in 6 billion copper atoms is missing at a given 
time, analogous to one person in the entire earth’s 
population. Its absence causes a given atom on the 
surface to move every 30 or 40 seconds. Brian 
Swartzentruber of Sandia National Laboratories 
came to similar conclusions using an STM to track 
the movement of palladium atoms on a copper 
surface. 

These results have important implications. For 
example, metal surfaces are often used to speed up 
particular reactions. The motions on the metal 
surface could significantly influence the way that 
reactants interact with the surface. Also, a lot of 
effort is now being expended to construct tiny 
“machines” (called nanoscale devices) by assem- 
bling individual atoms on a solid surface. These 
devices could be literally torn apart by excess 
surface motions. 





A section of a surface containing copper atoms (red) and 
an indium atom (yellow). A hole due to a missing copper 
atom is shown on the left. The blue line on the right 
shows the movement of this hole. As an atom moves to 
fill the hole, the hole moves as well. In the process, the 
indium atom jumps to a new position. 





Illustration from R. van Gastel, et al., Physical Review Let- 
ters, Feb. 19, 2001, Vol. 86, Issue 5, pp. 1562-1565. Copy- 
right 2001 by the American Physical Society. 
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In Example 16.1 we will see how the density of a closest packed solid can 
be calculated. 


WWL INTERACTIVE EXAMPLE 16.1 


Silver crystallizes in a cubic closest packed structure. The radius of a silver 
atom is 1.44 A (144 pm). Calculate the density of solid silver. 


Solution 
a What are we trying to solve? 


In this problem we are asked to solve for the density of solid silver. Density is 
the mass per unit volume, so we will need to determine the mass of silver atoms 
that occupy a given volume in the crystal. This will require us to determine the 
number of silver atoms in this volume. With the number of atoms of silver and 
the atomic mass of silver, we can determine the mass of silver. 

The structure is cubic closest packed, which means the unit cell is face- 
centered cubic, as shown in the figure at left. 

We must find the volume of this unit cell and the net number of atoms it 
contains. Note that in this structure the atoms touch along the diagonals of 
each face and not along the edges of the cube. Thus the length of the diagonal 
isr + 2r + r, or 4r, where r represents the radius of a silver atom. We next find 
the length of the edge of the cube by the Pythagorean theorem: 


e* + e* = (Ar)? 
2e7 = 16r7 
e? = 8r* 
o= Vian 
Since r = 1.44 A for a silver atom, 
e = (1.44 Ay(V’8) = 4.07 A 
The volume of the unit cell is e3, which is (4.07 A)3 or 67.4 A3. We convert this 
to cubic centimeters as follows: 
1.00 < 107%cm 
A 


Since the net number of atoms in a face-centered cubic unit cell is 4, there are 
4 silver atoms in a volume of 6.74 X 10-73 cm. Therefore, 





3 
67.4 A° Xx ( ) = 6.74 6 10s cm: 


mass 
Se Ot a ae 
(4 atoms)(107.9 g/mol)(1 mol/6.022 x 1073 atoms) 


6.74 X 10°73 cm? 





= 10.6 g/cm? 


Closest packing describes the most efficient method for arranging uniform 
spheres. We can calculate the fraction of the space actually occupied by the 
spheres (fy), 


volume occupied by spheres in the unit cell 





v 


volume of the unit cell 


by using ideas we have developed in the preceding discussion. 





Figure 16.18 

In the body-centered cubic unit cell, 
the spheres touch along the body 
diagonal. 





Figure 16.19 
The body-centered cubic unit cell with 
the center sphere deleted. 





Figure 16.20 

One face of the body-centered cubic 
unit cell. By the Pythagorean theorem, 
f=aert+e. 


La 


Figure 16.21 

The relationship of the body diagonal 
(b) to the face diagonal (f) and edge (e) 
for the body-centered cubic unit cell. 
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Recall that in the cubic closest packing arrangement, the unit cell is face- 
centered cubic and contains four net spheres. Thus the volume occupied by 
spheres in the unit cell is four times the volume of each sphere: 


4x ior 


In Example 16.1 we found that the edge of the unit cell (e) is related to the 
radius of the packed spheres (r) as follows: 


e=1V8 
Therefore, the volume of the unit cell is e?, where 
e= (rV/8)3 
and the fraction of space occupied by the spheres is 


Volume of spheres 


Volume of unit cell 


This result means that in a cubic closest packed solid 74.0% of the space is 
occupied by spheres (26.0% is open space). This result also applies to hexago- 
nal closest packing, although we will not prove it here. 

In contrast, for simple cubic packing (spheres stacked on top of each other 
in successive layers), the spheres occupy only 52.4% of the space (verify this 
for yourself). 

Examples of metals that are cubic closest packed are aluminum, iron, cop- 
per, cobalt, and nickel. Magnesium and zinc exhibit hexagonal closest pack- 
ing. Calcium and certain other metals can crystallize in either structure. 


Body-Centered Cubic Packing 


Although most metals assume one of the closest packed structures in the solid 
state, some metallic elements have structures that are not closest packed. For 
example, the structures of the alkali metals are characterized by a body-cen- 
tered cubic (bcc) unit cell (Fig. 16.9). In this structure each sphere has 8 nearest 
neighbors (count the number of atoms around the atom at the center of the 
unit cell), as compared with 12 in the closest packed structures. 

Note that in body-centered cubic packing the unit cell is a cube with one 
sphere at its center. In this structure the spheres touch along the body diagonal 
(Fig. 16.18). For clarity, the cube for this unit cell is shown in Fig. 16.19 with 
the center sphere deleted. 

The body-centered arrangement of spheres is not a closest packed struc- 
ture, as we can show by calculating the fraction of space occupied by the 
spheres. To express the volume of the cube in terms of the radius of the packed 
spheres, we must use the Pythagorean theorem twice. First, we express the face 
diagonal f in terms of the edge e (Fig. 16.20): 


fHe +e =2e 


Because the spheres touch along the body diagonal, the length of the body di- 
agonal b is 4r. We can relate the body diagonal, the face diagonal, and the cube 
edge as follows (Fig. 16.21): 


b= (47) = e* + f? 


and (47)? = e* + 2e* = 3e? 


800 Chapter 16 Liquids and Solids < 





(a) 





(b) 


Figure 16.22 

The electron sea model for metals pos- 
tulates a regular array of cations ina 
“sea” of valence electrons. (a) Repre- 
sentation of an alkali metal (Group 1A) 
with one valence electron. (lb) Repre- 
sentation of an alkaline earth metal 
(Group 2A) with two valence electrons. 


Number of interacting atomic orbitals 


2) 4 16 6.02 X 107 


Energy 


MIM 


Figure 16.23 

The molecular orbital energy levels 
produced when various numbers of 
atomic orbitals interact. Note that for 
two atomic orbitals two rather widely 
spaced energy levels result. (Recall the 
description of Hs in Section 14.2.) As 
more atomic orbitals become available 
to form MOs, the resulting energy 
levels become more closely spaced, 
finally producing a band of very closely 
spaced orbitals. 


Raps 
a3 
The body-centered cubic unit cell contains 2 net spheres: 
8(¢) +1=2 

t q 


Corners Center 


Thus 


Thus we can compute the fraction of space occupied by the spheres: 


Volume occupied 
/_ by spheres 


V3 9 


x 4 3 
ce A = 0,680 


eee 


Cube volume 





So in the body-centered cubic arrangement, 68.0% of the space is actually oc- 
cupied by spheres. This is somewhat less than the space occupied in the closest 
packed structures (74.0%). That is, in contrast to cubic closest packing and 
hexagonal closest packing, the body-centered cubic method of packing spheres 
does not represent a closest packed structure. 

The reasons why some metals adopt a body-centered cubic structure rather 
than a closest packed structure are complex and are often not apparent in par- 
ticular cases. 


Bonding in Metals 


Any successful bonding model for metals must account for the typical physical 
properties of metals: malleability, ductility, and the efficient and uniform con- 
duction of heat and electricity in all directions. Although the shapes of most 
pure metals can be changed relatively easily, most metals are durable and have 
high melting points. These facts indicate that the bonding in most metals is 
both strong and nondirectional. That is, although it is difficult to separate 
metal atoms, it is relatively easy to move them, if the atoms stay in contact with 
each other. 

The simplest picture that explains these observations is the electron sea 
model, which envisions a regular array of metal cations in a “sea” of valence 
electrons (Fig. 16.22). The mobile electrons conduct heat and electricity, and 
the cations are easily moved around as the metal is hammered into a sheet or 
pulled into a wire. 

A related model that gives a more detailed view of the electron energies and 
motions is the band model, or the molecular orbital (MO) model, for metals. In 
this model the electrons are assumed to travel around the metal crystal in MOs 
formed from the valence atomic orbitals of the metal atoms (Fig. 16.23). 

Recall that in the MO model for the gaseous Liy molecule (Section 14.3), 
two widely spaced MO energy levels (bonding and antibonding) result when 
two identical atomic orbitals interact. However, when many metal atoms in- 
teract, as in a metal crystal, the large number of resulting MOs become closely 
spaced, forming a virtual continuum of levels, called bands (Fig. 16.23). 

As an illustration, picture a magnesium metal crystal, which has an hep 
structure. Since each magnesium atom has one 3s and three 3p valence atomic 
orbitals, a crystal with 7 magnesium atoms has available n(3s) and 3n(3p) or- 
bitals to form the MOs, as illustrated in Fig. 16.24. Note that the core elec- 
trons are localized, as shown by their presence in the energy “well” around 
each magnesium atom produced by its nuclear charge. However, the valence 
electrons occupy closely spaced MOs, which are only partially filled. 


Chip Clark 
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Energy 





Magnesium 
Crystals of magnesium grown from a atoms 


wap: Figure 16.24 


A representation of the energy levels (bands) in a magnesium crystal. The electrons in the 
1s, 2s, and 2p orbitals are close to the nuclei and thus are localized on each magnesium 
atom as shown. However, the 3s and 3p valence orbitals overlap and mix to form MOs. 
Electrons in these energy levels can travel throughout the crystal. 


The existence of empty MOs close in energy to filled MOs explains the 
thermal and electrical conductivity of metal crystals. Metals conduct electricity 
and heat very efficiently because of the availability of highly mobile electrons. 
For example, when an electrical potential is placed across a strip of metal, for 
current to flow, electrons must be free to move from the negative to the posi- 
tive areas of the metal. In the band model for metals, mobile electrons are 
furnished when electrons in filled MOs are excited into empty ones. The con- 
duction electrons are free to travel throughout the metal crystal as dictated by 
the potential imposed on the metal. The MOs occupied by these conducting 
electrons are called conduction bands. These mobile electrons also account for 
the efficiency of the conduction of heat through metals. When one end of a 
metal rod is heated, the mobile electrons can rapidly transmit the thermal en- 
ergy to the other end. 


Metal Alloys 


Because of the nature of the structure and bonding of metals, other elements 
can be introduced into a metallic crystal relatively easily to produce substances 





2 ieee called alloys. An alloy is best defined as a substance that contains a mixture of 
elements and has metallic properties. Alioys can be conveniently classified into 
_ ee two types. 
Brass In a substitutional alloy, some of the host metal atoms are replaced by other 
(a) metal atoms of similar size. For example, in brass about one-third of the atoms 


in the host copper metal are replaced by zinc atoms, as shown in Fig. 16.25(a). 
Sterling silver (93% silver and 7% copper), pewter (85% tin, 7% copper, 6% 
bismuth, and 2% antimony), and plumber’s solder (67% lead and 33% tin) are 

other examples of substitutional alloys. 
Je An interstitial alloy is formed when some of the interstices (holes) in the 
nn es closest packed metal structure are occupied by small atoms, as shown in 
Fig. 16.25(b). Steel, the best known interstitial alloy, contains carbon atoms in 





Steel the holes of an iron crystal. The presence of the interstitial atoms changes the 
(b) properties of the host metal. Pure iron is relatively soft, ductile, and malleable 
Figure 16.25 because of the absence of strong directional bonding. The spherical metal at- 


Two types of alloys. oms can be rather easily moved with respect to each other. However, when 
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Table 16.3 


The Composition of the Two Brands of Steel Tubing Most Commonly Used 





Brand of Tubing ToC 


% Mn % Mo % Cr 


0.20 
0.20 


l3 
0.65 


Reynolds 
Columbus 





carbon, which forms strong directional bonds, is introduced into an iron crys- 
tal, the presence of the directional carbon-iron bonds makes the resulting alloy 
harder, stronger, and less ductile than pure iron. The amount of carbon present 
directly affects the properties of steel. Mild steels, containing less than 0.2% 
carbon, are relatively ductile and malleable. These steels are used for nails, 
cables, and chains. Medium steels, containing 0.2-0.6% carbon, are harder 
than mild steels and are used in rails and structural steel beams. High-carbon 
steels, containing 0.6-1.5% carbon, are tough and hard and are used for 
springs, tools, and cutlery. 

Many types of steel contain elements in addition to iron and carbon. Such 
steels are often called alloy steels and can be viewed as being mixed interstitial 
(carbon) and substitutional (other metals) alloys. Bicycle frames, for example, 
are constructed from a wide variety of alloy steels. The compositions of the 
two brands of steel tubing used in high-quality racing bicycles are given in 
aisleaters: 





16.5 | 


Figure 16.26 

The structures of (a) diamond and 

(6) graphite. In each case only a small 
part of the entire structure is shown. 


Carbon and Silicon: Network Atomic Solids 


Many atomic solids contain strong directional covalent bonds. We will call 
these substances network solids. In contrast to metals, these materials are typi- 
cally brittle and do not efficiently conduct heat or electricity. To illustrate net- 
work solids, in this section we will discuss two very important elements, car- 
bon and silicon, and some of their compounds. 

Carbon occurs in the allotropes (different forms) diamond, graphite, and the 
fullerenes. The fullerenes are molecular solids (see Section 16.6), but diamond 
and graphite are typically network solids. In diamond, the hardest naturally oc- 
curring substance, each carbon atom is surrounded by a tetrahedral arrangement 
of other carbon atoms, as shown in Fig. 16.26(a). This structure is stabilized by 
covalent bonds, which, in terms of the localized electron model, are formed by 
the overlap of sp* hybridized atomic orbitals on each carbon atom. 


Weak 
bonding 
between 
layers 





(a) Diamond 


(b) 


Graphite 


Figure 16.27 

Partial representation of the MO ener- 
gies in (a) diamond and (b) a typical 
metal. 


Graphite consists of layers of carbon 
atoms. 


Ken Eward/Photo Researchers 
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It is also useful to consider the bonding among the carbon atoms in diamond 
in terms of the MO model. Energy-level diagrams for diamond and a typical 
metal are given in Fig. 16.27. Recall that the conductivity of metals can be ex- 
plained by postulating that electrons are excited from filled levels into the very 
near empty levels—the conduction bands. However, note that in the energy-level 
diagram for diamond there is a large gap between the filled and the empty levels. 
This means that electrons cannot be easily transferred to the empty conduction 
bands. As a result, diamond is not expected to be a good electrical conductor. In 
fact, this prediction of the model agrees exactly with the observed behavior of 
diamond, which is known to be an electrical insulator—it does not conduct an 
electric current. 

Graphite is very different from diamond. Diamond is hard, basically color- 
less, and an insulator; graphite is slippery, black, and a conductor. These dif- 
ferences, of course, arise from the differences in bonding in the two types of 
solids. In contrast to the tetrahedral arrangement of carbon atoms in diamond, 
the structure of graphite is based on layers of carbon atoms arranged in fused 
six-membered rings, as shown in Fig. 16.26(b). Each carbon atom in a particu- 
lar layer of graphite is surrounded by three other carbon atoms in a trigonal 
planar arrangement with 120-degree bond angles. The localized electron model 
predicts sp? hybridization in this case. The three sp* orbitals on each carbon 
are used to form o bonds to three other carbon atoms. One 2p orbital remains 
unhybridized on each carbon and is perpendicular to the plane of carbon at- 
oms, as shown in Fig. 16.28. These orbitals combine to form a group of closely 
spaced 7 MOs that are important in two ways. First, they contribute signifi- 
cantly to the stability of the graphite layers because of the 7 bonding. Second, 








Chemical Insights 


Figure 16.28 


The p orbitals (a) perpendicular to the 
plane of the carbon ring system in 
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Graphene—Miracle Substance? 





Graphite is a fascinating substance consisting of 
“chicken-wire” layers of carbon atoms. Due to the 
strong carbon-carbon bonds in each of its layers, 
graphite is even more thermodynamically stable 
than diamond. Because of the unusual stability of 
graphite, scientists have long wondered whether 
the individual chicken-wire layers could exist inde- 
pendently. This question was answered only 
recently by Andre Gein and Konstantin Novoselov, 
two scientists working at the University of Man- 
chester in the United Kingdom, when they were 
able to pull layers a single atom thick from graph- 
ite using Scotch tape. This work was deemed so 
important that Gein and Novoselov were awarded 
the Nobel Prize in physics in 2010. 

Since the isolation of sheets of graphene by 
Gein and Novoseloy, research in the properties 
and possible uses of this material has virtually 
exploded. Graphene has truly amazing properties. 
For example, it is believed to be the strongest 
material known, more than 100 times stronger 
than steel. Also, it is stiffer than diamond, yet it 
can be stretched like rubber. 








Much of the interest in graphene centers on the 
fact that it is the best conductor of heat and elec- 
tricity known. Electrons travel through graphene 
at ultrafast speeds. In fact, electrons in graphene 
exhibit the fractional quantum Hall effect: The 
electrons act collectively as if they are particles 
with only a fraction of the charge of an electron. 
Because of its exceptional thermal and electrical 
conductivities, graphene appears to be an ideal 
candidate for future electronic devices. Scientists at 
IBM have already built graphene-based transistors 
that can switch on and off 26 billion times per 
second, far faster than conventional silicon-based 
devices. 

One problem that has hampered the develop- 
ment of graphene-based devices is the difficulty in 
producing large sheets of graphene. Byung Hee 
Hong and his team, from South Korea, have 
recently reported making rectangular sheets of gra- 
phene measuring 30 inches along the diagonal. It 
appears that we are very close to making commer- 
cial electronic devices based on the amazing prop- 
erties of graphene. 








the 7 MOs with their delocalized electrons account for the electrical conduc- 
tivity of graphite. These closely spaced orbitals are exactly analogous to the 
conduction bands found in metal crystals. 

Graphite is often used as a lubricant in locks (where oil is undesirable be- 


graphite can combine to form (b) an 
extensive a bonding network. 





(a) 


cause it collects dirt). The characteristic slipperiness of graphite can be ex- 
plained by noting that graphite has very strong bonding within the layers of 





(b) 


Artificial diamonds are discussed in 
more detail in Section 16.11. 


The bonding in the CO2 molecule was 
described in Section 14.1 


] a ae Y 
eo ] 


Figure 16.29 

(Top) The structure of quartz (empirical 
formula SiOz). Quartz contains chains 
of SiO, tetrahedra (bottom) that share 
oxygen atoms. 
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carbon atoms but little bonding between the layers (the valence electrons are 
all used to form o or 7 bonds among carbons within a given layer). This ar- 
rangement allows the layers to slide past one another quite readily. Graphite’s 
layered structure is quite obvious when viewed with a high-magnification elec- 
tron microscope. This structure is in contrast to that of diamond, which has 
uniform bonding in all directions in the crystal. 

Because of their extreme hardness, diamonds are extensively used in indus- 
trial cutting implements. Thus it is desirable to convert inexpensive graphite to 
diamond. As we might expect from the high density of diamond (3.5 g/cm?) 
compared with that of graphite (2.2 g/cm3), this transformation can be ac- 
complished by applying very high pressures to graphite. The application of 
150,000 atm of pressure at 2800°C converts graphite virtually completely to 
diamond. (The high temperature is required to break the strong bonds in 
graphite so that the rearrangement can occur.) 

Silicon is an important constituent of the compounds that make up the 
earth’s crust. In fact, silicon is to geology what carbon is to biology. Just as 
carbon compounds are the basis for most biologically significant systems, 
silicon compounds are fundamental to most of the rocks, sands, and soils 
found in the earth’s crust. Although carbon and silicon are next to each other 
in Group 4A of the periodic table, the carbon-based compounds of biology 
and the silicon-based compounds of geology have markedly different struc- 
tures. Carbon compounds typically contain long strings of carbon-carbon 
bonds, but the most stable silicon compounds involve chains with silicon— 
oxygen bonds. The most important silicon compounds contain silicon and 
oxygen. 

The fundamental silicon—-oxygen compound is silica, which has the empiri- 
cal formula SiO). Knowing the properties of the apparently similar compound 
carbon dioxide, one might expect silica to be a gas that contains discrete SiO, 
molecules. In fact, nothing could be further from the truth—quartz and some 
types of sand are typical of the materials composed of silica. What accounts for 
this difference? The answer lies in the bonding. 

Recall that the Lewis structure for CO; is 


OSC=0) 


and that each C=O bond is described as a combination of a a bond, involving 
a carbon sp hybrid orbital, and a 7 bond, involving a carbon 2p orbital. On the 
contrary, silicon cannot use its valence 3p orbitals to form strong 7 bonds to 
oxygen; the larger size of the silicon atom and its orbitals results in a less effec- 
tive overlap with the smaller oxygen orbitals. Therefore, instead of forming 
am bonds, the silicon atom satisfies the octet rule by forming single bonds to 
four oxygen atoms, as shown in the representation of the structure of quartz in 
Fig. 16.29. Note that in this structure each silicon atom is at the center of a 
tetrahedral arrangement of oxygen atoms, which are shared with other silicon 
atoms. Although the empirical formula for quartz is $iO2, the structure is based 
ona network of SiO, tetrahedra with shared oxygen atoms rather than discrete 
SiO, molecules. Thus the differing abilities of carbon and silicon to form 
a bonds with oxygen have profound effects on the structures and properties of 
CO, and SiQ3. 

Compounds closely related to silica that are found in most rocks, soils, and 
clays are the silicates. Like silica, the silicates are based on interconnected SiO, 
tetrahedra. However, in contrast to silica, where the O:Si ratio is 2:1, silicates 
have O:Si ratios greater than 2:1 and contain silicon—-oxygen anions. This 
means that for the formation of the neutral solid silicates, cations are needed 
to balance the excess negative charge. In other words, silicates are salts con- 
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Although metals such as copper and aluminum are 
good conductors of electricity, up to 20% of the 
total energy is wasted in the transmission of a 
current by resistance heating of the wires. However, 
this loss of energy may be avoidable. Certain kinds 
of materials undergo a remarkable transition as they 
are cooled; their electrical resistance changes virtu- 
ally to zero. These substances, called superconduc- 
tors, conduct electricity with no wasted heat energy. 
There is, of course, a catch. In the past super- 
conductivity has been observed only at very low 
temperatures and is thus very expensive to main- 
tain. In 1911 mercury was observed to exhibit 
superconductivity, but only at approximately 4 K, 
the boiling point of liquid helium. In the next 75 
years, several niobium alloys showed superconduc- 
tivity at temperatures as high as 23 K. However, in 
1986 researchers realized that certain metallic 
oxides are superconductors at temperatures well 
above 23 K. The graph shows how rapidly our 
knowledge of superconductors is increasing. 
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The current class of high-temperature supercon- 
ductors is called perovskites, a well-known class of 
compounds that contain copper, an alkaline earth 
metal, a lanthanide metal, and oxygen. In the unit 
cell for the compounds with formula YBayCu30O,, 
in which x = 6.527, the small open circles (see 
figure) indicate the expected oxygen positions, but 
some of these positions are vacant in the known 
materials—thus the variable oxygen content. 

In addition to exhibiting superconductivity at 
temperatures above the boiling point of liquid 
nitrogen (77 K), these ceramic materials can 
sustain very high currents, an important character- 
istic necessary for any large-scale application. 
More recent results have shown that materials con- 
taining thallium and calcium ions in place of the 
lanthanide ions superconduct at 125 K. In early 
1993 researchers in Zurich, Switzerland, discov- 
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taining metal cations and polyatomic silicon—oxygen anions. Examples of im- 
portant silicate anions are shown in Fig. 16.30. 


When silica is heated above its melting point (about 1600°C) and then 
cooled rapidly, an amorphous solid called a glass results (Fig. 16.31). Note 
that a glass contains a good deal of disorder, in contrast to the crystalline na- 
ture of quartz. Glass more closely resembles a very viscous solution than a 
crystalline solid. Common glass results when substances such as Na>CO3 are 
added to the silica melt, which is then cooled. The properties of glass can be 
varied greatly by varying the additives. For example, addition of B,O; pro- 
duces a glass (called borosilicate glass) that expands and contracts little under 
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ered a mercury-containing compound that is super- 
conducting at 133 K. 

What does all this mean for the future? Super- 
conducting materials could easily cause a revolu- 
tion similar to that brought about by solid-state 
electronics. For example, one can envision electri- 
cal power transmitted with virtually no loss of 
energy. Also, new generations of superconducting 
electromagnets could lead to the operation of par- 
ticle accelerators at unprecedented energies, the 
development of nuclear fusion power, the ability to 
produce incredibly accurate three-dimensional 
images of the human body for diagnosis of disease, 
and the development of superfast, magnetically 
levitated trains. 

After a great surge of progress in the late 
1980s, the pace slowed greatly in the early 1990s 
as theory tried to catch up with the results from 
experiments. We need to develop an understanding 
of why these ceramic materials are superconduct- 
ing so that we can design better materials that 
superconduct at even higher temperatures. And 
there are many practical problems. For example, 
metal conductors can be easily bent into coils to 
allow construction of electromagnets, but anyone 
who has ever dropped a plate knows how brittle 
ceramic materials are. Another question concerns 
how current can be conducted over long distances 
by superconducting materials. However, there 
seems to be little doubt that ingenious solutions 
eventually will be found to the problems. The 
answers are already beginning to appear. 

For example, American Superconductor (ASC) 
of Westborough, Massachusetts, in conjunction 
with Pirelli Cable of Milan, Italy, has produced a 
prototype high-temperature superconducting 
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A magnet is levitated over a Superconducting ceramic 
immersed in liquid nitrogen. 


“wire” that exceeds the current-carrying threshold 
required for commercial underground power trans- 
mission cables. The 1-m-long conductor, based on 
a bismuth-strontium-—calcium—copper oxide super- 
conductor, carries over 2300 amps of direct 
current at liquid nitrogen temperatures (77 K). 
This is more than twice the current-carrying capa- 
bility of conventional copper cables. 

ASC manufactures superconducting cables by 
pouring powdered reactants into a silver tube, 
drawing the tube into a wire, and then heating to 
produce the superconducting ceramic. Tens to 
hundreds of these fine conductors are then com- 
bined to form superconducting cable. Although 
ASC is now capable of producing individual super- 
conducting wire filaments that are 1 km in length, 
much work remains to find a way to automate the 
multifilament cable manufacturing process. 








large temperature changes. Thus it is useful for labware and cooking utensils. 
The most common brand name for this glass is Pyrex. The addition of K,O 
produces an especially hard glass that can be ground to the precise shapes 
needed for eyeglasses and contact lenses. The compositions of several types of 
glass are shown in Table 16.4. 


Ceramics 


Ceramics are typically made from clays (which contain silicates) that are hard- 
ened by firing at high temperatures. Ceramics are a class of nonmetallic materi- 
als that are strong, brittle, and resistant to heat and attack by chemicals. 
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We have emphasized in this section how the differ- 
ent bonding tendencies of carbon and silicon with 
oxygen lead to very different types of covalent 
oxides. Carbon and oxygen form CQg, a gas under 
normal conditions, and silicon and oxygen form 
silica, a network solid. However, Professors Mario 
Santoro and Federico Gorelli of the University of 
Florence in Italy have discovered that when carbon 
dioxide is subjected to extreme temperatures and 
pressures, it forms a glass very similar to that 
formed by SiO). Using a diamond anvil press inside 
a furnace, the Italian scientists found that at 
640,000 atm and 700 kelvins a solid forms that is 
10 times as hard as quartz but softer than diamond. 





This substance, which they named “carbonia,” is 
the hardest amorphous substance known. 

Carbonia is transparent and similar in struc- 
ture to amorphous silica in windows but much 
harder. Another nonmolecular form of carbon 
dioxide, called carbon dioxide 5, was made by dif- 
ferent researchers several years ago. 

Carbonia and carbon dioxide 5 are mostly of 
theoretical interest now because they immediately 
disappear when the pressure is decreased. It is very 
interesting that although carbon and silicon show 
very different bonding properties to oxygen under 
normal conditions, under pressure carbon becomes 
much more like silicon. 








Like glass, ceramics are based on silicates, but with that the resemblance 
ends. Glass can be melted and remelted as often as desired, but once a ceramic 
has been hardened, it is resistant to extremely high temperatures. This behav- 
ior results from the very different structures of glasses and ceramics. A glass is 
a homogeneous, noncrystalline “frozen solution,” whereas a ceramic is hetero- 
geneous. A ceramic contains two phases: minute crystals of silicates that are 
suspended in a glassy cement. 
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Figure 16.30 Figure 16.31 
Examples of silicate anions, all of which are based on SiO,4- Two-dimensional representations of (a) a quartz 
tetrahedra. 


crystal and (b) a quartz glass. 
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Explosive Sniffer 


Chemical Insights 





These days security is at the top of everyone’s list of 
important concerns, especially for the people who 
are responsible for the safety of our transportation 
systems. In particular, airports need speedy and sen- 
sitive detectors for explosives. Plastic explosives are 
especially tricky to detect because they do not 
respond to metal detectors, and they can be shaped 
into innocent-looking objects to avoid X-ray detec- 
tion. However, a team of scientists at Oak Ridge 
National Laboratory led by Thomas Thundat has 
just published a description of an inexpensive device 
that is extremely sensitive to two N-containing com- 
pounds found in plastic explosives. The key part of 
this detection device is a tiny (180-micrometer), 
V-shaped cantilever made of silicon. The cantilever 
is shown in the accompanying photo next to a 
human hair for size comparison. 

The upper surface of the cantilever was first 
coated with a layer of gold and then a one-mole- 
cule-thick layer of an acid that binds to each of the 
two N-containing molecules to be detected: pen- 
taerythritol tetranitrate (PETN) and hexahydro- 
1,3,5-triazine (RDX). When a stream of air con- 
taining tiny amounts of PETN or RDX passes over 
the cantilever, these molecules bind to the cantile- 
ver, causing it to bend “like a diving board.” This 
bending is not due to the added mass of the 
attached PETN and RDX. Rather, the deformation 
occurs because the area of the cantilever surface 
where binding takes place stretches relative to the 
unbound areas. A laser pointed at the cantilever 
detects the bending motion when PETN or RDX 









Dr. Thomas Thundat/Oak Ridge National Labora’ ory 


When explosive compounds bind to these V-shaped 
cantilevers, the microscopic structures, which are about 
the width of a hair, bend and produce a signal. 


(or both) is present. The device’s sensitivity is quite 
remarkable: 14 parts per trillion of PETN and 
30 parts per trillion of RDX. 

All in all, this device appears very promising 
for detecting plastic explosives in luggage. The 
cantilevers are inexpensive to construct (approxi- 
mately $1), and the entire device is about the size 
of a shoe box. Also, the Oak Ridge team can fabri- 
cate thousands of cantilevers in one device. By 
putting different coatings on the cantilever arms, it 
should be possible to detect many other types of 
chemicals and possible biological agents. 

This detector looks like a very promising addi- 
tion to our arsenal of security devices. 





Table 16.4 


Compositions of Some Common Types of Glass 





Type of Glass 


Percentages of Various Components 


S105 CaO Na,O B,O; 





ALO; k,O MgO 





Window (soda-lime glass) 72 1 13 — 038 3.8 oa 
Cookware 55 i) — - 20 _ 10 
(aluminosilicate glass) 

Heat-resistant 76 3 5 tS 2 0.5 — 
(borosilicate glass) 

Optical 


69 12 6 0.3 — 
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Gallium Arsenide Lasers 





Lasers are an essential part of modern life, provid- 
ing the most efficient way to carry telephone com- 
munications by cable, the best-quality music using 
compact disc players, and the most accurate 
method for reading grocery prices. The laser (the 
word Jase is an acronym for “light amplification 
by stimulated emission”) is a device for producing 
an intense, coherent beam of light that results 
when excited electrons release photons as they 
change to a lower energy state. Excited electrons 
can return to a lower energy level by spontaneous, 
random emission of light. However, there is 
another mechanism in which the emission process 
is actually stimulated by a passing photon that has 
the same energy as the emitted photon. This is the 
phenomenon on which the laser is based. We will 
have more to say about this presently. 

Gallium arsenide is a prominent member of the 
so-called 3-5 class of semiconductors, those con- 
taining elements from Groups 3A and SA of the 
periodic table. An n-type semiconductor results 
when the arsenic-to-gallium ratio is greater than 1. 
A p-type semiconductor results when gallium is in 
excess. By carefully controlling the conditions 
under which a Ga—As semiconductor is made, one 
can design p—n junctions into the material. At each 
p-n junction, electrons from the n-type region are 
available to “fall into” holes in the p-type region, 
producing photons (see the accompanying figure). 
As the emitted photons travel through the solid, 
they stimulate the emission of additional photons. 
A mirror at the edge of the solid reflects these 
photons back through the substance, where they 
stimulate even more emission events. All these 
stimulated emissions produce photons with their 
waves in phase. Thus this process leads to a large 
number of coherent (in-phase) photons, which 
proceed out the other end of the solid where a 
“half-mirror” is placed. This mirror reflects some 
of the photons and allows the rest to leave as an 
intense, coherent “laser beam” of light. A current 
driven through the substance by an applied poten- 
tial difference provides a continuous supply of 
electrons (and removes electrons to make new 
holes) so that the process occurs continuously 
while the power is on. 
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Figure 16.32 

(a) A silicon crystal doped with arsenic, 
which has one extra valence electron. 
(b) A silicon crystal doped with boron, 


which has one less electron than silicon. 
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Figure 16.33 

Energy-level diagrams for (a) an n-type 
semiconductor and (b) a p-type 
semiconductor. 
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To understand how ceramics harden, one must know something about the 
structure of clays. Clays are formed by the weathering action of water and 
carbon dioxide on the mineral feldspar, which is a mixture of silicates with 
empirical formulas such as K,O- Al,O3- 6SiO, and Na,O- AL,O;- 6SiO>. 
Feldspar is really an aluminosilicate in which aluminum as well as silicon at- 
oms are part of the oxygen-bridged polyanion. The weathering of feldspar 
produces kaolinite, consisting of tiny thin platelets with the empirical formula 
AlSix05(OH)4. When dry, the platelets cling together, but when water is pres- 
ent, they can slide over one another, giving clay its plasticity. As clay dries, the 
platelets begin to interlock again. When the remaining water is driven off dur- 
ing firing, the silicates and cations form a “glass” that binds the tiny crystals of 
kaolinite. 

Ceramics have a very long history. Rocks, which are natural ceramic ma- 
terials, served as the earliest tools. Later, clay vessels dried in the sun or baked 
in fires served as containers for food and water. These early vessels were crude 
and quite porous. With the discovery of glazing, which probably occurred 
about 3000 B.c. in Egypt, pottery became more serviceable as well as more 
beautiful. Prized porcelain is essentially the same material as crude earthen- 
ware, but specially selected clays and glazings are used for porcelain, which is 
also fired at a very high temperature. 


Semiconductors 


Elemental silicon has the same structure as diamond, as might be expected 
from its position in the periodic table (in Group 4A directly under carbon). 
Recall that in diamond there is a large energy gap between the filled and empty 
MOs (Fig. 16.27). This gap prevents excitation of electrons to the empty MOs 
(conduction bands) and makes diamond an insulator. In silicon the situation is 
similar but the energy gap is smaller. A few electrons can cross the gap at 25°C, 
making silicon a semiconducting element, or semiconductor. In addition, at 
higher temperatures, where more energy is available to excite electrons into the 
conduction bands, the conductivity of silicon increases. This is typical behavior 
for a semiconducting element and is in contrast to the behavior of metals. In 
metals, the conductivity decreases with increasing temperature. 

The small conductivity of silicon can be enhanced at normal temperatures 
if the silicon crystal is doped with certain other elements. For example, when a 
small fraction of silicon atoms is replaced by arsenic atoms, each having one 
more valence electron than silicon, extra electrons become available for con- 
duction, as shown in Fig. 16.32(a). This produces an n-type semiconductor, a 
substance whose conductivity is increased by doping it with atoms having 
more valence electrons than the atoms in the host crystal. These extra electrons 
lie close in energy to the conduction bands and can easily be excited into these 
levels, where they can conduct an electric current [Fig. 16.33(a)]. 

We can also enhance the conductivity of silicon by doping the crystal with 
an element such as boron, which has only three valence electrons, one Jess than 
silicon. Because boron has one less electron than is required to form the bonds 
to the surrounding silicon atoms, an electron vacancy, or hole, is created, as 
shown in Fig. 16.33(b). As an electron moves to fill this hole, it leaves a new 
hole. As this process is repeated, the hole advances through the crystal in a 
direction opposite to the movement of the electrons jumping to fill the hole. 
Another way of thinking about this phenomenon is that in pure silicon each 
atom has four valence electrons, so the low-energy MOs are exactly filled. 
Replacing silicon atoms with boron atoms leaves vacancies in these MOs, as 
shown in Fig. 16.33(b). This means that there is only one electron in some of 
the MOs, and these unpaired electrons can function as conducting electrons. 
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Transistors and Integrated Circuits 





Transistors have had an immense impact on the 
technology of electronic devices for which signal 
amplification is needed, such as communications 
equipment and computers. Before the invention of 
the transistor at Bell Laboratories in 1947, amplifi- 
cation was provided exclusively by vacuum tubes, 
which were both bulky and unreliable. The first 
electronic digital computer, ENIAC, built at the 
University of Pennsylvania, had 19,000 vacuum 
tubes and consumed 150,000 watts of electricity. 
Because of the discovery and development of the 
transistor and the printed circuit, a hand-held cal- 
culator run by a small battery has the same com- 
puting power as ENIAC. 

A junction transistor is made by joining n-type 
and p-type semiconductors to form an n—p-n or a 
p-n-p junction. The former type is shown in the 
diagram below. The input signal (to be amplified) 
occurs in circuit 1, which has a small resistance 
and a forward-biased n—-p junction (junction 1). As 
the voltage of the input signal to this circuit varies, 
the current in the circuit varies. This means there is 
a change in the number of electrons crossing the 
n—p junction. Circuit 2 has a relatively large resis- 
tance and is under reverse bias. The key to the 
operation of the transistor is that current flows in 
circuit 2 only when electrons crossing junction 1 





also cross junction 2 and travel to the positive ter- 
minal. Since the current in circuit 1 determines the 
number of electrons crossing junction 1, the 
number of electrons available to cross junction 2 is 
also directly proportional to the current in circuit 
1. The current in circuit 2 therefore varies depend- 
ing on the current in circuit 1. 

The voltage (V), current (I), and resistance (R) 
in a circuit are related by the equation 


V=IR 


Since circuit 2 has a large resistance, a given current 
in circuit 2 produces a larger voltage than the same 
current in circuit 1, which has a small resistance. 
Thus a signal of variable voltage in circuit 1, such 
as might be produced by a human voice on a tele- 
phone, is reproduced in circuit 2, but with much 
greater voltage changes. That is, the input signal 
has been amplified by the junction transistor. This 
device replaces the large vacuum tube and is a tiny 
component of a printed circuit on a silicon chip. 

Silicon chips are really “planar” transistors 
constructed from thin layers of n-type and p-type 
regions connected by conductors. A chip less than 
1 cm wide can contain hundreds of printed circuits 
and can be used in computers, radios, and 
televisions. 
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A schematic of two circuits connected by a transistor. The signal in circuit 1 is amplified in 


circuit 2. 
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The steps for forming a transistor in a crystal of initially pure silicon. An integrated 
circuit has many n—p-n junction transistors. This figure illustrates the formation of 
one transistor area. The chip begins as a thin wafer of silicon that has been 
doped with an n-type impurity. A protective layer of silicon dioxide is then pro- 
duced on the wafer by exposing it in a furnace to an oxidizing atmosphere. The 
next step is to produce a p-type semiconductor. In this step the surface of the 
oxide is covered by a light-sensitive wax, as shown in part (a). A template that 
allows light to shine through only in selected areas is then placed on top [part 
(b)], and the chip is exposed to light. The wax that has been exposed to light 
undergoes a chemical change that causes its solubility to be different from the 
unexposed wax. The unexposed wax is dissolved by using selective solvents 
[part (c)], and the exposed area is treated with an etching solution to dissolve the 
oxide coating [part (d)]. When the remaining wax is dissolved, the silicon wafer 
has its oxide coating intact except at the one spot (of diameter x), as shown in 
part (d). 






Template 


Exposing the wafer to a p-type impurity such as boron at about 1000°C 
Causes a p-type semiconductor area to be formed in the exposed spot as the 
boron atoms diffuse into the silicon crystal [part (e)]. Next, for the formation of 
a small n-type area in the center of the p-type region, the wafer is again 
placed in the oxidizing furnace to be recoated over its entire surface with 
oxide. Then a new wax covering is applied, which is illuminated through a 
template with a transparent area indicated by y [part (f)]. The wax and oxide 
are then removed from the illuminated area, and the wafer is exposed to an 
n-type impurity to form a small n-type region, as shown in part (g). Next, con- 
ductors are layered onto the chip, giving the finished transistor [part (h)], 
which has two circuits connected through an n—p—n junction (see diagram on 
page 812). This transistor then becomes a part of a larger circuit layered onto 
the chip and interconnected by conductors. 

The method given here for producing an integrated circuit does not repre- 
sent the latest technology in this field. The manufacture of integrated circuits 
is a highly competitive business and changes in methodology occur almost 
daily. 
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Electrons must be in singly occupied 
MOs to conduct a current. 


Figure 16.34 

The p=n junction involves the contact 
of a p-type and an n-type semiconduc- 
tor. (a) The charge carriers of the 
p-type region are holes (@ ). In the 
n-type region, the charge carriers are 
electrons (Q). (6) No current flows 
(reverse bias). (c) Current readily flows 
(forward bias). Note that each electron 
that crosses the boundary leaves a 
hole behind. Thus the electrons and 
the holes move in opposite directions. 


Thus the substance becomes a better conductor. When semiconductors are 
doped with atoms having fewer valence electrons than the atoms of the host 
crystal, they are called p-type semiconductors, so named because the positive 
holes can be viewed as the charge carriers. 

Most important applications of semiconductors involve the connection of 
a p-type and an n-type to form a p-n junction. Figure 16.34(a) shows a typical 
junction; the red circles represent excess electrons in the n-type semiconductor, 
and the white circles represent holes (electron vacancies) in the p-type semicon- 
ductor. At the junction a small number of electrons migrate from the n-type 
region into the p-type region, where there are vacancies in the low-energy 
MOs. The effect of these migrations is to place a negative charge on the p-type 
region (since it now has a surplus of electrons) and a positive charge on the 
n-type region (since it has lost electrons, leaving holes in its low-energy MOs). 
This charge buildup, called the contact potential, or junction potential, pre- 
vents further migration of electrons. 

Now suppose an external electrical potential is applied by connecting the 
negative terminal of a battery to the p-type region and the positive terminal to 
the n-type region. The situation represented in Fig. 16.34(b) results. Electrons 
are drawn toward the positive terminal, and the resulting holes move toward 
the negative terminal—exactly opposite to the natural flow of electrons at the 
p-n junction. The junction resists the imposed current flow in this direction 
and is said to be under reverse bias. No current flows through the system. 

On the other hand, if the battery is connected so that the negative terminal 
is connected to the n-type region and the positive terminal is connected to the 
p-type region [Fig. 16.34(c)], the movement of electrons (and holes) is in the 
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A new IBM microchip featuring silicon 
on a “blanket” of insulating material to 
protect it from temperature changes. 


IBM Corporation 
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favored direction. The junction has low resistance, and a current flows easily. 
The junction is said to be under forward bias. 

A p-n junction makes an excellent rectifier, a device that produces direct 
current (flows in one direction) from an alternating current (flows in both di- 
rections alternately). When placed in a circuit where the potential is constantly 
reversing, a p—n junction transmits current only under forward bias, thus con- 
verting the alternating current to a direct current. Radios, computers, and 
other electrical devices formerly used bulky, unreliable vacuum tubes as recti- 
fiers. The p—n junction has revolutionized electronics; modern solid-state com- 
ponents contain p—n junctions in printed circuits. 





16.6 | 


Figure 16.35 

(left) Sulfur crystals (yellow) contain Sg 
molecules. (right) White phosphorus 
contains P, molecules. It is so reactive 
with the oxygen in air that it must be 
stored under water. 


Ken O'Donoghue/Photograph © Cengage Learning. All rights reserved 





Molecular Solids 


So far we have considered solids in which atoms occupy the lattice positions. 
In most cases such crystals can be considered to consist of one giant mole- 
cule. However, there are many types of solids that contain discrete molecular 
units at each lattice position. A common example is ice, where the lattice 
positions are occupied by water molecules [see Fig. 16.12(c)]. Other exam- 
ples are dry ice (solid carbon dioxide), some forms of sulfur that contain S¢ 
molecules [Fig. 16.35(left)], certain forms of phosphorus that contain P, mol- 
ecules [Fig. 16.35(right)], and the fullerenes, which are all carbon-containing 
molecules such as Cgo, C79, and others. These substances are characterized by 
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Table 16.5 


Comparison of Atomic Separations Within Molecules (Covalent Bonds) 
and Between Molecules (Intermolecular Interactions) 





Distance Between Closest Distance Between 


Solid Atoms in Molecule* Molecules in the Solid 
Py 7 0es 3.8 A 
Ss 2.06 A os 
CL 1.99 A 3.6A 





*The shorter distances within the molecules indicate stronger bonding. 


strong covalent bonding within the molecules but relatively weak forces be- 
tween the molecules. For example, it takes only 6 kJ of energy to melt 1 mole 
of solid water (ice) because only intermolecular (H2O—H) 0) interactions must 
be overcome. However, 470 kJ of energy is required to break a mole of cova- 
lent O—H bonds. The differences between the covalent bonds within the mol- 
ecules and the forces between the molecules are apparent from the comparison 
of the interatomic and intermolecular distances in solids shown in Table 16.5. 

The forces that exist among the molecules in a molecular solid depend on 
the nature of the molecules. Many molecules such as COz, L, P4, and Ss have 
zero dipole moments, and the intermolecular forces are London dispersion 
forces. Because these forces are usually small, we might expect all these sub- 
stances to be gaseous at 25°C, as is the case for carbon dioxide. However, as 
the size of the molecules increases, the London forces become quite large, caus- 
ing many of these substances to be solids at 25°C. 

When molecules do have dipole moments, their intermolecular forces are 
typically greater, especially when hydrogen bonding is possible. Water mole- 
cules are particularly well suited to interact with each other because each mol- 
ecule has two polar O—H bonds and two lone electron pairs on the oxygen 
atom. This can lead to the association of four hydrogen atoms with each oxy- 
gen: two by covalent bonds and two by dipole forces, as shown in the figure in 
the margin. Note the two relatively short covalent oxygen—hydrogen bonds 
and the two longer oxygen—hydrogen dipole interactions that can be seen in 
the ice structure in Fig. 16.12(c). 
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Ionic Solids 


Ionic solids are stable, high-melting-point substances held together by the 
strong electrostatic forces that exist between oppositely charged ions. The 
principles governing the structures of ionic solids were introduced in Section 
13.5. In this section we will review and extend these principles. 

The structures of most binary ionic solids, such as sodium chloride, can be 
explained by the closest packing of spheres. Typically, the large ions, which are 
usually the anions, are packed in one of the closest packing arrangements (hcp 
or ccp), whereas the smaller cations fit into holes among the closest packed 
anions. The packing is done in a way that maximizes the electrostatic attrac- 
tions among oppositely charged ions while minimizing the repulsions among 
ions with like charges. 

There are three types of holes in closest packed structures: 


Trigonal holes are formed by three spheres in the same layer [Fig. 16.36(a)]. 


2. Tetrahedral holes are formed when a sphere sits in the dimple of three 
spheres in an adjacent layer [Fig. 16.36(b)]. 


Trigonal 
hole 





(a) 


Tetrahedral 
hole 





(b) 


Octahedral 
hole 





(c) 


Figure 16.36 

The holes that exist among closest 
packed uniform spheres. (a) The trigo- 
nal hole formed by three spheres in a 
given plane. (b) The tetrahedral hole 
formed when a sphere occupies a 
dimple in an adjacent layer. (c) The 
octahedral hole formed by six spheres 
in two adjacent layers. 


Figure 16.37 

(a) The octahedral hole (shown in 
yellow) lies at the center of six spheres 
that touch along the edge (e) of the 
square. The packed spheres (in blue) 
are shown smaller than actual size for 
clarity. (6) The diagonal of the square 
(@) equals R + 2r + R, where ris the 
radius of the octahedral hole and R is 
the radius of the packed spheres. 
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3. Octahedral holes are formed between two sets of three spheres in adjoin- 
ing layers of the closest packed structures [Fig. 16.36(c)]. 


For spheres of a given diameter, the holes increase in size as follows: 
Trigonal < tetrahedral < octahedral 


In fact, trigonal holes are so small that they are never occupied in binary ionic 
compounds. Whether the tetrahedral or octahedral holes in a given binary 
ionic solid are occupied depends mainly on the relative sizes of the anion and 
cation. Next, we will determine the sizes of the octahedral and tetrahedral 
holes and consider guidelines for their occupation by ions. 


Octahedral Holes 


An octahedral hole lies at the center of six equidistant spheres whose centers 
define an octahedron. Three of these six spheres lie in one closest packed layer 
and three lie in the adjacent layer [Fig. 16.36(c)]. These six spheres can be ro- 
tated to show the octahedron more clearly (Fig. 16.37). 

Since the edges of all six spheres are exactly the same distance from the 
center of the octahedral hole, we can calculate the radius of this hole most eas- 
ily by focusing on the four spheres whose centers form a square (Fig. 16.37). 
Note from Fig. 16.37 that R is the radius of the packed spheres, r is the radius 
of the octahedral hole, and d is the length of the diagonal of the square. From 
the Pythagorean theorem, 


(2R)2 + (2RP = 


where d=R+2r+R=2R+2r=2(R+7) 
So we have SRe =e 
and d=V8R =2V2R=2(R +7) 


Solving for r yields 
r= V2R—R=1.414R — R = 0.414R 


This result shows that an octahedral hole in a closest packed structure has a 
radius that is 0.414 times the radius of the packed spheres (ions). 


Tetrahedral Holes 


A tetrahedral hole lies at the center of four spheres whose centers form a tetrahe- 
dron [Fig. 16.37(b)]. Three of the spheres are in a given closest packed layer, and 
the fourth is in the next layer, nestling into the dimple formed by the other three. 





(a) (b) 
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Figure 16.38 

The tetrahedral hole. (a) The four 
spheres around a tetrahedral hole are 
shown inscribed in a cube. The 
spheres are shown much smaller than 
actual size. They actually touch along 
the face diagonal f. (b) The center of 
the tetrahedral hole (Shown in req) is at 
the center of the body diagonal b 
(shown in purple). 





S 








Figure 16.39 

One packed sphere and its relationship 
to the tetrahedral hole. Note that (body 
diagonal)/2 =R + r. 





Center of 
tetrahedral 
hole 





(a) 


The most convenient way to do geometric calculations on a tetrahedron is 
to inscribe it in a cube, as shown in Fig. 16.38. In this cube two spheres touch 
along the face diagonal of any cube face. This means that the face diagonal of 
the cube has length 2R, where R is the radius of the packed spheres. The center 
of the tetrahedral hole is at the center of the body diagonal of the cube (Fig. 
16.39). Now we will use the Pythagorean theorem twice to express the length 
of the body diagonal in terms of R. First, we express the face diagonal f in 
terms of the edge of the cube e: 


f2 =e + et = (2R) 


e=V2R 


Now we express the body diagonal b in terms of f and e: 


b? = f2 +e =(2RP + (V2 RP 
b=V6R 


Now the distance from the center of the body diagonal to the corner of the 


cube (b/2) is 


Thus 


which leads to 


t iN : - 
Radius of Radius of 
tetrahedral packed 
hole spheres 
3 
So p= [3 R- R= 1.225R - R= 0.225R 


Thus we have shown that in a closest packed structure a tetrahedral hole has a 
radius that is 0.225 times the radius of the packed spheres. 


Guidelines for Filling Octahedral and Tetrahedral Holes 


The preceding calculations show that the tetrahedral holes in a given closest 
packed structure are about half the size of the octahedral holes. That is, for 
packed spheres with radius R, 


pet 0.225R and rt = 0.414R 


Now picture an ionic solid MX containing M* cations and X~ anions, 
where the X~ ions form a closest packed array. Assuming that the X~ ions have 
radius R—, how do we decide where to put the smaller cations? That is, do 
they occupy tetrahedral or octahedral holes? To obtain the most stable solid, 
we want to maximize the M* - - - X~ interactions and minimize the X~ - - - X~ 


Figure 16.40 

(a) A simple cubic array with X~ ions 
with an M* ion in the center (in the 
cubic hole). (6) The body diagonal b 
equals R + 2r + R, since X- and M+ 
touch along this body diagonal. 


y 


In the closest packed arrangement, the 
X~ ions are touching. However, if M* 
ions are forced into holes in the struc 
ture that are smaller than the M* ions, 
the X~ ions are forced apart, decreas- 
ing the X-- - - X~ repulsions. On the 
other hand, M* and X~ will be in direct 
contact, maximizing the M*- - - X 
interactions. 


Table 16.6 


Guidelines for Filling Various Types 
of Holes for the lonic Solid MX 











Type of 
Size of M* Hole Filled 
O225R— r+ Tetrahedral 
< 0.414R— 
0.414R-— <rt Octahedral 
<A) Oe 
OL SAIR= Sipe Cubic 





16.7 lonic Solids 819 


(a) 





repulsions. We can do this by putting the M* ions into holes that are slightly 
smaller than the size of the M* ions. This causes the closest packed X~ ions to 
be pushed apart slightly. Assuming that the ions behave as hard spheres, this 
will result in a structure where the M* and X~ ions touch but where the X~ 
ions will no longer be touching. 

With this idea in mind, we can now establish guidelines for filling the tet- 
rahedral and octahedral holes. In terms of r+ (radius of M*) and R— (radius 
Ole tk 


0.225R— <r+ < 0.414R— 


Size of Size of 
tetrahedral octahedral 
holes holes 


then the M* ions are placed in the tetrahedral holes. That is, this condition 
ensures that the M* ions are larger than the tetrahedral holes in the closest 
packed array of X~ ions. This is what we want. 

As we consider MX solids with larger and larger M* ions, at some point 
the M* ions become large enough to fill (and exceed the size of) the octahedral 
holes. Specifically, a cation with radius larger than 0.414R— should be placed 
in the octahedral holes rather than in the tetrahedral holes in the closest packed 
structure. As we continue to consider larger and larger M* ions, what hap- 
pens? Is there an upper limit to the size of M* ions that can be forced into the 
octahedral holes? The answer is yes. For very large cations, the solid switches 
from a closest packed array of X~ ions to a simple cubic arrangement of X~ 
ions with an M* ion in the center of each cube (Fig. 16.40). 

This structure can be described as M* occupying a cubic hole. Use of geo- 
metric arguments similar to those we have used for the tetrahedral and octahe- 
dral holes shows that for a cubic hole, 


r-cubic = 0,.732R— 


This means that for the solid MX, the M* ions occupy the octahedral holes in 
the range where 


OAI4R = <7 = 07732 — 


For large M* ions (r+ > 0.732R—), the solid switches to the simple cubic ar- 
rangement just described. 

The guidelines for filling the tetrahedral, octahedral, and cubic holes are 
summarized in Table 16.6. 

A few more points need to be considered. The guidelines just given assume 
that the ions behave as hard spheres and that only ionic forces occur. There- 
fore, it is not surprising that these guidelines are not always obeyed. They just 
give us a starting point for describing the structures of ionic solids. In addition, 
although we have considered only solids of the type MX containing a 1:1 ratio 


820 Chapter 16 Liquids and Solids . 


of cations and anions, these guidelines also apply to other types of binary ionic 
solids. We will consider some specific solids in the next section. 
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Closest packed structures contain 
twice as many tetrahedral holes as 
packed spheres. Closest packed 
structures contain the same number of 
octahedral holes as packed spheres. 


Figure 16.44 

(a) The location (red X) of a tetrahedral 
hole in the face-centered cubic unit 
cell. (0) One of the tetrahedral holes. 
(c) The unit cell for ZnS, where the S2- 
ions (yellow) are closest packed, with 
the Zn?* ions (purple) filling alternate 
tetrahedral holes. (d) The unit cell for 
CaFs, where the Ca?* ions (purple) 
form a face-centered cubic arrange- 
ment, with the F~ ions (yellow) in all of 
the tetrahedral holes. 





Structures of Actual Ionic Solids 


In this section we will consider some specific binary ionic solids to show how 
these solids illustrate the ideas of ion packing. Because an ionic solid must be 
neutral overall, the stoichiometry of the compound (the ratio of the numbers 
of anions to cations) is determined by the ion charges. On the other hand, the 
structure of the compound (the placement of the ions in the solid) is deter- 
mined, at least to a first approximation, by the relative sizes of the ions. 

Before we consider specific compounds, we need to consider the locations 
and relative numbers of tetrahedral and octahedral holes in the closest packed 
structures. The location of the tetrahedral holes in the face-centered cubic unit 
cell of the ccp structure is shown in Fig. 16.41(a). Note from this figure that 
there are eight tetrahedral holes in the unit cell. Recall from the discussion in 
Section 16.4 that there are four net spheres in the face-centered cubic unit cell. 
Thus there are twice as many tetrahedral holes as there are packed spheres in 
the closest packed structure. 

The location of the octahedral holes in the face-centered cubic unit cell is 
shown in Fig. 16.42(a). The easiest octahedral hole to find in this structure is 
the one at the center of the cube. Note that this hole is surrounded by six 
spheres, as is required to form an octahedron. Since the remaining octahedral 
holes are shared with other unit cells, they are more difficult to visualize. How- 
ever, it can be shown that the number of octahedral holes in the ccp structure 
is the same as the number of packed spheres. 

Using these ideas, we will now consider the structures of some specific 
ionic solids. 


The Structures of the Alkali Halides 


The structure of sodium chloride, which is the prototype for most of the alkali 
halides, is best described as a cubic closest packed array of Cl~ ions with the 
Na* ions in all of the octahedral holes [Fig. 16.42(b)]. The relative sizes of 
these ions are such that ry,+ = 0.66Ra_, so this solid obeys the guidelines 
given previously. Note that the Cl” ions are forced apart by the Na* ions, 
which are too large for the octahedral holes in the closest packed array of Cl~ 
ions. Since the number of octahedral holes is the same as the number of packed 
spheres, all the octahedral holes must be filled with Na* ions to achieve the 
required 1:1 stoichiometry. Most other alkali halides also have the sodium 
chloride structure. In fact, all the halides of lithium, sodium, potassium, and 
rubidium have this structure. Cesium fluoride has the sodium chloride struc- 











(d) 








(b) 


Figure 16.42 

(a) The locations (gray X) of the octa- 
hedral holes in the face-centered cubic 
unit cell. (6) Representation of the unit 
cell for solid NaCl. The Cl” ions (green 
spheres) have a ccp arrangement, with 
Na* ions (gray spheres) filling all the 
octahedral holes. This representation 
shows the idealized closest packed 
structure of NaCl. In the actual struc- 
ture, the Cl- ions do not quite touch. 
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ture, but because of the large size of Cs* ions, in this case the Cs* ions forma 
cubic closest packed arrangement with the F~ ions in all the octahedral holes. 
On the other hand, cesium chloride, in which the Cs* and Cl ions are almost 
the same size, has a simple cubic structure of Cl~ ions, with each Cs* ion in the 
cubic hole in the center of each cube. The compounds cesium bromide and 
cesium iodide also have this latter structure. 


The Structure of Zinc Sulfide 


The compound ZnS illustrates another important general type of structure. In 
ZnS the ion sizes are such that rzy ~ 0.35Rg-. According to the guidelines, 
this should mean that the Zn?* ions occupy the tetrahedral holes among the 
closest packed S*~ ions. This is exactly what is found in ZnS. However, be- 
cause there are twice as many tetrahedral holes as closest packed ions, only 
one-half of the tetrahedral holes are occupied in zinc sulfide, producing the 
required 1:1 ratio of Zn** and S?~ ions [Fig. 16.41(c)]. Zinc sulfide has two 
forms: zinc blende, where the S*~ ions are cubic closest packed, and wurtzite, 
where the S*~ ions are hexagonal closest packed. In both cases the Zn?* ions 
occupy half of the tetrahedral holes. The substances ZnO and CdS also show 
both the zinc blende and wurtzite structures. 


The Structure of Calcium Fluoride 


The structure of the compound CaF; can be described as a face-centered cubic 
array of Ca** ions with the F~ ions in all the tetrahedral holes.* This gives the 
required 1:2 ratio of Ca?* and F~ ions. This structure is called the fluorite 
structure [Fig. 16.41(d)] and is also observed in the compounds SrF), BaClh, 
PbF>, and CdF,, among others. 
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Lattice Defects 


So far we have assumed that crystalline compounds are perfect—that is, that 
all the atoms, ions, or molecules are present and occupy the correct sites. Al- 
though crystalline materials are highly ordered and most of the components 
are where they are expected to be, all real crystals have imperfections called 
lattice defects. 

Point defects refer to totally missing particles (atoms, ions, or molecules) 
or to cases where the particle is in a nonstandard location. A crystal with miss- 
ing particles is said to have Schottky defects [Fig. 16.43(a)]. When ions are 
missing from an ionic compound, they must be missing in a way that preserves 
the overall electrical neutrality of the substance. For example, for every missing 
Ca?* ion in CaF), there must be two missing F~ ions. 

Crystals in which particles have migrated to nonstandard positions are 
said to exhibit Frenkel defects [Fig. 16.43(b)]. One group of compounds where 
Frenkel defects are present to the extreme is the silver halides—AgCl, AgBr, 
and AglI. In these compounds the anion positions are mostly those expected 
from closest packing ideas; however, the silver ions are distributed almost ran- 
domly in the various holes and can easily travel within the solid structure. This 
property is a major reason that the silver halides are so useful in photographic 
films. 





*The structure of CaF) is not a closest packed structure because the Ca?* ions that occupy the 
face-centered cubic sites are smaller than the F- ions. An alternative description of this structure is 
a simple cubic array of F~ ions, with Ca** ions in half of the cubic holes. 
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Figure 16.43 

Defects in crystalline ionic solids. 

(a) Schottky defects, in which there are 
vacant sites. (lb) Frenkel defects, in 
which an atom or an ion of either sign 
is present at an inappropriate site. 


In some cases the crystal defects involve impurities that lead to nonstot- 
chiometric compounds. For example, wistite, which has the idealized formula 
FeO, actually varies from Fe;,9O1.9 to Feo.9sOi.0. These variations occur when 
some of the Fe2* ions in the compound are replaced by Fe** ions in a way that 
preserves the electrical neutrality of the solid. There are many other examples 
of nonstoichiometric compounds. One extreme case involves TiO, which can 
vary from Ti;,900,7 to Tip.gO10. 
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Vapor is the usual term for the gas 
phase of a substance that exists as a 
solid or liquid at 25°C and 1 atm. 





Figure 16.44 

Behavior of a liquid in a closed con- 
tainer. (a) Initially, net evaporation 
occurs as molecules are transferred 
from the liquid to the vapor phase, so 
the amount of liquid decreases. (b) As 
the number of vapor molecules 
increases, the rate of return to the 
liquid (condensation) increases, until 
finally the rate of condensation equals 
the rate of evaporation. The system is 
at equilibrium, and no further changes 
occur in the amounts of vapor or liquid. 





Vapor Pressure and Changes of State 


Now that we have considered the general properties of the three states of mat- 
ter, we can explore the processes by which matter changes state. One very fa- 
miliar example of a change in state occurs when a liquid evaporates from an 
open container. This is clear evidence that the molecules of a liquid can escape 
from the liquid’s surface and form a gas. Called vaporization, or evaporation, 
this process is endothermic because energy is required to overcome the rela- 
tively strong intermolecular forces in the liquid. The energy required to vapor- 
ize 1 mole of a liquid at a pressure of 1 atm is called the standard heat of va- 
porization or the standard enthalpy of vaporization and is usually symbolized 
aS AT ap: 

The endothermic nature of vaporization has great practical significance; in 
fact, one of the most important roles that water plays in our world is to act as 
a coolant. Because of the strong hydrogen bonding among its molecules in the 
liquid state, water has an unusually large heat of vaporization (40.7 kJ/mol). A 
significant portion of the sun’s energy that reaches earth is spent evaporating 
water from the oceans, lakes, and rivers rather than warming the earth. The 
vaporization of water is also crucial to the body’s temperature control system 
through evaporation of perspiration. 


Vapor Pressure 


When a liquid is placed in a closed container, the amount of liquid at first de- 
creases but eventually becomes constant. The decrease occurs because there is 
an initial net transfer of molecules from the liquid to the vapor phase (Fig. 
16.44). However, as the number of vapor molecules increases, so does the rate 
of return of these molecules to the liquid. The process by which vapor mole- 
cules re-form a liquid is called condensation. Eventually, enough vapor mole- 
cules are present above the liquid so that the rate of condensation equals the 
rate of evaporation (Fig. 16.45). At this point no further net change occurs in 
the amount of liquid or vapor because the two opposite processes exactly bal- 
ance each other; the system is at equilibrium. Note that this system is highly 
dynamic on the molecular level—molecules are constantly escaping from and 
entering the liquid at a high rate. However, there is no net change because the 
two opposite processes just balance each other. 


Figure 16.45 

The rates of condensation and evapo- 
ration over time for a liquid sealed in a 
closed container. The rate of evapora- 
tion remains constant, whereas the 
rate of condensation increases as the 
number of molecules in the vapor 
phase increases, until the two rates 
become equal. At this point the equilib- 
rium vapor pressure is attained. 


Figure 16.46 

(a) The vapor pressure of a liquid can 
be measured easily using a simple 
barometer of the type shown here. 

(b) The three liquids, water, ethanol 
(C2HsOH), and diethyl ether [(C2Hs)2O], 
have quite different vapor pressures. 
Ether is by far the most volatile of the 
three. Note that in each case a little 


liquid remains (floating on the mercury). 
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Vame = 


The pressure of the vapor present at equilibrium is called the equilibrium 
vapor pressure or, more commonly, the vapor pressure of the liquid. A simple 
barometer can measure the vapor pressure of a liquid, as shown in Fig. 16.46. 
The liquid is injected at the bottom of the tube of mercury and floats to the 
surface because the mercury is so dense. A portion of the liquid evaporates at 
the top of the column, producing a vapor whose pressure pushes some mercury 
out of the tube. When the system reaches equilibrium, the vapor pressure can 
be determined from the change in the height of the mercury column, since 


lobe = Reha ag Pre column 
Thus 


The vapor pressures of liquids vary widely [Fig. 16.46(b)]. Liquids with 
high vapor pressures are said to be volatile—they evaporate readily from an 
open dish. 

The vapor pressure of a liquid is principally determined by the size of the 
intermolecular forces in the liquid. Liquids in which the intermolecular forces 
are large have relatively low vapor pressures because the molecules need high 
energies to escape to the vapor phase. For example, although water has a much 
lower molar mass than diethyl ether, the strong hydrogen bonding forces that 
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Figure 16.47 

The number of molecules in a liquid 
with a given energy versus kinetic 
energy at two temperatures (T; < Ts). 
Note that the proportion of molecules 
with enough energy to escape the 
liquid to the vapor phase (indicated by 
shaded areas) increases dramatically 
with temperature. This causes vapor 
pressure to increase markedly with 
temperature. 


Table 16.7 


The Vapor Pressure of Water 
as a Function of Temperature 


in (@) P (torr) 
0.0 4.579 
10.0 AWS, 
20.0 NPS) 
DSA) 23.756 
30.0 31.824 
40.0 55.324 
60.0 149.4 
70.0 MBI 
90.0 WS 





Number of molecules 
with a given energy 





Kinetic energy 


exist among water molecules in the liquid cause water’s vapor pressure to be 
much lower than that of diethyl ether [Fig. 16.46(b)]. In general, substances 
with large molar masses have relatively low vapor pressures mainly because of 
the large dispersion forces. The more electrons a substance has, the more po- 
larizable it is, and the greater are the dispersion forces. 

Measurements of the vapor pressure for a given liquid at several tempera- 
tures show that vapor pressure increases significantly with temperature. Figure 
16.47 illustrates the distribution of molecular kinetic energies present in a liquid 
at two different temperatures. To overcome the intermolecular forces in a liq- 
uid, a molecule must have a minimum kinetic energy. As the temperature of the 
liquid is increased, the fraction of molecules having sufficient energy to over- 
come these forces and escape to the vapor phase increases markedly. Thus the 
vapor pressure of a liquid increases dramatically with temperature. The vapor 
pressure values for water at several temperatures are given in Table 16.7. 

The quantitative nature of the temperature dependence of vapor pressure 
can be illustrated graphically. Plots of vapor pressure versus temperature for 
water, ethanol, and diethyl ether are shown in Fig. 16.48(a). Note the nonlin- 
ear increase in vapor pressure for all the liquids as the temperature is increased. 
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Figure 16.48 


(a) The vapor pressure of water, ethanol, and diethyl ether as a function of temperature. (b) Plots of In(P 


(b) 


vap) 


versus 1/T (Kelvin temperature) of water, ethanol, and diethyl ether. 


Richard Megna/Fundamental Photographs 





Figure 16.49 

Solid iodine sublimes when heated and 
then recrystallizes when in contact with 
a cold surface. 


Equation (16.5) is called the Clausius— 
Clapeyron equation. 
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A straight line can be obtained from these data by plotting In(P,,,) versus 1/T, 
where T is the Kelvin temperature [Fig. 16.48(b)]. We can represent this behav- 
ior by the equation 





Ne ye 
In(P,.)) = — a (3) + C (16.4) 


where AH,,, is the enthalpy of vaporization, R is the universal gas constant, 
and C is a constant characteristic of a given liquid. Note that this equation is a 


simplified version of the equation obtained in Section 10.11 for the tempera- 
ture dependence of an equilibrium constant: 


AH°/1\ — AS° 
InK = — “ 
zi R (=) R 





The similarity is not unexpected, since vapor pressure is an equilibrium phe- 
nomenon. Note that we can now interpret the constant C in terms of AS, the 
entropy of vaporization for a given liquid. 


EXAMPLE 16.2 


Using the plots in Fig. 16.48(b), determine whether water or diethyl ether has 
the smaller enthalpy of vaporization. 


Solution When In(P,,,) is plotted versus 1/T, the slope of the resulting straight 
line is 


vap 


Note from Fig. 16.48(b) that the slopes of the lines for water and diethyl ether 
are both negative, as expected. Also note that the line for ether has the smaller 
slope. Thus ether has the smaller value of AH,,,. This makes sense because the 
hydrogen bonding in water causes it to have a relatively large enthalpy of 
vaporization. 


Equation (16.4) is important for several reasons. For example, we can de- 
termine the heat of vaporization for a liquid by measuring P,,, at several tem- 
peratures and then evaluating the slope of a plot of In(P,,,) versus 1/T. On the 
other hand, if we know the values of AH,,, and P,,, at one temperature, we can 
use Equation (16.4) to calculate P,,, at another temperature. This can be done 
by recognizing that the constant C does not depend on temperature. Thus, at 
two temperatures, T,; and T,, we can solve Equation (16.4) for C and then 
write the equality 





AR 
ee = In(P 
ines) Ral C n( vap RT, 


which can be rearranged to 
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Like liquids, solids have vapor pressures. Figure 16.49 shows iodine vapor 
in equilibrium with solid iodine. At 25°C and 1 atm, iodine sublimes; that is, it 
goes directly from the solid to the gaseous state without passing through the 
liquid state. Sublimation also occurs with dry ice (solid carbon dioxide) under 
these conditions. 
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Figure 16.50 

The heating curve for a given quantity 
of water where energy is added at a 
constant rate. The plateau at the 
boiling point is longer than the plateau 
at the melting point because it takes 
almost seven times more energy (and 
thus seven times the heating time) to 
vaporize liquid water than to melt ice. 
The slopes of the other lines are differ- 
ent because the different states of 
water have different molar heat capaci- 
ties (the energy required to raise the 
temperature of 1 mole of a substance 
by 1°C). 


lonic solids such as NaCl and NaF 
have very high melting points and very 
high enthalpies of fusion because of 
the strong ionic forces in these solids. 
At the other extreme is O.(s), a molec- 
ular solid containing nonpolar mole- 
cules with weak intermolecular forces. 


Temperature (°C) 
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Changes of State 


What happens when a solid is heated? Typically, it melts to form a liquid. If the 
heating continues, the liquid at some point boils and forms the vapor phase. 
This process can be represented by a heating curve: a plot of temperature ver- 
sus time for a process where energy is added at a constant rate. 

The heating curve for water is given in Fig. 16.50. As energy flows into the 
ice, the random vibrations of the water molecules increase as the temperature 
rises. Eventually, the molecules become so energetic that they break loose from 
their lattice positions, and the change from solid to liquid occurs. This is indi- 
cated by a plateau at 0°C on the heating curve. At this temperature, called the 
melting point, all the added energy is used to disrupt the ice structure by break- 
ing the hydrogen bonds, thus increasing the potential energy of the water mol- 
ecules. The enthalpy change that occurs at the melting point when a solid melts 
is called the heat of fusion (or more accurately, the enthalpy of fusion) AH,,,. 
The melting points and enthalpies of fusion for several representative solids are 
listed in Table 16.8. 

The temperature remains constant until all the solid has changed to liquid; 
then it begins to increase again. At 100°C the liquid water reaches its boiling 
point, and the temperature again remains constant as the added energy is used to 
vaporize the liquid. When all the liquid is changed to vapor, the temperature 
again begins to rise. Note that changes of state are physical changes; although 
intermolecular forces have been overcome, no chemical bonds have been broken. 
If the water vapor were heated to much higher temperatures, the water mole- 


Table 16.8 


Melting Points and Enthalpies of Fusion for Several Representative Solids 





Enthalpy of 





Compound Melting Point (°C) Fusion (kJ/mol) 
O, =218 0.45 

le h@il —114 110) 

HI =i 2.87 
cGy lS 235) 
CHCl; —64 9.20 
H,0 0 6.01 
NaF oF. LoS 


NaCl 801 30.2 





The melting and boiling points will be 
defined more precisely later in this 
section. 
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Figure 16.51 

The vapor pressures of solid and liquid 
water as a function of temperature. The 
data for liquid water below O°C are 
obtained from supercooled water. The 
data for solid water above O°C are esti- 
mated by extrapolation of vapor pres- 
sure from below O°C. 


Figure 16.52 

An apparatus that allows solid and 
liquid water to interact only through the 
vapor state. 
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cules would break down into the individual atoms. This is a chemical change, 
since covalent bonds are broken. We no longer have water after it occurs. 

The melting and boiling points for a substance are determined by the vapor 
pressures of the solid and liquid states. Figure 16.51 shows the vapor pressures 
of solid and liquid water as functions of temperature near 0°C. Note that below 
0°C the vapor pressure of ice is less than the vapor pressure of liquid water. Also 
note that the vapor pressure of ice has a larger temperature dependence than 
that of the liquid. That is, the vapor pressure of ice increases more rapidly for a 
given rise in temperature than does the vapor pressure of water. Thus, as the 
temperature of the solid is increased, a point is eventually reached where the 
liquid and solid have identical vapor pressures. This is the melting point. 

These concepts can be demonstrated experimentally using the apparatus 
illustrated in Fig. 16.52, where ice occupies one compartment and liquid water 
the other. Consider the following cases. 


Case 1: A temperature at which the vapor pressure of the solid is greater than 
that of the liquid. At this temperature the solid requires a higher pressure of 
vapor than the liquid to be in equilibrium with the vapor. Thus, as vapor is 
released from the solid to try to achieve equilibrium, the liquid absorbs vapor 
in an attempt to reduce the vapor pressure to its equilibrium value. The net 
effect is a conversion from solid to liquid through the vapor phase. In fact, no 
solid can exist under these conditions. The amount of solid steadily decreases 
and the volume of liquid increases. Finally, there is only liquid in the right 
compartment, which comes to equilibrium with the water vapor, and no fur- 
ther changes occur in the system. The temperature for Case 1 must be above 
the melting point of ice, since only the liquid state can exist. 


Case 2: A temperature at which the vapor pressure of the solid is less than that 
of the liquid. This is the opposite of the situation in Case 1. In this case the 
liquid requires a higher pressure of vapor than the solid to be in equilibrium 
with the vapor. So the liquid gradually disappears, and the amount of ice in- 
creases. Finally, only the solid remains, which achieves equilibrium with the 
vapor. This temperature must be below the melting point of ice, since only the 
solid state can exist. 


Case 3: A temperature at which the vapor pressures of the solid and liquid are 
identical. In this case the solid and liquid states have the same vapor pressure, 
so they can coexist in the apparatus at equilibrium simultaneously with the 
vapor. This temperature represents the melting point, where both the solid and 
liquid states can exist. 
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Figure 16.53 

Water in a closed system with a pres- 
sure of 1 atm exerted on the piston. No 
bubbles can form within the liquid as 
long as the vapor pressure Is less than 
1 atm. 





A boiling chip releasing air bubbles 
acts as a nucleating agent for the large 
bubbles that form when water boils. 


Figure 16.54 
The supercooling of water. The extent 
of supercooling is given by S. 
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We can now describe the melting point of a substance more precisely. The 
normal melting point is defined as the temperature at which the solid and liq- 
uid states have the same vapor pressure under conditions where the total pres- 
sure is 1 atm. 

Boiling occurs when the vapor pressure of a liquid becomes equal to the 
pressure of its environment. The normal boiling point of a liquid is the tem- 
perature at which the vapor pressure of the liquid is exactly 1 atm. This con- 
cept can be understood by considering Fig. 16.53. At temperatures where the 
vapor pressure of the liquid is less than 1 atm, no bubbles of vapor can form 
because the pressure on the surface of the liquid is greater than the pressure in 
any spaces in the liquid where bubbles are trying to form. Only when the liquid 
reaches a temperature at which the pressure of vapor in the spaces in the liquid 
is 1 atm can bubbles form and boiling occur.* 

However, observed changes of state do not always occur exactly at the 
boiling point or melting point. For example, water can be readily supercooled; 
that is, it can be cooled below 0°C at 1 atm pressure and still remain in the 
liquid state. Supercooling occurs because, as it is cooled, the water may not 
achieve the degree of organization necessary to form ice at 0°C; thus it contin- 
ues to exist as the liquid. At some point the correct ordering occurs and ice 
rapidly forms, releasing energy in the exothermic process and bringing the 
temperature back up to the melting point, where the remainder of the water 
freezes (Fig. 16.54). 

A liquid can also be superheated, or raised to temperatures above its boil- 
ing point, especially if it is heated rapidly. Superheating can occur because 
bubble formation in the interior of the liquid requires that many high-energy 
molecules gather in the same vicinity. This may not happen at the boiling point, 
especially if the liquid is heated rapidly. If the liquid becomes superheated, the 
vapor pressure in the liquid is greater than the atmospheric pressure. Once a 
bubble does form, since its internal pressure is greater than that of the atmos- 
phere, it can burst before rising to the surface, blowing the surrounding liquid 
out of the container. This phenomenon is called bumping and has ruined many 
experiments. It can be avoided by adding boiling chips to the flask containing 
the liquid. Boiling chips are bits of porous ceramic material containing trapped 
air that escapes on heating, forming tiny bubbles that act as “starters” for va- 
por bubble formation. These starter bubbles allow a smooth onset of boiling as 
the boiling point is reached. 
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*Note that in real life the bubbles seen forming in water as it is being heated to boiling arise from 
the expulsion of dissolved air. 
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16.11 


Below the critical temperature and 
pressure, the gaseous state of a sub- 
stance is often referred to as a vapor 


Figure 16.55 

The phase diagram for water. T,, repre- 
sents the normal melting point; 73 and 
P3 denote the triple point; 7, repre- 
sents the normal boiling point; 7, rep- 
resents the critical temperature; P, rep- 
resents the critical pressure. The 
negative slope of the solid/liquid line 
reflects the fact that the density of ice 
is less than that of liquid water. Note 
that the solid/liquid phase line contin- 
ues indefinitely. 





Figure 16.56 

Diagrams of various heating experi- 
ments on samples of water in closed 
systems. 


| Phase Diagrams 


A phase diagram is a convenient way of representing the phases of a substance 
as a function of temperature and pressure. For example, the phase diagram for 
water (Fig. 16.55) shows which state exists at a given temperature and pressure. 
It is important to recognize that a phase diagram describes conditions and events 
for a pure substance in a closed system of the type represented in Fig. 16.53, 
where no material can escape into the surroundings and no air is present. 

To show how to interpret the phase diagram for water, we will consider 
heating experiments at several pressures, shown by the dashed lines in Fig. 16.56. 


Experiment 1: Pressure is 1 atm. This experiment begins with the cylinder 
shown in Fig. 16.53 completely filled with ice at a temperature of —20°C and 
with the piston exerting a pressure of 1 atm directly on the ice (there is no air 
space). Since at temperatures below 0°C the vapor pressure of ice is less than 
1 atm—which is the constant external pressure on the piston—no vapor is 
present in the cylinder. As the cylinder is heated, ice remains the only compo- 
nent until the temperature reaches 0°C, where the ice changes to liquid water 
as energy is added. This is the normal melting point of water. When all the 
solid has changed to liquid, the temperature again rises. At this point the cylin- 
der contains only liquid water. No vapor is present because the vapor pressure 
of liquid water under these conditions is less than 1 atm, the constant external 
pressure on the piston. Heating continues until the temperature of the liquid 
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Making Diamonds at Low Pressures: 
Fooling Mother Nature 





In 1955 Robert H. Wentorf, Jr., accomplished 
something that borders on alchemy—he turned 
peanut butter into diamonds. He and his coworkers 
at the General Electric Research and Development 
Center also changed roofing pitch, wood, coal, and 
many other carbon-containing materials into dia- 
monds using a process involving temperatures of 
approximately 2000°C and pressures of about 
100,000 atm. Although the first diamonds made by 
this process looked like black sand because of the 
impurities present, the process has now been devel- 
oped to a point such that beautiful, clear, gem- 
quality diamonds can be produced. General Electric 
now has the capacity to produce 150 million carats 
(30,000 kg) of diamonds, virtually all of which is 
“diamond grit” used for industrial purposes such 
as abrasive coatings on cutting tools. 

The high temperatures and pressures used in 
the GE process for making diamonds make sense if 
one looks at the accompanying phase diagram for 
carbon. Note that graphite—not diamond—is the 
most stable form of carbon under ordinary condi- 
tions of temperature and pressure. However, 
diamond becomes more stable than graphite at 
very high pressures (as one would expect from the 
greater density of diamond). The high temperature 
used in the GE process is necessary to disrupt the 
bonds in graphite so that diamond (the most stable 
form of carbon at the high pressures used in the 
process) can form. 

This brings us again to the difference between 
kinetic and thermodynamic stability. Under 





normal conditions of temperature and pressure, 
graphite has a lower free energy than diamond (by 
about 2 kJ/mol). However, to get from diamond to 
graphite requires a large expenditure of energy. 
This is the energy of activation that determines the 
rate of a reaction at a particular temperature. As a 
result of this high activation energy, diamonds 
formed at the high pressures found deep in the 
earth’s crust can be brought to the earth’s surface 
by natural geological processes and continue to 
exist for millions of years. Although these dia- 
monds are thermodynamically unstable (relative to 
graphite), they are kinetically stable. That is, the 
reaction to change diamond to graphite is favored 
by thermodynamics but is disfavored by kinetics— 
it is so slow that diamonds almost last forever.* 
Diamond is said to be metastable (thermodynami- 
cally unstable but kinetically stable) under normal 
conditions of temperature and pressure. 

We have seen that diamond formed at high 
pressures is “trapped” in this form by slow kinet- 
ics, but this process is very expensive. Can 
diamond be formed at low pressures? The phase 
diagram for carbon says “no.” However, research- 
ers have found that under the right conditions dia- 
monds can be “grown” at low pressures. The 
process used is called chemical vapor deposition 
(CVD). CVD uses an energy source to release 
carbon atoms from a compound such as methane 
into a steady flow of hydrogen gas (some of which 
is catalytically dissociated to produce hydrogen 
atoms). The carbon atoms then deposit as a 





water reaches 100°C. At this point the vapor pressure of liquid water is 1 atm, 
and boiling occurs; the liquid changes to vapor. This is the normal boiling 
point of water. After all the liquid has been converted to steam, the tempera- 
ture again rises as the heating continues. The cylinder now contains only water 
vapor. 


Experiment 2: Pressure is 2.0 torr. Again we start with ice as the only compo- 
nent in the cylinder at —20°C. The pressure exerted by the piston in this case is 
only 2.0 torr. As heating proceeds the temperature rises to — 10°C, where the 
ice changes directly to vapor through the process of sublimation. Sublimation 
occurs when the vapor pressure of ice is equal to the external pressure, which 
in this case is only 2.0 torr. No liquid water appears under these conditions 
because the vapor pressure of liquid water is always greater than 2.0 torr; thus 
it cannot exist at this pressure. If liquid water were placed in a cylinder at such 
a low pressure, it would vaporize immediately. 
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10!! of course, diamond is kinetically trapped. The 
major advantage of CVD is that there is no need 
for the extraordinarily high pressures used in the 
traditional process for synthesizing diamonds. 

The first products with diamond films are 
already on the market. Audiophiles can buy tweet- 
ers that have diaphragms coated with a thin 
diamond film that limits sound distortion. Watches 
with diamond-coated crystals are planned, as are 
diamond-coated windows in infrared scanning 
devices used in analytical instruments and missile 
Vapor guidance systems. These applications represent 
only the beginning for diamond-coated products. 

In addition, the CVD process is now being 
used to synthesize gem-quality diamonds. Compa- 
nies have now been formed that can grow gem- 
quality diamonds as large as several carats. These 
synthetic diamonds are virtually indistinguishable 
from diamonds formed by natural processes. This 
has tremendous implications for the natural 
diamond industry, which is worth more than $60 
billion per year. 
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The phase diagram for carbon. 


diamond film on a surface maintained at a temper- 
ature between 600°C and 900°C. Why does 
diamond form on this surface rather than the ther- 


modynamically favored graphite? Nobody is sure, 
but it has been suggested that at these relatively 
high temperatures the diamond structure grows 
faster than the graphite structure, and so diamond 


*In Morocco, a 50-km-long slab called Beni Bousera con- 
tains chunks of graphite that were probably once diamonds 
formed in the deposit when it was buried 150 km under- 
ground. As this slab slowly rose to the surface over millions 


of years, the very slow reaction changing diamond to graph- 
ite had time to occur. That is, on this time scale thermo- 
dynamic control could exert itself. In the diamond-rich kim- 
berlite deposits in South Africa, which rise to the surface 
much faster, kinetic control exists. 


is favored kinetically under these conditions. It has 
also been suggested that the hydrogen atoms 
present react much faster with graphite fragments 
than with diamond fragments, effectively removing 
any graphite from the growing film. Once it forms, 











Experiment 3: Pressure is 4.588 torr. Again we start with ice as the only com- 
ponent in the cylinder at —20°C. In this case the pressure exerted on the ice by 
the piston is 4.588 torr. As the cylinder is heated, no new phase appears until 
the temperature reaches 0.0098°C. At this point, called the triple point, solid 
and liquid water have identical vapor pressures of 4.588 torr. Thus at 0.0098°C 
and 4.588 torr all three states of water are present. In fact, only under these 
conditions can all three states of water coexist. 


Experiment 4: Pressure is 225 atm. In this experiment we start with liquid wa- 
ter in the cylinder at 300°C; the pressure exerted by the piston on the water is 
225 atm. Liquid water can be present at this temperature because of the high 
external pressure. As the temperature increases, something happens that we 
did not observe in the first three experiments: The liquid gradually changes 
into a vapor but goes through an intermediate “fluid” region, which is neither 
true liquid nor vapor. This is quite unlike the behavior at lower temperatures 
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Figure 16.57 

The phase diagram for water. At 

point X on the phase diagram, water is 
a solid. However, as the external pres- 
sure is increased while the temperature 
remains constant (indicated by the ver- 
tical dashed line), the solid/liquid line is 
crossed and the ice melts. 


The motion of an ice skate blade over 
ice is acomplex phenomenon, and 
other factors, such as frictional heating, 
may be important. 





and pressures, say, at 100°C and 1 atm, where the temperature remains con- 
stant while a definite phase change from liquid to vapor occurs. The unusual 
behavior at 300°C and 225 atm occurs because the conditions are beyond the 
critical point for water. The critical temperature can be defined as the tempera- 
ture above which the vapor cannot be liquefied no matter what pressure is 
applied. The critical pressure is the pressure required to produce liquefaction 
at the critical temperature. Together, the critical temperature and the critical 
pressure define the critical point. For water, the critical point is 374°C and 218 
atm. Note that the liquid/vapor line on the phase diagram for water ends at the 
critical point. Beyond this point the transition from one state to another in- 
volves the intermediate “fluid” region just described. 


Applications of the Phase Diagram for Water 


There are several additional interesting features of the phase diagram for wa- 
ter. Note that the solid/liquid boundary line has a negative slope. This means 
that the melting point of water decreases as the external pressure increases. 
This behavior, which is opposite to that observed for most substances, occurs 
because the density of ice is Jess than that of liquid water at the melting point. 
(The maximum density of water occurs at 4°C.) Thus, when liquid water 
freezes, its volume increases. Also note that the solid/liquid line has no upper 
limit. It extends indefinitely, as indicated by the arrow in Figure 16.55. 

We can account for the effect of pressure on the melting point of water by 
using the following reasoning. At the melting point, liquid and solid water 
coexist—they are in dynamic equilibrium. What happens if we apply pressure 
to this system? When subjected to increased pressure, matter reduces its vol- 
ume. This behavior is most dramatic for gases but it also occurs for condensed 
states. Since a given mass of ice at 0°C has a larger volume than the same mass 
of liquid water, the system can reduce its volume in response to the increased 
pressure by changing to liquid. Thus, at 0°C and an external pressure greater 
than 1 atm, water is liquid. In other words, the freezing point of water is less 
than 0°C when the pressure is greater than 1 atm. 

Figure 16.57 illustrates the effect of pressure on ice. At the point X on the 
phase diagram, ice is subjected to increased pressure at constant temperature. 
Note that as the pressure is increased, the solid/liquid line is crossed, indicating 
that the ice melts. It has long been suggested that this is what happens in 
ice skating. The narrow blade of the skate exerts a large pressure, since the 
skater’s weight is supported by the tiny area of the blade. If the pressure is high 
enough, this would cause the ice to melt, providing liquid water to lubricate 
the passing skate. However, there is now doubt that this is what happens. Re- 
cent experiments suggest that the pressure of an ice skate is not sufficient to 
melt the ice. In fact, new research on the structure of ice indicates that even at 
temperatures far below freezing the water molecules on the surface of ice vi- 
brate faster than expected, forming a quasi-liquid with a structure intermediate 
between that of liquid and solid. This would make the surface of the ice slip- 
pery enough to aid in ice skating. 

Ice’s lower density has other implications. When water freezes in a pipe or 
an engine block, it expands and breaks the container. For this reason water 
pipes are insulated in cold climates and antifreeze is used in water-cooled en- 
gines. The lower density of ice also means that ice formed on rivers and lakes 
floats, providing a layer of insulation that helps prevent bodies of water from 
freezing solid in the winter. Aquatic life can therefore continue to live through 
periods of freezing temperatures. 

A liquid boils at the temperature where the vapor pressure of the liquid 
equals the external pressure. Thus the boiling point of a substance, like the melt- 
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Figure 16.58 

The phase diagram for carbon dioxide. 
The liquid state does not exist at a 
pressure of 1 atm. The solid/liquid line 
has a positive slope, since the density 
of solid carbon dioxide is greater than 
that of liquid carbon dioxide. 
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Table 16.9 


Boiling Point of Water at Various Locations 

















Feet Above Boiling 





Location Sea Level paren (COLT) Point (°C) 
Top of Mt. Everest, Tibet 29,028 240 70 
Top of Mt. McKinley, Alaska 20,320 340 79 
Top of Mt. Whitney, Calif. 14,494 430 85 
Leadville, Colo. 10,150 510 89 
Top of Mt. Washington, N.H. 63293 590 93 
Boulder, Colo. 5,430 610 94 
Madison, Wis. 900 730 92 
New York City, N.Y. 10 760 100 
Death Valley, Calif. —282 770 100.3 








ing point, depends on the external pressure. This is why water boils at different 
temperatures at different elevations (Table 16.9), and any cooking carried out 
in boiling water will be affected by this variation. For example, it takes longer 
to hard-boil an egg in Leadville, Colorado (elevation 10,150 ft), than in San 
Diego (sea level), since water boils at a lower temperature, 89°C, in Leadville. 

As we mentioned earlier, the phase diagram for water describes a closed 
system. Therefore, we must be very cautious in using the phase diagram to 
explain the behavior of water in a natural setting, such as on the earth’s sur- 
face. For example, in dry climates (low humidity), snow and ice seem to sub- 
lime—a minimum amount of slush is produced. Wet clothes put on an outside 
line at temperatures below 0°C freeze and then dry while frozen. However, the 
phase diagram (Fig. 16.55) shows that ice should not be able to sublime at 
normal atmospheric pressures. What is happening in these cases? Ice in the 
natural environment is not in a closed system. The pressure is provided by the 
atmosphere rather than by a solid piston. This means that the vapor produced 
over the ice can escape from the immediate region as soon as it is formed. The 
vapor does not come to equilibrium with the solid, and the ice slowly disap- 
pears. Sublimation, which seems forbidden by the phase diagram, does seem to 
occur under these conditions, but it is not sublimation under equilibrium 
conditions. 


The Phase Diagram for Carbon Dioxide 


The phase diagram for carbon dioxide (Fig. 16.58) differs significantly from 
that for water. The solid/liquid line has a positive slope, since solid carbon di- 
oxide is more dense than liquid carbon dioxide. The triple point for carbon di- 
oxide occurs at 5.1 atm and —56.6°C, and the critical point occurs at 72.8 atm 
and 31°C. At a pressure of 1 atm, solid carbon dioxide sublimes at —78°C, a 
property that leads to its common name, dry ice. No liquid phase occurs under 
normal atmospheric conditions, making dry ice a convenient coolant. 

Carbon dioxide is often used in fire extinguishers, where it exists as a liq- 
uid at 25°C under high pressures. Liquid carbon dioxide released from the 
extinguisher into the environment at 1 atm immediately changes to a vapor. 
Being heavier than air, this vapor smothers the fire by keeping oxygen away 
from the flame. The liquid/vapor transition is highly endothermic, so cooling 
also results, which helps to put out the fire. The “fog” produced by a carbon 
dioxide extinguisher is a mixture of solid carbon dioxide and moisture frozen 
from the air. 
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Smaller Can Be Better 





Because of the emphasis on crystalline materials in 
introductory chemistry courses, there is a tendency 
for students to think that most materials are single 
crystals—that is, that the regular array of the 
crystal is found without interruption throughout 
the entire material. But this is not true. There are 
some materials that are essentially single crystals— 
the silicon used for integrated circuits and the 
diamond in an engagement ring are two examples. 
However, most materials are polycrystalline. They 
contain multitudes of tiny crystalline fragments 
called grains. For example, if you examine ordinary 
copper metal under a 100-power microscope, you 
will see a patchwork quilt of grains, with no two 
grains the same size or shape. Each of these grains 
is a single crystal in which the copper atoms are 
arranged in a regular array. The metal is composed 
of grains rather than being a large single crystal 
because when a typical solid forms there are many 
nucleation sites—many single crystals start growing 
at about the same time. However, these microcrys- 
tals are not oriented identically in space, so when 
they grow large enough to contact each other, they 
form grain boundaries (see the figure). 

Thus the solid is polycrystalline—it is com- 
posed of many grains (single crystals) of various 
sizes oriented in all different directions. The prop- 
erties of a piece of copper, such as its hardness, 
color, electrical conductivity, and so on, depend on 
both the properties of the individual grains and the 
relationships and interactions among the grains. 
Copper is such a good electrical conductor, for 
example, because electrons can move easily within 
each grain and can jump readily from one grain to 
another. 

Because the behavior of polycrystalline materials 
is so sensitive to the way the grains are packed 
together, the properties of these materials can be 
dramatically changed by altering the sizes and 
shapes of the grains. One person who is studying 
these effects is Dick Siegel of Rennselaer Polytechnic 
Institute in Troy, New York. Siegel has found that 
he can make copper that is five times harder than 
normal copper by lowering the grain size by a factor 
of 10,000—a change in size proportional to going 





Nanophase Technologies Corporation 





Grains of nanophase palladium magnified 200,000 times 
by an electron microscope. 


from a boulder the size of a car to a grain of sand. 
Siegel has also been able to change the properties of 
ceramics from their characteristic brittle nature to 
being flexible and deformable by reducing the grain 
sizes. In addition, some ceramic materials that are 
opaque with normal grain sizes become transparent 
when the grain sizes are reduced. 

Because the grain sizes in these substances are 
on the order of 10 to 100 nm (10~° m), they are 
usually called “nanocrystalline” materials. The 
formation of nanocrystalline materials can be 
accomplished by mechanical grinding of the 
normal materials in high-speed ball mills for many 
hours or by controlling the growth of the grains as 
the solid forms. The latter technique usually works 
best. For example, to form nanocrystalline copper, 
Dick Siegel heats a bar of regular pure copper with 
an electric current to “boil off” individual copper 
atoms into a chamber filled with helium gas. As 
clusters containing a few atoms form, they are 
carried to a liquid nitrogen—cooled “cold finger” 
by the helium flow. A Teflon blade scrapes off the 
nanosized clusters and they fall into a compactor 
to be shaped into pellets of nanograined copper. 

Siegel has formed a company called Nanophase 
Technologies Corporation to commercialize his 
work. The opportunities look bright for nanocrys- 
talline materials. Sometimes smaller is definitely 
better. 
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Figure 16.59 
Forest of nanotubes. 
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A nanometer is so small that it is difficult to imagine. For example, the period 
at the end of this sentence has a diameter of approximately 500,000 nm. As 
another example, a man’s beard typically grows about a nanometer in the time 
it takes to raise a razor to his face. 

The field of nanotechnology is typically defined as dealing with particles 
approximately 1 to 100 nm in size. Because of the tiny size of nanoscale parti- 
cles, they behave quite differently from normal-sized particles, even though the 
two types of particles may contain the same types of atoms. An important rea- 
son for these different behaviors is the incredible surface area present in a sam- 
ple of nanosized particles. For example, about one gram of nanobeads used in 
a device to filter water contains an amazing 1000 square meters of surface area. 
This extremely high surface area of nanoparticles is very useful for catalyzing 
the decomposition of soil contaminants. For instance, several studies have 
shown that nanosized metallic particles are very efficient catalysts for the break- 
down of the chlorinated solvents often found in contaminated soil.* 

Another reason for the unusual properties of nanoparticles is that their 
tiny size allows them to penetrate into very small spaces. For example, one ap- 
plication of this characteristic developed at Rice University involves using gold 
nanoparticles (~120 nm in diameter) to penetrate the tangle of capillaries sup- 
plying blood to a cancerous tumor. The gold particles (called nanoshells) are 
then heated with infrared radiation, which kills the surrounding cancer cells. 

The field of nanotechnology is virtually exploding today. The number of 
scientists involved in the field and the amount of money spent on nanoscience 
are increasing at an incredible rate. Although it is a multidisciplinary field, 
nanotechnology has its basis in chemistry, and many chemists are now work- 
ing in this area. 


Carbon Nanotubes 


The roots of the science of nanotechnology can be traced back to the discovery 
in 1985 of Ceo molecules (buckminsterfullerene) by Richard Smalley and his 
coworkers at Rice University. Although “bucky balls” have not found many 
practical uses, a close relative, the carbon nanotube, has proved to have great 
practical potential. Carbon nanotubes contain networks of carbon atoms in 
interconnected six-membered rings (like “chicken wire”) organized into slen- 
der tubes (Fig. 16.59). The main attraction of nanotubes is that they are over 
50 times stronger than steel wire at one-sixth the weight and can carry a thou- 
sand times more electrical current than copper wire. The problem with carbon 
nanotubes is that when they are formed, they occur as a hodgepodge of tubes 
of different diameters. Sorting the tubes by size has proved to be a difficult 
task. However, a new technique pioneered by Michael S. Arnold and his co- 
workers at Northwestern University appears very promising. In this method, 
surfactants are added to the jumble of raw nanotubes, which makes the nano- 
tubes water soluble. The solution of nanotubes is then added to a solution 
whose density increases with depth, and the mixture is centrifuged at high 
speeds. This treatment causes the tubes to sort themselves into bands (Fig. 
16.60). So far only small amounts of sorted nanotubes have been produced, 
but the method appears capable of being scaled up. 

Carbon nanotubes are now used in a variety of consumer products. They 
strengthen high-end sporting equipment such as tennis rackets, bicycle handle- 





*“Special Treatment,” Sci. News 167 (2005): 266. 
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Nanogenerators: Power from Motion 





Many groups of researchers are working on ways 
to convert motions involved in everyday life into 
energy to power electronic devices. This new 
technology is based on the properties of piezoelec- 
tric nanowires and nanocrystals. Piezoelectric 
materials produce an electric current when they are 
stressed in some way, usually by bending. 

One strategy being pursued is the inclusion of 
piezoelectric fibers into clothes to convert motions 
such as walking into electric currents that could 
power MP3 players or cell phones. One researcher 
working on this problem is Liwei Lin, a mechani- 
cal engineer at the University of California at 
Berkeley. Lin’s goal is to weave long, thin fibers of 
piezoelectric polyvinylidene fluoride (PVDF) into 
clothes. Lin calculates that if a million PVDF fibers 
are included in a single garment, enough energy 
could be harvested to power an iPod or to keep a 
smart phone charged. 





Other researchers hope to use piezoelectric 
nanomaterials inside the body to power sensors or 
even pacemakers. A group led by Zhong Lin Wang, 
Director of the Center for Nanostructure Charac- 
terization at the Georgia Institute of Technology, 
uses piezoelectric zinc oxide nanowires on a 
gold-coated surface, which are then attached to a 
platinum-coated silicon wafer. By placing these 
nanowires in the artery of a rat, an alternating 
current can be produced as the heart beats, 
creating a fluctuating flow of blood that moves the 
piezoelectric wires. Wang has also been able to 
boost the power of this device by connecting it to 
an enzyme-based “biofuel” cell that collects energy 
from the oxidation of glucose in the blood. 

Although current power levels are much 
smaller than those needed to power an iPod, much 
work is being done to ramp up the efficiency of 
these nanopiezoelectric devices. 














Figure 16.60 





Graphic illustrating the process of 
sorting nanotubes. 


bars and frames, and golf club shafts. One of the major potential uses for 
nanotubes is in various electrical devices. Although carbon nanotubes can con- 
duct prodigious amounts of current with very little production of heat, scien- 
tists have not yet figured out how to make them into practical devices. As of 
now, the longest electricity-conducting nanotube in existence measures only a 
fraction of a centimeter. Research is proceeding to find ways to make practical 


nanotubes. 


Zina Deretsky/National Science Foundation 


Larger nanotubes attract 
more surfactant and sink 


Nanotubes sorted by 
diameter, twist, electronic type 


Bundles and aggregates 
form sediment 
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Medical Applications of Nanotechnology 


Nanoscale species are ideal for biomedical operations because they are compa- 
rable in size to many biological entities. A biomedical species smaller than 
about 50 nm can easily enter most cells (10,000-20,000 nm in diameter), and 
those smaller than 20 nm can exit blood vessels. As a result, nanoscale bio- 
medical devices can easily interact with biomolecules inside and outside cells. 

One rapidly expanding use of nanotechnology involves the transportation 
via nanoparticles of molecules that improve the spectroscopic detection of dis- 
ease-causing cells such as cancer cells. Examples include nanosized “quantum 
dots” composed of cadmium selenide, zinc sulfide, and an organic polymer 
that can be attached to molecules. These labeled molecules then can be tracked 
by fluorescence techniques. Another example involves the attachment of mag- 
netic resonance imaging (MRI) contrast agents to tiny cancer cells, making 
tumor cells as small as 2 mm detectable by MRI. 

A further medical use of nanoscale devices is for targeting cancer cells. In 
this application the “nanocapsule” contains molecules lethal to tumors. The 
nanodevice is linked to a molecule that has a specific affinity for the receptors 
on the surfaces of cancer cells. Once at the site of the cancer, the nanocapsule 
dumps its lethal contents into the cancer cell. One method for releasing the 
contents of the nanocapsule is through a tiny valve developed at UCLA by 
Jeffrey I. Zink and his coworkers. The valves consist of dumbbell-like mole- 
cules that can be rotated by the energy from a single electron. 


Nanotoxicology 


The explosive growth of nanotechnology has brought with it some safety con- 
cerns about these materials.* The unique properties of nanoparticles raise the 
possibility of unique types of toxicity. One of the problems with studying the 
toxicity of nanoparticles is their almost infinite variety. For example, dozens of 
types of samples of carbon nanotubes are available containing different sized 
particles and different contaminating substances depending on how they were 
made. Researchers are now trying to decide how to design a systematic ap- 
proach to the very complex problem of testing the possible toxicity of the great 
variety of nanoparticles. Some early results indicate that caution is in order as 
we continue to develop this technology. 





*“Particular Problems,” Sci. News 169 (2006): 280. 





Key Terms For Review 
Section 16.1 OWL ana (SO HEU 


condensed states of matter 
intermolecular forces 
dipole-dipole attraction 
hydrogen bonding 
London dispersion forces 
Section 16.2 

surface tension 

capillary action 

viscosity 

Section 16.3 

crystalline solid 
amorphous solid 





Sign in at www.cengage.com/owl to: 

e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 


Condensed states of matter: liquids and solids 

a Held together by forces among the component molecules, atoms, or 
ions 

a Liquids exhibit properties such as surface tension, capillary action, and 
viscosity that depend on the forces among the components 
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lattice 

unit cell 

X-ray diffraction 
Bragg equation 
ionic solid 
molecular solid 
atomic solid 


Section 16.4 

closest packing 

hexagonal closest packed (hcp) 
structure 

cubic closest packed (ccp) 
structure 

body-centered cubic (bcc) unit 
cell 

electron sea model 

band model 

bands 

conduction band 

alloy 

substitutional alloy 

interstitial alloy 


Section 16.5 
network solid 
silica 
silicate 
glass 
ceramic 
aluminosilicate 

~ semiconductor 
n-type semiconductor 
p-type semiconductor 
p-n junction 
Section 16.10 
vaporization 
heat of vaporization 


enthalpy of vaporization (AH,,,) 


condensation 

vapor pressure 
sublimation 

heating curve 
melting point 

heat of fusion 
enthalpy of fusion (AH,,,) 
normal melting point 
normal boiling point 
supercooled 
superheated 


Section 16.11 
phase diagram 
triple point 

critical temperature 
critical pressure 
critical point 





Dipole-dipole forces 
a Attractions among molecules with dipole moments 
a Hydrogen bonding is a particularly strong form of dipole-dipole 
attraction 
= Occurs in molecules containing hydrogen bonded to a highly electro- 
negative element such as nitrogen, oxygen, or fluorine 
ws Produces unusually high boiling points 


London dispersion forces 
= Caused by instantaneous dipoles that form in atoms or nonpolar 
molecules 


Crystalline solids 
a Have a regular arrangement of components often represented as a lat- 
tice; the smallest repeating unit of the lattice is called the unit cell 
w Classified by the types of components: 
a Atomic solids (atoms) 
# Ionic solids (ions) 
= Molecular solids (molecules) 
» Arrangement of the components can be determined by X-ray analysis 


Metals 
= Structure is modeled by assuming atoms to be uniform spheres 
a Closest packing 
a Hexagonal 
a Cubic 
a Metallic bonding can be described in terms of two models 
a Electron sea model: valence electrons circulate freely among the metal 
cations 
= Band model: electrons are assumed to occupy molecular orbitals 
= Conduction bands: closely spaced molecular orbitals with empty 
electron spaces 
a Alloys: mixtures with metallic properties 
a Substitutional 
a Interstitial 


Network solids 

= Contain giant networks of atoms covalently bound together 

= Examples are diamond and graphite 

a Silicates are network solids containing Si—O—Si bridges that form the 
basis for many rocks, clays, and ceramics 


Semiconductors 
w Very pure silicon is “doped” with other elements 
m n-type: doping atoms typically contain five valence electrons (one 
more than silicon) 
m p-type: doping elements typically contain three valence electrons 
= Modern electronics are based on devices with p—n junctions 


Molecular solids 

=» Components are discrete molecules 

a Intermolecular forces are typically weak, leading to relatively low boil- 
ing and melting points 


lonic solids 
=» Components are ions 


a Interionic forces are relatively strong, leading to solids with high melt- 
ing and boiling points 
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Phase changes 


= Many structures consist of closest packing of the larger ions with the 
smaller ions in tetrahedral or octahedral holes 


u The change from liquid to gas (vapor) is called vaporization or 


evaporation 


= Condensation is the reverse of vaporization 


Equilibrium vapor pressure: the pressure that occurs over a liquid or 

solid in a closed system when the rate of evaporation equals the rate of 

condensation 

m Liquids whose components have high intermolecular forces have 
relatively low vapor pressures 

# Normal boiling point: the temperature at which the vapor pressure 
of a liquid equals one atmosphere 

= Normal melting point: the temperature at which a solid and its liquid 
have the same vapor pressure (at 1 atm external pressure) 

Phase diagram 

= Shows what state exists at a given temperature and pressure in a 
closed system 

w Triple point: temperature at which all three phases exist simul- 


taneously 





Discussion Questions 


w Critical point: defined by the critical temperature and pressure 
= Critical temperature: the temperature above which the vapor can- 
not be liquefied no matter the applied pressure 
= Critical pressure: the pressure required to produce liquefaction at 
the critical temperature 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


1. It is possible to balance a paper clip on the surface of 
water in a beaker. If you add a bit of soap to the water, 
however, the paper clip will sink. Explain how the paper 
clip can float and why it sinks when soap is added. 


2. Consider a sealed container half-filled with water. Which 
statement best describes what occurs in the container? 
a. Water evaporates until the air is saturated with 

water vapor; at this point, no more water 
evaporates. 

b. Water evaporates until the air is overly saturated 
(supersaturated) with water, and most of this water 
recondenses; this cycle continues until a certain 
amount of water vapor is present, and then the cycle 
ceases. 

c. The water does not evaporate, because the container 
is sealed. 

d. Water evaporates, and then water evaporates and 
recondenses simultaneously and continuously. 

e. Water evaporates until it is eventually all in vapor 
form. 

Explain each choice, and justify the best choice. For those 

you did not choose, explain why they are incorrect. 


. Explain the following: You add 100 mL of water to a 


500-mL round-bottom flask and heat the water until it is 
boiling. You remove the heat, stopper the flask, and the 
boiling stops. You then run cool water over the neck of 
the flask, and the boiling begins again. It seems as though 
you are boiling water by cooling it. 


. Is it possible for the dispersion forces in a particular sub- 


stance to be stronger than hydrogen bonding forces in 
another substance? Explain your answer. 


. Does the nature of intermolecular forces change when a 


substance goes from a solid to a liquid or from a liquid 
to a gas? What causes a substance to undergo a phase 
change? 


. Generally, the vapor pressure of a liquid is related to 


(there may be more than one answer) 


a. amount of the liquid c. temperature 
b. atmospheric pressure d. intermolecular forces 
Explain. 


. What is meant by the term vapor pressure? Why do liq- 


uids have a vapor pressure? Do all liquids have a vapor 
pressure? What about solids? How does vapor pressure 
change with changing temperature? Why? What hap- 
pens, if anything, when the vapor pressure of a liquid is 
equal to atmospheric pressure? 
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Consider an open beaker of water. Over time, the water 
evaporates. As the water is evaporating, is the vapor 
pressure increasing, decreasing, or staying the same? 
Why? What is the vapor pressure of water at 100°C? 
How do you know? 


Exercises 


9; 


10. 


How do the following physical properties depend on the 
strength of intermolecular forces? Explain. 

a. surface tension d. boiling point 

b. viscosity e. vapor pressure 

c. melting point 

Use the kinetic molecular theory to explain why a liquid 
in an insulated vessel gets cooler as it evaporates. 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Intermolecular Forces and Physical Properties 


iNaibe 


2. 


4s. 


16. 


What are intermolecular forces? How do they differ 
from intramolecular forces? What are dipole-dipole 
forces? How do typical dipole-dipole forces differ from 
hydrogen-bonding interactions? In what ways are they 
similar? What are London dispersion forces? How do 
typical London dispersion forces differ from dipole-di- 
pole forces? In what ways are they similar? 


List the major types of intermolecular forces in order of 
increasing strength. Is there some overlap? That is, can the 
strongest London dispersion forces be greater than some 
dipole-dipole forces? Give examples of such instances. 


. Why is AH,,, for water much greater than AH,,,? What 


does this reveal concerning changes in intermolecular 
forces in going from solid to liquid to vapor? 


Rationalize why chalk (calcium carbonate) has a higher 
melting point than motor oil (large compounds made 
from carbon and hydrogen), which has a higher melting 
point than water, which engages in relatively strong hy- 
drogen-bonding interactions. 





. Identify the most important types of interparticle forces 
present in the solids of each of the following substances. 
al, Ne Im, INMeLCh 
b. HCl i. Teflon, CF3(CF CF ),,CF3 
Canali j. polyethylene, CH3;(CH,CH,),,CH; 
d. CaCl, kGHGL 
€ Giri I. NH; 
is e®) m. NO 
g. NaNO; n. BF 


Predict which substance in each of the following pairs 
would have the greater intermolecular forces. 

a. CO, or OCS 

b. SeO, or SO, 

c. CH3CH,CH,NH) or HNCH,CH,NH) 

d. CH3CH; or H,CO 

em@rH- @rton hoe® 





. In each of the following groups of substances, pick the 


one that has the given property. Justify your answer. 
a. highest boiling point: HBr, Kr, or Cl, 

b. highest freezing point: HyO, NaCl, or HF 

c. lowest vapor pressure at 25°C: Ch, Bro, or L, 

d. lowest freezing point: N», CO, or CO; 


18. 


20. 


DA 


e. lowest boiling point: CH,, CH3CH3, or CH3;CH2CH3 
f. highest boiling point: HF, HCl, or HBr 
g. lowest vapor pressure at 25°C: CH;CH2CHs3, 

1 


CH3CCH3, or CH3;CH,CH,0H 


In each of the following groups of substances, pick the 

one that has the given property. Justify each answer. 

a. highest boiling point: CCl4, CFs, CBr4 

b. lowest freezing point: LiF, F,, HCl 

c. lowest vapor pressure at 25°C: CH;0CHs, 
CH3;CH,0OH, CH3;CH2CH; 

d. greatest viscosity: HS, HF, or H,O2 

e. greatest heat of vaporization: HyCO, CH3;CH3, CH, 

f. smallest enthalpy of fusion: I,, CsBr, or CaO 





. Rationalize the difference in boiling points for each of 


the following pairs of substances: 


a. n-pentane CH3CH,CH;3CH>,CH; BOG 
a 
neopentane EB OaIG ene DIREC 
CH; 
ly lalle AOE 
HCl =f 
e, Intl = 
LiCl IS6OSE 
d. n-pentane CH;CH;CH>»CH>CH; 56.26 
n-hexane CH3CH:CH»CH>CH>CH; 69-6 


Rationalize the following differences in physical proper- 
ties in terms of intermolecular forces. Compare the first 
three substances with each other, compare the last three 
with each other, and then compare all six. Can you ac- 
count for any anomalies? 





AH ae 
Substance bp (°C) mp (°C) (kJ/mol) 
Benzene, C,H, 80 6 3329 
Naphthalene, C, oH, 218 80 SiS 
Carbon tetrachloride 76 = 23 31.8 
Acetone, CH3COCH, 56 = OS Sy iliac: 
Acetic acid, CH;CO,H 118 7 Soy; 
Benzoic acid, C;sH;CO,H 249 1D 68.2 


Consider the compounds Cl,, HCl, F), NaF, and HF. 
Which compound has a boiling point closest to that of 
argon? Explain. 


22. Consider the following melting point data: 

Compound NaCl MgCl AICl, SiCl, PCI, SCl, Cl 
mp (°C) 801 708 EXO 7) SEM a AIO 
Compound NaF MgF, AIF; SiF,; PF; SF, F, 
mp (°C) OLY 1396 1040 -90 -94 -56 -220 


20. 


Account for the trends in melting points for the two se- 
ries of compounds in terms of interparticle forces. 


Consider the following electrostatic potential diagrams: 





Ethanol 





Acetone 


Rank the compounds from lowest to highest boiling 
point, and explain your answer. 


. Consider the following enthalpy changes: 


F-(g) + HF(g) —~> FHF (g) AH = —155 kJ/mol 


(CH3)2C=O(g) + HF(g) —— (CH3),C=O---HF(g) 
R= de iimol 


H,O(g) + HOH(g) ——~ H,0---HOH 


(in ice) 


AH = —21 kJ/mol 


How do the strengths of hydrogen bonds vary with the 
electronegativity of the element to which hydrogen is 
bonded? Where in the preceding series would you expect 
hydrogen bonds of the following type to fall? 


, 
7 


EO d Jae sees 
GNaHS an zs . 


. Using the heats of fusion and vaporization for water, cal- 


culate the change in enthalpy for the sublimation of 
water: 


H,O0(s!} —> Hj0(g) 


Using the AH value given in Exercise 24 and the number 
of hydrogen bonds formed to each water molecule, esti- 
mate what portion of the intermolecular forces in ice can 
be accounted for by hydrogen bonding. 


pire 


Exercises 841 


Properties of Liquids 
26. 


List some physical characteristics that distinguish solids 
from liquids from gases. 


. Define the following terms, and describe how each de- 


pends on the strength of the intermolecular forces. 
a. surface tension d. boiling point 

b. viscosity e. vapor pressure 

c. melting point 


28. The shape of the meniscus of water in a glass tube is dif- 


ferent from that of mercury in a glass tube. Why? 


C—, a 

















| 
| 








H,O in glass Hg in glass 


29. Explain why water forms into beads on a waxed car 


eyile 


SY. 


33) 


3A: 


finish. 
Some of the physical properties of H,O and D,O are as 
follows: 


Property HO D,O 
Density at 20°C (g/mL) OT, 1.108 
Boiling point (°C) 100.00 101.41 
Melting point (°C) 0.90 83/9 
AH yap (kJ/mol) 40.7 41.61 
AH}, (kJ/mol) 6.01 6.3 


Account for the differences. (Note: D is a symbol often 
used for 7H, the deuterium isotope of hydrogen.) 
Hydrogen peroxide (H2O3) is a syrupy liquid with a rela- 
tively low vapor pressure and a normal boiling point of 
152.2°C. Rationalize the differences between these phys- 
ical properties and those of water. 


Carbon diselenide (CSe) is a liquid at room tempera- 
ture. The normal boiling point is 125°C, and the melting 
point is —45.5°C. Carbon disulfide (CS ) is also a liquid 
at room temperature, with normal boiling and melting 
points of 46.5°C and —111.6°C, respectively. How do 
the strengths of the intermolecular forces vary from CO, 
to CS; to CSe,? Explain your answer. 


Structures and Properties of Solids 


Distinguish between the solids in the following pairs. 
a. crystalline solid and amorphous solid 

b. ionic solid and molecular solid 

c. molecular solid and network solid 

d. metallic solid and network solid 


What is closest packing? What is the difference between 
hexagonal closest packing and cubic closest packing? 
What is the unit cell for each closest packing arrangement? 
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36. 


Bie 


38. 


Bhs 


40. 


41. 


42. 


43), 


44, 


45. 


46. 


47. 


48. 
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Compare and contrast the structures of the following 
solids. 

a. diamond and graphite 

b. silica, silicates, and glass 


Compare and contrast the structures of the following 
solids. 

a. CO;(s) and H,O(s) 

b. NaCl(s) and CsCl(s) 

Will a crystalline solid or an amorphous solid give a sim- 
pler X-ray diffraction pattern? Why? 


What type of solid will each of the following substances 
form? 


Zo (KOs e. Ru i. NaOH m. GaAs 
b. SiO, fal yo WW n. BaO 
CaS g. KBr k. CaCO; o. NO 

d. CH, h. H,O l. PH, p- GeO, 


A topaz crystal has an interplanar spacing (d) of 1.36 A 
(1 A = 1 X 10-!° m). Calculate the wavelength of the 
X ray that should be used if 6 = 15.0° (assume 1 = 1). 


X rays of wavelength 2.63 A were used to analyze a crys- 
tal. The angle of first-order diffraction (7 = 1 in the 
Bragg equation) was 15.55°. What is the spacing be- 
tween crystal planes, and what would be the angle for 
second-order diffraction (7 = 2)? 


X rays from a copper X-ray tube (A = 1.54 A) were dif- 
fracted at an angle of 14.22° by a crystal of silicon. As- 
suming first-order diffraction (7 = 1 in the Bragg equa- 
tion), what is the interplanar spacing in silicon? 


In what array (simple cubic, body-centered cubic, and 
face-centered cubic) do atoms pack most efficiently 
(greatest percent of space occupied by spheres)? Support 
your answer mathematically. 


Calcium has a cubic closest packed structure as a solid. 
Assuming that calcium has an atomic radius of 197 pm, 
calculate the density of solid calcium. 


A certain form of lead has a cubic closest packed struc- 
ture with an edge length of 492 pm. Calculate the value 
of the atomic radius and the density of lead. 


Nickel has a face-centered cubic unit cell. The density of 
nickel is 6.84 g/cm>. Calculate a value for the atomic 
radius of nickel. 


You are given a small bar of an unknown metal X. You 
find the density of the metal to be 10.5 g/cm. An X-ray 
diffraction experiment measures the edge of the face- 
centered cubic unit cell as 4.09 A (1 A = 10>! m). Iden- 
tify X. 

Titanium metal has a body-centered cubic unit cell. The 
density of titanium is 4.50 g/cm%. Calculate the edge 
length of the unit cell and a value for the atomic radius 
of titanium. (Hint: In a body-centered arrangement of 
spheres, the spheres touch along the body diagonal.) 


Barium has a body-centered cubic structure. If the atomic 
radius of barium is 222 pm, calculate the density of solid 
barium. 


49. 


50. 


oy 


oy 


3S ir 
54. 


se 


56. 


58. 





The radius of gold is 144 pm and the density is 
19.32 g/cm3. Does elemental gold have a face-centered 
cubic structure or a body-centered cubic structure? 


The radius of tungsten is 137 pm and the density is 
19.3 g/cm}, Does elemental tungsten have a face-centered 
cubic structure or a body-centered cubic structure? 


Use the band model to describe differences among insu- 
lators, conductors, and semiconductors. Also use the 
band model to explain why each of the following in- 
creases the conductivity of a semiconductor. 

a. increasing the temperature 

b. irradiating with light 

c. adding an impurity 

How do conductors and semiconductors differ as to the 
effect of temperature on electrical conductivity? 


How can an n-type semiconductor be produced from 
pure germanium? How can a p-type semiconductor be 
produced from pure germanium? Explain how n-type 
and p-type semiconductors increase electrical conductiv- 
ity over that of pure germanium. 


Explain how a p-n junction makes an excellent rectifier. 


What is an alloy? Explain the differences in structure be- 
tween substitutional and interstitial alloys. Give an ex- 
ample of each type. 


Selenium is a semiconductor used in photocopying ma- 
chines. What type of semiconductor would be formed if 
a small amount of indium impurity were added to pure 
selenium? 


The Group 3A/Group SA semiconductors are composed 
of equal amounts of atoms from Group 3A and Group 
5A—for example, InP and GaAs. These types of semi- 
conductors are used in light-emitting diodes and solid- 
state lasers. What would you add to make a p-type semi- 
conductor from pure GaAs? How would you dope pure 
GaAs to make an n-type semiconductor? 


. The band gap in aluminum phosphide (AIP) is 2.5 elec- 


tron-volts (1 eV = 1.6 x 107!? J). What wavelength of 
light is emitted by an AIP diode? 


An aluminum antimonide solid-state laser emits light 
with a wavelength of 730. nm. Calculate the band gap in 
joules. 


59. The structures of some common crystalline substances 


follow. Show that the net composition of each unit cell 
corresponds to the correct formula of each substance. 
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60. 


61. 


64. 


6S. 


66. 








@o DTi 


The unit cell for nickel arsenide is shown below. What is 
the formula of this compound? 





Describe, in general, the structures of ionic solids. Com- 
pare and contrast the structures of sodium chloride and 
zinc sulfide. How many tetrahedral holes and octahedral 
holes are there per closest packed anion? In zinc sulfide, 
why are only one-half of the tetrahedral holes filled with 
cations? 


2. Assume the two-dimensional structure of an ionic com- 


pound M,A, is 





What is the empirical formula of this ionic compound? 


. Cobalt fluoride crystallizes in a closest packed array of 


fluoride ions, with the cobalt ions filling one-half of the 
octahedral holes. What is the formula of this compound? 


The compounds Na,O, CdS, and Zrl, all can be de- 
scribed as cubic closest packed anions with the cations in 
tetrahedral holes. What fraction of the tetrahedral holes 
is occupied for each case? 

The structure of manganese fluoride can be described as 
a simple cubic array of manganese ions with fluoride ions 
at the center of each edge of the cubic unit cell. What is 
the charge of the manganese ions in this compound? 


The unit cell of MgO is shown below. 
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Does MgO have a structure like that of NaCl or ZnS? If 
the density of MgO is 3.58 g/cm’, estimate the radius (in 
centimeters) of the O?~ anions and the Mg?* cations. 


From the density of cesium chloride (3.97 g/cm’), calcu- 
late the distance between the centers of adjacent Cs* and 
Cl” ions in the solid. Compare this value with the ex- 
pected distance based on the sizes of the ions (Fig. 13.8). 
The ionic radius of Cs* is 169 pm. 


A given sample of wiustite has the formula Fep.959Q1 90. 
Calculate the fraction of iron ions present as Fe?*. What 
fraction of the sites normally occupied by Fe** must be 
vacant in this solid? 


. Use the relative ionic radii in Fig. 13.8 to predict the 


structures expected for CsBr and KF. Do these predic- 

tions agree with observed structures? The ionic radius of 

Cs" is 169 pm, 

MnO has either the NaCl type structure or the CsCl type 

structure. The edge length of the MnO unit cell is 

4.47 x 10-8 cm, and the density of MnO is 5.28 g/cm?. 

a. Does MnO crystallize in the NaCl type or the CsCl 
type structure? 

b. Assuming that the ionic radius of oxygen is 140. pm, 
estimate the ionic radius of manganese. 

c. Does the calculated cation-to-anion radius ratio for 
MnO substantiate your answer in part a? Explain. 


‘|. Superalloys have been made of nickel and aluminum. 


The alloy owes its strength to the formation of an or- 
dered phase, called the gamma-prime phase, in which 
Al atoms are at the corners of a cubic unit cell and Ni 
atoms are at the face centers. What is the composition 
(relative numbers of atoms) for this phase of the nickel— 
aluminum superalloy? 


The memory metal, nitinol, is an alloy of nickel and tita- 
nium. It is called a memory metal because after being 
deformed, a piece of nitinol wire will return to its origi- 
nal shape. (See Chem. Matters, October 1993, pp. 4-7.) 
The structure of nitinol consists of a simple cubic array 
of Ni atoms and an inner penetrating simple cubic array 
of Ti atoms. In the extended lattice, a Ti atom is found at 
the center of a cube of Ni atoms; the reverse is also true. 
a. Describe the unit cell for nitinol. 
b. What is the empirical formula of nitinol? 
c. What are the coordination numbers (number of 
nearest neighbors) of Ni and Ti in nitinol? 


A mineral crystallizes in a cubic closest packed array of 
oxygen ions with aluminum ions in some of the octahe- 
dral holes and magnesium ions in some of the tetrahe- 
dral holes. Deduce the formula of this mineral, and pre- 
dict the fraction of octahedral holes and tetrahedral 
holes that are filled by the various cations. 


Perovskite is a mineral containing calcium, titanium, and 
oxygen. The following diagrams represent the unit cell. 


») Titanium 


Calcium 


od Oxygen 
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a. What is the formula of perovskite? 

b. An alternative way of drawing the unit cell of 
perovskite has calcium at the center of each cubic 
unit cell. What are the positions of the titanium and 
oxygen atoms in this representation of the unit cell? 
Show that the formula for perovskite is the same for 
both unit cell representations. 

c. How many oxygen atoms surround a given Ti atom 
in each representation of the unit cell? 


Materials containing the elements Y, Ba, Cu, and O that 
are superconductors (electrical resistance equals zero) at 
temperatures above that of liquid nitrogen were recently 
discovered. The structures of these materials are based on 
the perovskite structure. Were they to have the ideal 
perovskite structure, the superconductors would have the 
structure shown in part (a) of the accompanying figure. 

















Q Barium Oxygen @Copper @ Yttrium 
(a) Ideal perovskite structure (b) Actual structure of 
superconductor 


a. What is the formula of this ideal perovskite 
material? 

b. How is this structure related to the perovskite struc- 
ture discussed in Exercise 74? 

These materials, however, do not act as superconductors 

unless they are deficient in oxygen. The structure of the 

actual superconducting phase appears to be that shown 

in part (b) of the figure. 

c. What is the formula of this material? 


Phase Changes and Phase Diagrams 


76. 
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Define each of the following. 

a. evaporation e. melting 

b. condensation f. enthalpy of vaporization 
c. sublimation g. enthalpy of fusion 

d. boiling h. heating curve 


What do we mean when we say that a liquid is volatile? 
Do volatile liquids have large or small vapor pressures at 
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room temperature? What strengths of intermolecular 
forces occur in highly volatile liquids? 


Describe what is meant by dynamic equilibrium in terms 
of the vapor pressure of a liquid. 


How does each of the following affect the rate of evapo- 
ration of a liquid in an open dish? 

a. intermolecular forces 

b. temperature 

c. surface area 


Consider the following vapor pressure versus tempera- 
ture plot for three different substances A, B, and C. 








Temperature (°C ) ——> 


If the three substances are CHy4, SiH4, and NH3, match 
each curve to the correct substance. 


When a person has a high fever, one therapy used to re- 
duce the fever is an “alcohol rub.” Explain how the 
evaporation of alcohol from a person’s skin removes 
heat energy from the body. 


Why is a burn from steam typically much more severe 
than a burn from boiling water? 


A plot of In (Pyap) versus 1/T (K) is linear with a negative 
slope. Why is this the case? 


In Breckenridge, Colorado, the typical atmospheric pres- 
sure is 520. torr. What is the boiling point of water 
(AH,,) = 40.7 kJ/mol) in Breckenridge? What pressure 
would have to be applied to steam at 350.°C to condense 
the steam to liquid water? 


Carbon tetrachloride (CCly) has a vapor pressure of 
213 torr at 40.°C and 836 torr at 80.°C. What is the 
normal boiling point of CCly? 


The normal boiling point for acetone is 56.5°C. At 
an elevation of 5300 ft, the atmospheric pressure is 
630. torr. What would be the boiling point of acetone 
(AH,,) = 32.0 kJ/mol) at this elevation? What would be 
the vapor pressure of acetone at 25.0°C at this elevation? 


Plot the following data, and from the graph determine 
AH,,, for magnesium and lithium. In which metal is the 
bonding stronger? 


Temperature (°C) 
Vapor Pressure 





(mm Hg) Li Mg 
es 70; 620. 
10. 890. 740. 
100. 1080. 900. 
400. 1240. 1040. 
760. 1310. 1110. 
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From the following data for liquid nitric acid, determine 
its heat of vaporization and normal boiling point. 


Temperature (°C) Vapor Pressure (mm Hg) 





0 14.4 
10. 26.6 
20. 47.9 
30. 81.3 
40. 133 
50. 208 
80. 670. 


A substance has the following properties: 





Specific 
Heat Capacities 
1 aoe 20 kJ/mol Gy Seen oe 
AHaas 5.0 kJ/mol Cy PR Gea Oa 
bp eet 8; Cig) Ones 4 
mp 19 


Sketch a heating curve for the substance, starting at 
SOG, 

Use the heating—cooling curve below to answer the fol- 
lowing questions. 


140 
120 
100 


Temperature (°C) 
wo 
=) 
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Heat added at a constant rate ———————> 


. What is the freezing point of the liquid? 

b. What is the boiling point of the liquid? 

c. Which is greater, the heat of fusion or the heat of 
vaporization? Explain each term, and explain how 
the heating—cooling curve above helps you to answer 
the question. 


pet) 


How much energy does it take to convert 0.500 kg of ice 
at —20.°C to steam at 250.°C? Specific heat capacities: 
ice 2 Jor) Gs liquid, 4.2] ¢* °C. +; steam, 2.0) 2+ 
°C-l; AHyap = 40.7 kJ/mol; AH, = 6.01 kJ/mol. 
Consider a 75.0-g sample of H,O(g) at 125°C. What 
phase or phases are present when 215 kJ of energy is 
removed from this sample? (See Exercise 91.) 


A 0.250-g chunk of sodium metal is cautiously dropped 
into a mixture of 50.0 g of water and 50.0 g of ice, both 
at 0°C. The reaction is 


2Na(s) + 2H,O(/) —> 2NaOH(aq) + H)(g) 
AH = —368 kJ 
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Will the ice melt? Assuming the final mixture has a spe- 
cific heat capacity of 4.18 J g-! °C, calculate the final 
temperature. 


A 20.0-g sample of ice at —10.0°C is mixed with 100.0 g 
of water at 80.0°C. Calculate the final temperature of the 
mixture assuming no heat loss to the surroundings. The 
heat capacities of H»O(s) and H,O(/) are 2.08 J g-! °C™! 
and 4.18 J g-! °C"!, respectively, and the enthalpy of 
fusion for ice is 6.01 kJ/mol. 


). An ice cube tray contains enough water at 22.0°C to 


make 18 ice cubes, each of which has a mass of 30.0 g. 
The tray is placed in a freezer that uses CF Cl, as a re- 
frigerant. The heat of vaporization of CF,Cl, is 158 J/g. 
What mass of CF,Cl, must be vaporized in the refrigera- 
tion cycle to convert all the water at 22.0°C to ice 
at —5.0°C? The heat capacities for H,O(s) and H,O(/) 
are 2.08 Jg-!°C-! and 4.18 J g-! °C}, respectively, and 
the enthalpy of fusion for ice is 6.01 kJ/mol. 


In regions with dry climates, evaporative coolers are 
used to cool air. A typical electric air conditioner is rated 
at 1.00 x 10* Btu/h (1 Btu, or British thermal unit, 
equals the amount of energy needed to raise the tempera- 
ture of 1 lb of water by 1°F). How much water must be 
evaporated each hour to dissipate as much heat as a typi- 
cal electric air conditioner? 


. Compare and contrast the phase diagrams of water and 


carbon dioxide. Why doesn’t CO) have a normal melting 
point and a normal boiling point, whereas water does? 
The slopes of the solid/liquid lines in the phase diagrams 
of HO and CQ) are different. What do the slopes of the 
solid/liquid lines indicate in terms of the relative densi- 
ties of the solid and liquid states for each substance? 
How do the melting points of HO and CO; depend on 
pressure? How do the boiling points of HyO and CO, 
depend on pressure? Rationalize why the critical tem- 
perature for H,O is greater than that for COo. 


Define critical temperature and critical pressure. In terms 
of the kinetic molecular theory, why is it impossible 
for a substance to exist as a liquid above its critical 
temperature? 


The critical point of NH; is 132°C and 111 atm, and the 
critical point of N is —147°C and 34 atm. Which of 
these substances cannot be liquefied at room tempera- 
ture no matter how much pressure is applied? Explain. 


Like most substances, bromine exists in one of the three 
typical phases. Br) has a normal melting point of —7.2°C 
and a normal boiling point of 59°C. The triple point for 
Bry is —7.3°C and 40 torr, and the critical point is 320°C 
and 100 atm. Using this information, sketch a phase dia- 
gram for bromine indicating the points described above. 
Based on your phase diagram, order the three phases 
from least dense to most dense. What is the stable phase 
of Br at room temperature and 1 atm? Under what tem- 
perature conditions can liquid bromine never exist? 
What phase changes occur as the temperature of a sam- 
ple of bromine at 0.10 atm is increased from —50°C to 
200°C? 
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Consider the following phase diagram. What phases are 
present at points A through H? Identify the triple point, 
normal boiling point, normal freezing point, and critical 
point. Which phase is denser, solid or liquid? 





Use the accompanying phase diagram for sulfur to an- 
swer the following questions. (The phase diagram is not 
to scale.) 


Pressure 


Tenge SS 


a. How many triple points are in the phase diagram? 

b. What phases are in equilibrium at each of the triple 
points? 

c. What phase is stable at room temperature and 
1.0 atm pressure? 

d. Can monoclinic sulfur exist in equilibrium with 
sulfur vapor? 

e. What are the normal melting point and normal 
boiling point of sulfur? 

f. Which is the denser solid phase, monoclinic or 
rhombic sulfur? 


Use the accompanying phase diagram for carbon to an- 

swer the following questions. 

a. How many triple points are in the phase diagram? 

b. What phases can coexist at each triple point? 

c. What happens if graphite is subjected to very high 
pressures at room temperature? 
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d. If we assume that the density increases with an 
increase in pressure, which is more dense, graphite 
or diamond? 





10)! 
Liquid 
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Iodine, like most substances, exhibits only three phases: 

solid, liquid, and vapor. The triple point of iodine is at 

90 torr and 115°C. Which of the following statements 

concerning liquid I, must be true? Explain your answer. 

a. I,(/) is more dense than I,(g). 

b. I,(/) cannot exist above 115°C. 

c. L,(/) cannot exist at 1 atmosphere pressure. 

d. I,(/) cannot have a vapor pressure greater than 90 
torr. 

e. I,(/) cannot exist at a pressure of 10 torr. 

The melting point of a fictional substance X is 225°C at 

10.0 atm. If the density of the solid phase of X is 2.67 g/ 

cm? and the density of the liquid phase is 2.78 g/cm? at 

10.0 atm, predict whether the normal melting point of X 

will be less than, equal to, or greater than 225°C. Explain. 


Consider the following data for xenon: 


Triple point: S123 280 tore 
Normal melting point: iso 
Normal boiling point: SLO EG 


Which is more dense, Xe(s) or Xe(/)? How do the melting 
point and boiling point of xenon depend on pressure? 


Some water is placed in a sealed glass container con- 
nected to a vacuum pump (a device used to pump gases 
from a container), and the pump is turned on. The water 
appears to boil and then freezes. Explain these changes by 
using the phase diagram for water. What would happen 
to the ice if the vacuum pump was left on indefinitely? 


Additional Exercises 


Additional Exercises 847 
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Oil of wintergreen, or methyl salicylate, has the follow- 
ing structure: 


mp = —8°C 


Methyl 4-hydroxybenzoate is another molecule with ex- 
actly the same molecular formula; it has the following 
structure: 


mp = 127°C 


OH 


Account for the large difference in the melting points of 
the two substances. 


You have three covalent compounds with three very dif- 
ferent boiling points. All of the compounds have similar 
molar mass and relative shape. Explain how these three 
compounds could have very different boiling points. 


Boron nitride (BN) exists in two forms. The first is a slip- 
pery solid formed from the reaction of BCl; with NH3, 
followed by heating in an ammonia atmosphere at 
750°C. Subjecting the first form of BN to a pressure of 
85,000 atm at 1800°C produces a second form that is 
the second hardest substance known. Both forms of BN 
remain solids to 3000°C. Suggest structures for the two 
forms of BN. 


How could you experimentally determine whether TiO, 
is an ionic solid or a network solid? 

When wet laundry is hung on a clothesline on a cold 
winter day, it freezes but eventually dries. Explain. 
Consider the following data concerning four different 
substances. 





Conducts 

Electricity 
Compound as a Solid Other Properties 
BoHe¢ No Gast © 
SiO? No High mp 
CsI No Aqueous solution 

Conducts electricity 

W Yes High mp 


Label the four substances as either ionic, network, me- 
tallic, or molecular solids. 
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A special vessel (see Fig. 16.52) contains ice and super- 
cooled water (both at —10°C) connected by vapor space. 
Describe what happens to the amounts of ice and water 
as time passes. 


Consider a cation in a trigonal hole. What size ion will 
just fit in the hole if the packed spheres have radius R? 


Use the diagram of the unit cell for the hexagonal closest 
packed structure in Fig. 16.14 to determine the net num- 
ber of atoms in the hep unit cell. 


Argon has a cubic closest packed structure as a solid. 
Assuming that argon has a radius of 190. pm, calculate 
the density of solid argon. 


Rubidium chloride has the sodium chloride structure at 
normal pressures but assumes the cesium chloride struc- 
ture at high pressures. What ratio of densities is expected 
for these two forms? Does this change in structure make 
sense on the basis of simple models? 


. A certain oxide of titanium is 28.31% oxygen by mass 


and contains a mixture of Ti2* and Ti** ions. Determine 
the formula of the compound and the relative numbers 
of Ti2* and Ti3* ions. 


Spinel is a mineral that contains 37.9% aluminum, 
17.1% magnesium, and 45.0% oxygen, by mass, and 
has a density of 3.57 g/cm. The edge of the cubic unit 
cell measures 809 pm. How many of each type of atom 
are present in the unit cell? 


. A metallic solid with atoms in a face-centered cubic unit 


cell with an edge length of 392 pm has a density of 
21.45 g/cm?. Calculate the atomic mass and the atomic 
radius of the metal. Identify the metal. 


The unit cell for a pure xenon fluoride compound is 
shown below. What is the formula of the compound? 


*) Xenon 
wD Fluorine 


. In solid KCI the smallest distance between the centers of a 


potassium ion and a chloride ion is 314 pm. Calculate the 
length of the edge of the unit cell and the density of KCl, 
assuming it has the same structure as sodium chloride. 


The temperature inside a pressure cooker is 115°C. Cal- 
culate the vapor pressure of water inside the pressure 
cooker. What would be the temperature inside the pres- 
sure cooker if the vapor pressure of water was 3.50 atm? 


5. Dry nitrogen gas is bubbled through liquid benzene 


(CsH,) at 20.0°C. From 100.0 L of the gaseous mixture 
of nitrogen and benzene, 24.7 g of benzene is condensed 
by passing the mixture through a trap at a temperature 
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where nitrogen is gaseous and the vapor pressure of ben- 
zene is negligible. What is the vapor pressure of benzene 
ati20,0°C? 


. A sample of dry nitrogen gas weighing 100.0 g is bub- 


bled through liquid water at 25.0°C. The gaseous mix- 
ture of nitrogen and water vapor escapes at a total pres- 
sure of 700. torr. What mass of water has vaporized? 
(The vapor pressure of water at 25°C is 23.8 torr.) 


The molar enthalpy of vaporization of water at 373 K is 
41.16 kJ/mol. What fraction of this energy is used to 
change the internal energy of the water, and what frac- 
tion is used to do work against the atmosphere? (Assume 
that water vapor is an ideal gas.) 


You are asked to help set up a historical display in the 

park by stacking some cannonballs next to a Revolution- 

ary War cannon. You are told to stack them by starting 

with a triangle in which each side is composed of four 

touching cannonballs. You are to continue stacking 

them until you have a single ball on the top centered over 

the middle of the triangular base. 

a. How many cannonballs do you need? 

b. What type of closest packing arrangement is dis- 
played by the cannonballs? 


Challenge Problems 


c. The four corners of the pyramid of cannonballs form 
the corners of what type of regular geometric solid? 


129. Consider the ionic solid A,B,, which has the unit cell 


below. The B ions are packed in a cubic arrangement, 
where each face has this structure: 


There is one B in the center of the cube. The structure can 
also be described in terms of three parallel planes of B’s of 
the type shown above. The resulting structure thus con- 
tains eight intersecting cubes of B’s. The A ions are found 
in the centers of alternate intersecting cubes (that is, four 
of every eight cubes have A’s in the center). What is the 
formula of A,B,? In the extended structure, how many B’s 
surround each A? What structure do the B’s form? 


130. Mn crystallizes in the same type of cubic unit cell as Cu. 


Assuming that the radius of Mn is 5.6% larger than the 
radius of Cu and the density of Cu is 8.96 g/cm’, calcu- 
late the density of Mn. 
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An electron is trapped in an octahedral hole in a closest 
packed array of aluminum atoms (assume they behave as 
uniform hard spheres). In this situation the energy of the 
electron is quantized and the lowest-energy transition 
corresponds to a wavelength of 9.50 nm. Assuming that 
the hole can be approximated as a cube, what is the ra- 
dius of a sphere that will just fit in the octahedral hole? 
Reference Exercise 148 in Chapter 12 for the energy 
equation for a particle in a cube. 


You and a friend each synthesize a compound with the 
formula XeCl,F>. Your compound is a liquid, and your 
friend’s compound is a gas (at the same conditions of tem- 
perature and pressure). Explain how the two compounds 
with the same formulas can exist in different phases at the 
same conditions of pressure and temperature. 


A metal burns in air at 600°C under high pressure to form 
an oxide with formula MO,. This compound is 23.72% 
oxygen by mass. The distance between the centers of touch- 
ing atoms in a cubic closest packed crystal of this metal is 
269.0 pm. What is this metal? What is its density? 


Consider a perfectly insulated and sealed container. De- 
termine the minimum volume of a container such that a 
gallon of water at 25°C will evaporate completely. If the 
container is a cube, determine the dimensions in feet. As- 
sume the density of water is 0.998 g/cm’. 


The vapor pressure of water at 30.0°C is 31.824 torr; 
at this temperature the density of liquid water is 0.99567 
g/cm*. What is the ratio of the average distance between 
water molecules in the liquid and in the saturated vapor 
at this temperature? 


For a simple cubic array, solve for the volume of an inte- 
rior sphere (cubic hole) in terms of the radius of a sphere 
in the array. 





137. The structures of another class of high-temperature ce- 
ramic superconductors are shown below. 
































a. Determine the formula of each of these four 
superconductors. 

b. One of the structural features that appears to be 
essential for high-temperature superconductivity is 
the presence of planar sheets of copper and oxygen 
atoms. As the number of sheets in each unit cell 
increases, the temperature for the onset of supercon- 
ductivity increases. Order the four structures from 
the lowest to highest superconducting temperature. 

c. Assign oxidation states to Cu in each structure 
assuming that Tl exists as Tl**. The oxidation 
states of Ca, Ba, and O are assumed to be +2, +2, 
and —2, respectively. 


Marathon Problem 
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d. It also appears that copper must display a mixture of 
oxidation states for a material to exhibit supercon- 
ductivity. Explain how this occurs in these materials 
as well as in the superconductor in Exercise 75. 


Consider two different compounds, each with the formula 
C,H,O. One of these compounds is a liquid at room con- 
ditions and the other is a gas. Write Lewis structures con- 
sistent with this observation, and explain your answer. 


. The edge of the LiCl unit cell is 514 pm in length. Assum- 


ing that the Li* ions just fit in the octahedral holes of the 
closest packed Cl ions, calculate the ionic radii for the Li* 
and Cl ions. Compare them with the radii given in Fig. 
13.8, and discuss the significance of any discrepancies. 





140. The table below lists the ionic radii for the cations and 


anions in three different ionic compounds. 


Formula 


Teation Tanion 
SnO, 71 pm 140. pm 
AIP 50. pm 212. pm 
BaO 135 pm 140. pm 


Each compound has either the NaCl, CsCl, or ZnS type 
cubic structure. Predict the type of structure formed 
(NaCl, CsCl, or ZnS) and the type and fraction of holes 
filled by the cations, and estimate the density of each 
compound. 
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852 Chapter 17 Properties of Solutions 


OWL 


Sign in to OWL at www.cengage.com/owl 
to view tutorials and simulations, develop 
problem-solving skills, and complete online 
homework assigned by your professor. 


Fe) chemistry 


Download mini lecture videos for 
key concept review and exam prep 
from OWL or purchase them 

from www.cengagebrain.com. 


ost of the substances we encounter in daily life are mixtures: 

Wood, milk, gasoline, shampoo, steel, and air are all well-known 

examples. When the components of a mixture are uniformly in- 

termingled—that is, when a mixture is homogeneous—it is called 
a solution. Solutions can be gases, liquids, or solids, as shown in Table 17.1. 
However, we will be concerned in this chapter with the properties of liquid 
solutions, particularly those containing water. Many essential chemical reac- 
tions occur in aqueous solutions, since water is capable of dissolving so many 
substances. 





17.1 | 


A solute is the substance being dis- 
solved. The solvent is the dissolving 
medium. 


When liquids are mixed, the liquid 
present in the largest amount is called 
the solvent. 


In very dilute aqueous solutions, the 
molality and the molarity are nearly the 
same. 


Since molarity depends on the volume 
of the solution, it changes slightly with 
temperature. Molality is independent 
of temperature, since it depends on 
mass. 


Solution Composition 


Because a mixture, unlike a chemical compound, has a variable composition, 
the relative amounts of substances in a solution must be specified. The qualita- 
tive terms dilute (relatively little solute present) and concentrated (relatively 
large amount of solute) are often used to describe solution content. However, 
we need to define solution composition more precisely to perform calculations. 
For example, in dealing with the stoichiometry of solution reactions in Chap- 
ter 4, we found it useful to describe solution composition in terms of molarity, 
or the number of moles of solute per liter of solution. 

Other ways of describing solution composition are also useful. Mass per- 
cent (sometimes called weight percent) is the percent solute by mass in the 
solution: 


Mass percent = (ana) x 100 
grams of solution 
Another way of describing solution composition is the mole fraction (sym- 
bolized by the Greek letter chi, X), the ratio of the number of moles of a given 
component to the total number of moles of solution. For a two-component solu- 
tion, where 7, and mp represent the number of moles of the two components, 


; n 
Mole fraction of component A = y, = <a 
Na ata Np 


Still another way of describing solution composition is molality (symbol- 
ized by m), the number of moles of solute per kilogram of solvent: 


moles of solute 





Molality = 
ea kilograms of solvent 


Table 17.1 


Various Types of Solutions 














State of State of State of 
Example Solution Solute Solvent 
Air, natural gas Gas Gas Gas 
Vodka in water, antifreeze Liquid Liquid Liquid 
Brass, steel Solid Solid Solid 
Carbonated water (soda) Liquid Gas Liquid 
Seawater, sugar solution Liquid Solid Liquid 


Hydrogen in platinum Solid Gas Solid 
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17.2 


Polar solvents dissolve polar solutes; 
nonpolar solvents dissolve nonpolar 
solutes. 


Figure 17.1 

The formation of a liquid solution can 
be divided into three steps: (1) expand- 
ing the solute, (2) expanding the 
solvent, and (3) combining the 
expanded solute and solvent to form 
the solution. 


The Thermodynamics of Solution Formation 


Dissolving solutes in liquids is very common. We dissolve salt in the water used 
to cook vegetables, sugar in iced tea, stains in cleaning fluid, gaseous carbon 
dioxide in water to make soda water, ethanol in gasoline to make gasohol, and 
sO on. 

Solubility is important in other ways as well. For example, because the 
pesticide DDT is fat-soluble, it is retained and concentrated in animal tissues, 
where it causes detrimental effects. This is why DDT, even though it is effective 
for killing mosquitos, has been banned in the United States. Also, the solubili- 
ties of various vitamins are important in determining correct dosages. The in- 
solubility of barium sulfate means it can be safely used to improve X-ray im- 
ages of the gastrointestinal tract, even though Ba?* ions are quite toxic. 

What factors affect solubility? The cardinal rule of solubility is like dis- 
solves like. We find that we must use a polar solvent to dissolve a polar or ionic 
solute and a nonpolar solvent to dissolve a nonpolar solute. Now we will at- 
tempt to see why this behavior occurs from a thermodynamic point of view. As 
we will see, solubility is an extraordinarily complex phenomenon, especially 
when water is the solvent. However, it is useful to explore some of the funda- 
mental aspects of solubility because it has such important consequences. To 
simplify the discussion, we will assume that the formation of a liquid solution 
takes place in three distinct steps. 


Step 1 
Breaking up the solute into individual components (expanding the solute). 
Step 2 
Overcoming intermolecular forces in the solvent to make room for the solute 
(expanding the solvent). 
Step 3 
Allowing the solute and solvent to interact to form the solution. 

These steps are illustrated in Fig. 17.1. Steps 1 and 2 require energy, since 
forces must be overcome to expand the solute and the solvent. Step 3 usually 


releases energy. In other words, steps 1 and 2 are endothermic, whereas step 3 
is usually exothermic. The overall enthalpy change associated with the forma- 
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An Energy Solution 





In today’s society we face many serious problems 
related to energy: turmoil in the Middle East, the 
greenhouse effect, and polluted city air. Clearly the 
search for readily available, economical, and clean 
energy sources is of crucial importance. The solu- 
tion may be in our backyards—literally. 

When the sun shines on a swimming pool, the 
water is warmed by the solar energy. Because water 
is colorless (does not absorb visible light), the 
visible light from the sun passes through the water 
and strikes the bottom of the pool, where some of 
the light is absorbed and transformed into heat 
energy. This energy causes the water near the pool 
bottom to become warmer than the water above it. 
This warmer water, which has a lower density than 
the cooler water above it, then tends to rise toward 
the surface. This sets up convection currents, which 
circulate the warmer water to the surface, where it 
is cooled (mainly by evaporation). The convection 
currents keep the temperature of the water in the 
pool relatively uniform throughout. 

How can this convective cooling process be 
stopped, thus allowing a pool of water to be an 
effective heat sink? The answer lies in adding 
common salt (NaCl). When sufficient salt is added 
to a pool of water 2 to 3 m deep, a salinity gradi- 
ent is established. That is, the salt concentration is 
not uniform in the pool. In fact, three distinct 
layers can be identified. The top layer, called the 
convective layer, has a salt concentration of about 
2% by mass and is only about half a meter thick. 
The bottom layer has a very high salt concentra- 
tion (about 27% by mass) and serves as the heat 
storage layer. The middle, so-called nonconvective 
layer is about 1.5 m thick. Being intermediate in 
density between the top and bottom layers, the 
nonconvective layer is trapped between these 
layers and acts as an insulator. 

Because the bottom layer of the solution in the 
pool is so much more dense than the other layers, 
it can get very hot without setting up significant 
convection. With a black, light-absorbing coating 
on the pool bottom, the water in the deepest layer 
of the pool can easily reach temperatures in the 
range of 90-100°C. In fact, a temperature as high 
as 107°C has been reported. (The boiling point of 
this very concentrated solution is much higher than 
100°C.) Energy from the pool can be extracted if 





Richard Nowitz 





The solar pond in En Bokek, Israel, near the Dead Sea. 


the hot brine from the storage layer is pumped 
through a heat exchanger to heat water or some 
other fluid. 

A solar pond can be used to generate electricity 
by employing special turbines that use a working 
fluid other than water. Typical steam turbines 
cannot be used because the solar pond cannot 
produce temperatures high enough to generate 
steam efficiently. However, lower-boiling liquids 
can be used. 

Solar ponds are now in use. A S2-acre pond at 
En Bokek near the Dead Sea produces 2.5 MW of 
electricity at peak power and could produce as 
much as 5 MW if more heat exchangers and tur- 
bines were installed in the powerhouse. This is a 
useful amount of electricity, but 200 such ponds 
would be required to provide the electricity pro- 
duced by a typical conventional power plant. In the 
United States such installations probably would be 
most feasible in the Southwest, with its abundant 
land and sunshine. However, the concept may be 
more widely applicable. A study financed by the 
U.S. Department of Energy indicates that a 27,000- 
acre solar pond producing 600 MW of electricity 
would be competitive with conventional power 
plants in all states except Alaska. 

Solar ponds are relatively inexpensive to build, 
easy to maintain, and nonpolluting if the pond 
bottom is sealed to prevent any leakage of the salt 
water. 





Figure 17.2 

(a) The enthalpy of solution AHg,jn, 
has a negative sign (the process is 
exothermic) if step 3 releases more 
energy than is required by steps 1 
and 2. (b) AHsoin has a positive sign 
(the process is endothermic) if 
steps 1 and 2 require more energy 
than is released in step 3. (If the 
energy changes for steps 1 and 2 
equal that for step 3, then AHgoin is 
zero.) 


The enthalpy of solution is the sum of 
energies used in expanding both the 

solvent and solute and the energy of 

solvent-solute interaction 


Energy (2) 
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tion of the solution, called the enthalpy (heat) of solution (AH,,),), can be 
viewed as the sum of the AH values for the steps: 


AH goin = AH, + AH) + AH; 





where AH,,), may have a positive sign (energy absorbed) or a negative sign 
(energy released), as shown in Fig. 17.2. 

To illustrate the importance of the various energy terms in the equation for 
AH,oin, we will consider a familiar case: the solubility of sodium chloride in 
water. It is clear that for NaCl(s) the term AH, is large and positive because of 
the strong ionic forces in the crystal that must be overcome. Also, AH) is ex- 
pected to be large and positive because of the hydrogen bonds that must be 
broken in water. Finally, AH; is expected to be large and negative because of 
the strong interactions between the ions and the water molecules. In fact, the 
exothermic and endothermic terms essentially cancel in this case, as shown 
from the known values: 


NaCl(s) ——> Nat(g) + Cl-(g) AH = 786 kJ/mol 
H,O(/) + Na*(g) + Cl-(g) —~ Nat(aq) + Cl (aq) 
AHtya = AH$ + AH3 = —783 kJ/mol 


The second step shown here combines the terms AH) (for expanding the sol- 
vent) and AH; (for solvent—solute interactions) and is called the enthalpy (heat) 
of hydration (AH;,4). This term represents the enthalpy change associated with 
the dispersal of a gaseous solute in water. Thus the standard enthalpy of solu- 
tion for dissolving sodium chloride is the sum of AH{ and AHjyq: 


AH&oin = 786 kJ/mol — 783 kJ/mol = 3 kJ/mol 


Note that AH&,;, is small but positive; the dissolving process requires a 
small amount of energy. Then why is NaCl so soluble in water? The answer to 
this question must involve the entropy change for the dissolving process. Recall 
from Chapter 10 that to predict whether a given process (at constant tempera- 
ture and pressure) is spontaneous, we must consider the change in free energy: 


AG = AH-TAS 


It is an experimental fact that NaCl(s) dissolves in water to form 1.0 M NaCl. 
Thus AG° for this process must be negative. However, the preceding calcula- 


fe) 


tions show that AH&,j, is positive and thus unfavorable. Therefore, AS%,j, must 
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A satellite image of the 2010 oll spill in 
the Gulf of Mexico. 


Table 17.2 


Values of AS &,i, for Several Salts 
Dissolving in Water 





Process (Jj Ke=*inol4) 
KC\(s) 

— K*+(aq) + Cl-(aq) 75 
LiF(s) 

— Lit(aq) + F (aq) = 
CaS(s) 


=> ©a-" (ag) 4- S- (aq) —138 
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be positive and large enough to make AG® negative (through the —TAS° term). 
It is certainly not surprising that AS%,,, would be positive for this process. In 
considering the three steps for dissolution of a solute mentioned earlier, we 
would expect AS; and AS, to be positive since the solute and solvent are “ex- 
panded” in these steps. Also, AS; would be expected to be positive in a general 
case because a solute is randomly dispersed in the relatively large volume of 
solvent. 

Thus we might generalize for an ionic (or polar) solute dissolving in a po- 
lar solvent as follows: Because AH%,), contains large positive and negative con- 
tributions, it is difficult to predict the sign of AH%,),. However, even if AH Goin is 
positive, it is not expected to be so large that it would overwhelm the expected 
positive value of AS°.j, for this process. The overall effect is to make AG° nega- 
tive; thus the solution forms spontaneously. 

Similar arguments can be made to explain why nonpolar solutes dissolve 
in nonpolar solvents. In this case AH%,|, is expected to be small because the 
endothermic and exothermic terms in the solution process are expected to be 
similar in size. Thus the expected positive value of AS%,), again would furnish 
the driving force for the solution process. These arguments suggest that AS%i, 
provides the principal driving force for the behavior summarized by the rule 
“like dissolves like.” 

Now let’s consider a process that is not spontaneous: A nonpolar solute 
does not dissolve in large quantities in a polar solvent. The floating oil slick 
that results whenever a major oil spill occurs in the ocean provides graphic evi- 
dence of this. What causes AG® to be positive for the dispersal of a material 
containing large nonpolar molecules in a polar solvent such as water? For this 
case AH%,in is expected to be positive (unfavorable) because AH$, the only exo- 
thermic component of AH{,),, is not expected to have a very large magnitude. 
On the other hand, for reasons given earlier, we expect AS°.;, to be positive 
(favorable). Thus we can explain the incompatibility of nonpolar and polar 
substances on the basis of the expected large, positive heat of solution that 
overwhelms the positive entropy change, thus giving a positive value for AG®. 
Therefore, the solution does not form in this case. 


Water as a Solvent 


Because water is the most significant solvent in our world, it is especially im- 
portant that we understand the solvent properties of water. As we noted in 
Chapter 16, water is not a typical liquid, with most of its unusual properties 
arising from the extensive hydrogen bonding present among the molecules. 
Because of water’s unique nature, we must be very cautious in using simple 
arguments to account for the solvent properties of water. 

To illustrate the unusual nature of water as a solvent, consider the values 
of AS%oin listed in Table 17.2 for KCI(s), LiF(s), and CaS(s) forming aqueous 
solutions. Note that when KCl(s) is dissolved in water to form a 1.0 M solu- 
tion, the value of AS{,in is positive, as expected from the previous discussion. 
However, note that AS%.in is negative for the other two salts. Why? How could 
the random dispersal in water of ions formerly present in a highly ordered solid 
produce a negative entropy change? 

Obviously something must be occurring in the solution process that leads 
to increased order, which in some cases is large enough to dominate AS®j,. 
There is little doubt that this ordering effect arises from the hydration of the 
ions. In describing aqueous solutions containing ionic solutes in Chapter 4, we 
discussed the fact that the polar water molecules are attracted to the ions to 
form hydrated species. The assembling of a group of water molecules around 
the ions is an order-producing phenomenon and would be expected to make a 
negative contribution to AS%.j,. Studies show that the more charge density an 
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Miracle Solvents 
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When a substance is heated beyond its critical tem- 
perature (T.) and then placed under extremely high 
pressure, it forms a supercritical fluid. Although 
such fluids resemble liquids, they technically are 
not liquids. A liquid cannot exist above the critical 
temperature for a substance. For example, if a 
gaseous substance is maintained above T. and 
pressure is gradually applied, there is no distinct 
point where the gas changes to a liquid, as would 
occur below T,., but the supercritical fluid gradu- 
ally forms as the pressure is increased. 

In experiments at the Agriculture Department’s 
Northern Regional Research Center in Peoria, Illi- 
nois, scientists have found that supercritical carbon 
dioxide behaves as a very useful nonpolar solvent 
for removing fat from meat. At temperatures 
above 31°C (T. for CO>) and several hundred 
atmospheres of pressure, the carbon dioxide fluid 
can dissolve virtually all the fat from samples of 
meat. Even more important, the fluid also will dis- 
solve any pesticide or drug residues that may be 
present in the meat. When the carbon dioxide fluid 
is returned to normal pressures, it immediately 
vaporizes, and the fat, drug, and pesticide mole- 
cules come “raining” out to allow easy analysis of 
the types and amounts of contaminants present in 
the meat. Therefore, this method provides an effi- 
cient way to test meat for trace pesticide and drug 
residues. 

Like supercritical carbon dioxide, supercritical 
water is a very interesting substance that has strik- 
ingly different properties from those of liquid 
water. For example, recent experiments have 
shown that supercritical (superfluid) water can 
behave simultaneously as both a polar and a non- 
polar solvent. While the reasons for this unusual 
behavior remain unclear, the practical value of this 
behavior is very clear: It makes superfluid water a 
very useful reaction medium for a wide variety of 
substances. One extremely important application 
of this idea involves the environmentally sound 
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A scientist examines corn bran oil processed by super- 
critical fluid extraction. 


destruction of industrial wastes. Most hazardous 
organic (nonpolar) substances can be dissolved in 
supercritical water and oxidized by dissolved O) in 
a matter of minutes. The products of these reac- 
tions are water, carbon dioxide, and possibly 
simple acids (which result when halogen-contain- 
ing compounds are reacted). Therefore, the 
aqueous mixture that results from the reaction 
often can be disposed of with little further treat- 
ment. In contrast to the incinerators used to 
destroy organic waste products, a supercritical 
water reactor is a closed system (has no emissions). 

Supercritical water has strange and wonderful 
properties, one of the most astonishing being that 
a flame can burn within the supercritical fluid 
during the reaction of O, with an organic sub- 
stance. These properties promise to make super- 
critical water a versatile medium for chemical 
reactions. 








ion possesses, the greater this hydration effect will be. This idea is borne out by 


fo} 


the data in Table 17.2. For example, note that AS%.in, for KCI(s) is positive, but 
the value for LiF(s) is negative. This probably results from the smaller sizes 
(and thus larger charge densities) of Li* and F- as compared with K* and Cl-. 
The smaller ions presumably are able to bind the hydrating water molecules 
more firmly and thus show a more negative value for AS{.in. The charges on the 
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Benzene does not dissolve in water to 
the extent that a 1 M solution is possi- 
ble. The value of AS Sj, given here is 

extrapolated from values measured at 


much lower concentrations. 


ions are also important. Note that CaS(s) exhibits a value of AS{oj, that is more 
negative than that for LiF(s), as might be expected for the more highly charged 
Ca** and S?~ ions. 

We have seen that ionic solutes dissolving in water can lead to negative 
values of AS°,j, presumably because of ion hydration effects. In certain cases 
the dispersal of nonpolar solute particles in water can also produce negative 
values of AS°,,. For example, for benzene [a nonpolar liquid containing CeH¢ 
molecules (see Section 14.5)| dissolving in water, AS%,), has been estimated to 
be —58 J K~! mol"!. This very negative value for ASS.in, suggests that a great 
deal of ordering occurs when benzene is dispersed in water. This is a surprising 
result. What is the origin of this ordering? Clearly, the situation here is quite 
different from that for ionic solutes. The polar water molecules will not strongly 
hydrate the nonpolar benzene molecules, as they do ions. 

What could cause AS°%,), to be negative for this nonpolar solute? The nega- 
tive value for AS°,;, in this case seems to arise not from the hydration of the 
solute but from the opposite behavior. Instead of hydrating the nonpolar mol- 
ecule, water seems to form a cage to isolate the nonpolar solute from the bulk 
water structure. This cage formation probably occurs as follows: So that a 
nonpolar molecule can be introduced into the water structure, a “hole” must 
be formed, which requires the breaking of some water—water hydrogen bonds. 
In response, in an effort to recover the lost hydrogen bonding, the water mol- 
ecules around the edge of the hole apparently form even more hydrogen bonds 
than are normally found in bulk water. That is, a highly ordered cage of hydro- 
gen-bonded water molecules forms around the nonpolar solute molecule. This 
ordering of the water structure makes a negative contribution to the entropy of 
solution and in certain cases leads to a negative value of AS%.j,. In fact, this 
unfavorable entropy contribution resulting from cage formation could be an 
important reason why nonpolar solutes are insoluble in water. 


Summary 


The point of this discussion has been to consider some of the thermodynamic 
aspects of the process that occurs when a solute is dispersed in a solvent to 
form a solution. Our observations tell us that “like dissolves like.” However, 
the dissolution process is so complex that predicting whether a particular sol- 
ute will dissolve in a given solvent is risky. Solubility is difficult to explain and 
even more difficult to predict, especially when water is the solvent. The only 
way to be certain about the compatibility of a given solute and solvent is to do 
the experiment. 
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Factors Affecting Solubility 


Structure Effects 


In the preceding section, we saw that solubility is favored if the solute and 
solvent have similar polarities. Since it is the molecular structure that deter- 
mines polarity, there should be a definite connection between structure and 
solubility. Vitamins provide an excellent example of the relationship among 
molecular structure, polarity, and solubility. 

For the last several years, there has been considerable publicity about the 
pros and cons of consuming large quantities of vitamins. For example, large 
doses of vitamin C have been advocated to combat various illnesses, including 
the common cold. Vitamin E has been extolled as a youth-preserving elixir and 
a protector against the carcinogenic (cancer-causing) effects of certain chemi- 
cals. However, there are possible detrimental effects from taking large amounts 
of some vitamins, depending on their solubilities. 
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Vitamins can be divided into two classes: fat-soluble (vitamins A, D, E, 
and K) and water-soluble (vitamins B and C). The reason for the differing solu- 
bility characteristics can be seen by comparing the structures of vitamins A and 
ee moi oraecindicate polcr C (Fig. 17.3). Vitamin A, composed mostly of carbon and hydrogen atoms that 
Bee nat tine Canines far have similar electronegativities, is virtually nonpolar. This causes it to be solu- 
more polar bonds than vitamin A. ble in nonpolar materials such as body fat, which is also largely composed of 
carbon and hydrogen, but not soluble in polar solvents such as water. On the 
other hand, vitamin C has many polar O—H and C—O bonds, making the 
molecule polar and thus water-soluble. We often describe nonpolar materials 
like vitamin A as hydrophobic (water-fearing) and polar substances like vita- 
min C as hydrophilic (water-loving). 

Because of their solubility characteristics, the fat-soluble vitamins can build 
up in the fatty tissues of the body. This buildup has both positive and negative 
effects. Since these vitamins can be stored, the body can temporarily tolerate a diet 
deficient in vitamins A, D, E, and K. Conversely, if excessive amounts of these 
vitamins are consumed, their buildup can lead to the illness hypervitaminosis. 

In contrast, the water-soluble vitamins are excreted by the body and there- 
fore must be consumed regularly. This fact was first recognized when the Brit- 
ish navy discovered that scurvy, a disease often suffered by sailors, could be 
prevented if the sailors regularly ate fresh limes (which are a good source of 
vitamin C) when aboard ship (hence the name “limey” for the British sailor). 


The molecular structures of vitamin A 
(nonpolar, fat-soluble) and vitamin C 
(polar, watersoluble). The circles in the 





Pressure Effects 


Carbonation in a bottle of soda. Although pressure has little effect on the solubilities of solids or liquids, it does 
significantly increase the solubility of a gas. Carbonated beverages, for exam- 
ple, are always bottled at high pressure of carbon dioxide to ensure a high 
concentration of carbon dioxide in the liquid. The fizzing that occurs when 
you open a bottle of soda results from the escape of gaseous carbon dioxide 
because the atmospheric pressure of CO) is much lower than that used in the 
bottling process. 

The increase in gas solubility with pressure can be understood from Fig. 
form P = kC, where C is the concen 17.4. Figure 17.4(a) shows a gas in equilibrium with a solution; that is, the gas 
tration of the gas in mol/L. In this case molecules are entering and leaving the solution at the same rate. If the pressure 
k has the units L atm/mol is suddenly increased [Fig. 17.4(b)], the number of gas molecules per unit vol- 


Henry's law is often expressed in the 
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Figure 17.4 

(a) A gaseous solute in equilibrium with 
a solution. () The piston is pushed in, 
which increases the pressure of the 
gas and the number of gas molecules 
per unit volume. This causes an 
increase in the rate at which the gas 
enters the solution, so the concentra- 
tion of dissolved gas increases. (c) The 
greater gas concentration in the solu- 
tion causes an increase in the rate of 
escape. A new equilibrium is reached. 


William Henry (1774-1836), a close 
friend of John Dalton, formulated his 
law in 1801. 


Henry’s law holds only when there is 
no chemical reaction between solute 
and solvent. 


Table 17.3 


The Values of Henry’s Law Constants 
for Several Gases Dissolved in Water 
at 298 K 





Gas ky (atm) 

CH, Amllom all z 
CO, 1.64 x 10° 
O; 4.34 x 104 
Co Seale alls 
H, F.O3 X 10? 
N> S57 << 1OF 


Because AH), refers to dissolving a 
small amount of solute in a large 
amount of a 1.0 M/ ideal solution, it is 
not necessarily relevant to the process 
of dissolving a solid in a saturated solu- 
tion. Thus AH §,j, is of limited use in 
predicting the variation of solubility with 
temperature. 





Solution 


(a) (b) (c) 


ume increases; thus the gas enters the solution at a higher rate than it leaves. As 
the concentration of dissolved gas increases, the rate of escape of the gas also 
increases until a new equilibrium is reached [Fig. 17.4(c)]. At this point the 
solution contains more dissolved gas than before. 

The relationship between gas pressure and the concentration of a dissolved 
gas is given by Henry’s law: 


P= kyX 


where P represents the partial pressure of the gaseous solute above the solu- 
tion, X represents the mole fraction of the dissolved gas, and ky; is a constant 
(the Henry’s law constant) characteristic of a particular solution. Henry’s law 
states that the amount of gas dissolved in a solution is directly proportional to 
the pressure of the gas above the solution. 

Henry’s law is obeyed most accurately for dilute solutions of gases that do 
not dissociate in or react with the solvent. For example, Henry’s law is obeyed 
by oxygen gas in water, but it does not correctly represent the behavior of gas- 
eous hydrogen chloride in water because of the dissociation reaction: 


HCl(g) “> H*(aq) + Cl-(aq) 


The Henry’s law constants for the aqueous solutions of several gases are given 
in Table 17.3. 


Temperature Effects for Aqueous Solutions 


Everyday experiences of dissolving substances such as sugar may lead you to 
think that solubility always increases with temperature. This is not the case. 
The dissolving of a solid occurs more rapidly at higher temperatures, but the 
amount of solid that can be dissolved may increase or decrease with increasing 
temperature. The effect of temperature on the solubility in water of several 
common solids is shown in Fig. 17.5. Note that although the solubility of most 
solids increases with temperature, the solubilities of some substances (such as 
sodium sulfate and cerium sulfate) decrease with increasing temperature. 

Predicting the temperature dependence of solubility is very difficult. For 
example, although there is some correlation between the sign of AH,|, and the 
variation of solubility with temperature, important exceptions exist.* The only 
sure way to determine the temperature dependence of a solid’s solubility is by 
experiment. 





“For more information, see R. S. Treptow, “Le Chatelier’s Principle Applied to the Temperature 
Dependence of Solubility,” J. Chem. Ed. 61 (1984): 499, 
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So far in this text you have seen that ionic sub- 
stances are stable solids with high melting points. 
For example, sodium chloride has a melting point 
near 800°C. One of the “hottest” areas of current 
chemical research is ionic liquids—substances com- 
posed of ions that are liquids at normal tempera- 
tures and pressures. This unusual behavior results 
from the differences in the sizes of the anions and 
cations in the ionic liquids. Dozens of small anions, 
such as BF,” (tetrafluoroborate) or PF,~ (hexafluo- 
rophosphate), can be paired with thousands of 
large cations, such as 1-hexyl-3-methylimidazolium 
or 1-butyl-3-methylimidazolium (a and b, respec- 
tively, in the accompanying figure). These sub- 
stances remain liquids because the bulky, asymmet- 
rical cations do not pack together efficiently with 
the smaller, symmetrical anions. In contrast, in 
sodium chloride the ions can pack very efficiently 
to form a compact, orderly arrangement, leading to 
maximum cation—anion attractions and thus a high 
melting point. 

The excitement being generated by these ionic 
liquids arises from many factors. For one thing, 
almost an infinite variety of ionic liquids is possi- 
ble due to the large variety of bulky cations and 
small anions available. According to Kenneth R. 
Seddon, Director of QUILL (Queen’s University 
Ionic Liquid Laboratory) in Northern Ireland, a 
trillion ionic liquids are possible. Another great 
advantage of these liquids is their long liquid 
range, typically from —100°C to 200°C. 

In addition, the cations in the liquids can be 
designed to perform specific functions. For 
example, chemist James H. Davis, of the University 








(a) (b) 


of South Alabama in Mobile, has designed various 
cations that will attract potentially harmful ions 
such as mercury, cadmium, uranium, and ameri- 
cium (the latter two are commonly found in 
nuclear waste materials) and leach them out of 
contaminated solutions. Davis has also developed 
cations that will remove HS (which produces SO, 
when the gas is burned) and CO) (which does not 
burn) from natural gas. Potentially, these ionic 
solutions might also be used to remove CO) from 
the exhaust gases of fossil-fuel-burning power 
plants to lessen the “greenhouse effect.” 

The biggest obstacle to the widespread use of 
ionic liquids is their cost. Normal organic solvents 
used in industry typically cost a few cents per liter, 
but ionic liquids can cost hundreds of times that 
amount. However, the environmentally friendly 
nature of ionic liquids (they produce no vapors 
because the ions are not volatile) and the flexibility 
of these substances as reaction media make them 
very attractive. As a consequence, efforts are under 
way to make their use economically feasible. 

The term ionic liquid may have seemed like an 
oxymoron in the past, but these substances have a 
very promising future. 





In contrast to the behavior of gases in 
water, gases typically become more 
soluble in most nonaqueous solvents 
as temperature Increases. 


The behavior of gases dissolving in water appears to be less complex. The 
solubility of a gas in water typically decreases with increasing temperature, as 
shown for several cases in Fig. 17.6. This temperature effect has important 
environmental implications because of the widespread use of water from lakes 


and rivers for industrial cooling. After being used as a coolant, the water is 
returned to its natural source at a higher-than-ambient temperature (thermal 
pollution has occurred). Because it is warmer, this water contains less than the 
normal concentration of oxygen and is also less dense; it tends to “float” on 
the colder water below, thus blocking normal oxygen absorption. This effect 
can be especially important in deep lakes. The warm upper layer can seriously 
decrease the amount of oxygen available to aquatic life in the deeper layers of 


the lake. 
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Figure 17.7 
A pipe with accumulated mineral 
deposits. 


Jim Roger Webb 
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The solubilities of several solids as a func- The solubilities of several gases in water 
tion of temperature. Note that although as a function of temperature at a con- 
most substances become more soluble in stant pressure of 1 atm of gas above 
water with increasing temperature, sodium the solution. 
sulfate and cerium sulfate become less 
soluble. 


The decreasing water solubility of gases with increased temperature is also 
responsible for the formation of boiler scale. As we discussed in Chapter 7, the 
bicarbonate ion is formed when carbon dioxide is dissolved in water contain- 
ing the carbonate ion: 


CO32-(aq) + CO,(aq) + H,O() —> 2HCO3-(aq) 


When the water also contains Ca?* ions, this reaction is especially important— 


calcium bicarbonate is soluble in water, but calcium carbonate is insoluble. 
When the water is heated, the carbon dioxide is driven off. For the system to 
replace the lost carbon dioxide, the reverse reaction must occur: 


2HCO3 (aq) —~> H,O(I) + CO2(aq) + CO3?- (aq) 


This reaction, however, also increases the concentration of carbonate ions, caus- 
ing solid calcium carbonate to form. This solid is the boiler scale that coats the 
walls of containers such as industrial boilers and tea kettles. Boiler scale reduces 
the efficiency of heat transfer and can lead to blockage of pipes (Fig. 17.7). 
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The Lake Nyos Tragedy 


Chemical Insights 





On August 21, 1986, a cloud of gas suddenly 
boiled from Lake Nyos in Cameroon, killing 
nearly 2000 people. Although at first it was specu- 
lated that the gas was hydrogen sulfide, it now 
seems clear it was carbon dioxide. What would 
cause Lake Nyos to emit this huge, suffocating 
cloud of CO3? Although the answer may never be 
known for certain, many scientists believe that the 
lake suddenly “turned over,” bringing to the 
surface water that contained huge quantities of dis- 
solved carbon dioxide. Lake Nyos is a deep lake 
that is thermally stratified: Layers of warm, less 
dense water near the surface float on the colder, 
denser water layers near the lake’s bottom. Under 
normal conditions the lake stays this way; there is 
little mixing among the different layers. Scientists 
believe that over hundreds or thousands of years, 
carbon dioxide gas had seeped into the cold water 
at the lake’s bottom and dissolved in great 
amounts because of the large pressure of CO, 
present (in accordance with Henry’s law). For 
some reason, on August 21, 1986, the lake appar- 
ently suffered an overturn, possibly due to wind or 
to unusual cooling of the lake’s surface by 
monsoon clouds. This caused water that was 
greatly supersaturated with CO) to reach the 
surface and release tremendous quantities of 
gaseous CO); that suffocated thousands of humans 





T. Orban/Sygman/Corbis 






Lake Nyos in Cameroon. 


and animals before they knew what hit them—a 
tragic, monumental illustration of Henry’s law. 

Since 1986, the scientists studying Lake Nyos 
and nearby Lake Monoun have observed a rapid 
recharging of the CO) levels in the deep waters of 
these lakes, causing concern that another deadly 
gas release could occur at any time. Apparently the 
only way to prevent such a disaster is to pump 
away the CO,-charged deep water in the two 
lakes. Scientists at a conference to study this 
problem in 1994 recommended such a solution, 
but it has not yet been funded by Cameroon. 
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A nonvolatile solute has no tendency to 
escape from solution into the vapor 
phase. 


Liquid solutions have physical properties significantly different from those of 
the pure solvent, a fact that has great practical importance. For example, we 
add antifreeze to the water in a car’s cooling system to prevent freezing in win- 
ter and boiling in summer. We also melt ice on sidewalks and streets by spread- 
ing salt. These preventive measures work because of the solute’s effect on the 
solvent’s properties. 

To explore how a nonvolatile solute affects a solvent, we will consider the 
experiment represented in Fig. 17.8, in which a sealed container encloses a 
beaker containing an aqueous sugar solution and a beaker containing pure 
water. Gradually, the volume of the sugar solution increases and the volume of 
the pure water decreases. Why? We can explain this observation if the vapor 
pressure of the pure solvent is greater than that of the solution. Under these 
conditions, the pressure of vapor necessary to achieve equilibrium with the 
pure solvent is greater than that required to reach equilibrium with the solu- 
tion. Thus, as the pure solvent emits vapor in an attempt to reach equilibrium, 
the solution absorbs vapor to try to lower the vapor pressure toward its equi- 
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Figure 17.8 

An aqueous solution and pure water in 
a closed environment. (a) Initial stage. 
(b) After a period of time, the water is 
transferred to the solution. 


The presence of a nonvolatile solute 
reduces the tendency of solvent mole- 
cules to escape. 


Figure 17.9 

The presence of a nonvolatile solute 
inhibits the escape of solvent mole- 
cules from the liquid and so lowers the 
vapor pressure of the solvent. 

















Aqueous Aqueous 
solution solution 


(a) (b) 


librium value. This process results in a net transfer of water from the pure 
liquid through the vapor phase to the solution. The system can reach an equi- 
librium vapor pressure only when all the water has been transferred to the so- 
lution. This experiment is just one of many observations indicating that the 
presence of a nonvolatile solute lowers the vapor pressure of a solvent. 

We can account for this behavior in terms of the simple model shown in 
Fig. 17.9. The dissolved nonvolatile solute decreases the number of solvent 
molecules per unit volume. Thus it lowers the number of solvent molecules at 
the surface, which proportionately lowers the escaping tendency of the solvent 
molecules. For example, in a solution consisting of half nonvolatile solute mol- 
ecules and half solvent molecules, we expect the observed vapor pressure to be 
half that of the pure solvent, since only half as many molecules can escape. In 
fact, this agrees with our observations. 

Detailed studies of the vapor pressures of solutions containing nonvolatile 
solutes were carried out by Francois M. Raoult. His results are described by 
the equation known as Raoult’s law: 


= Oo 
Pica Ree Xcthichel coke 


where Poi, is the observed vapor pressure of the solution, Xoivent is the mole 
fraction of solvent, and P§oivent is the vapor pressure of the pure solvent. Note 
that for a solution containing half solute and half solvent molecules, X¢oivent iS 





Pure solvent Solution with a 
nonvolatile solute 


Raoult’s law states that the vapor pres- 
sure of a solution is directly propor- 
tional to the mole fraction of solvent 
present. 
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Figure 17.10 


For a solution that obeys Raoult’s law, 
a plot of Poin VErSUS Xgoivent Yields a 
straight line. 
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0.5, so the vapor pressure of the solution is half that of the pure solvent. On 
the other hand, for a solution where three-fourths of the solution molecules are 
solventex n= ; = 0.75, and Poon = 0.75Peotvent) Lhe idea is that the non- 
volatile solute lowers the vapor pressure simply by diluting the solvent. 

Raoult’s law is a linear equation of the form y = mx + b, where y = Peoins 
X= Ncavents P= lL echens and 0,310, Thus ia plot of P., versus X,oven Bives.a 
straight line with a slope equal to P&oivent, a8 Shown in Fig. 17.10. 

The effect of the solute on the vapor pressure of a solution gives us a conve- 
nient way to “count” molecules and thus provides a means for experimentally 
determining molar masses. Suppose a certain mass of a compound is dissolved in 
a solvent, and the vapor pressure of the resulting solution is measured. Using 
Raoult’s law, we can determine the number of moles of solute present. Since the 
mass of this number of moles is known, we can calculate the molar mass. 


OWL INTERACTIVE EXAMPLE 17.1 


A solution was prepared by adding 20.0 g of urea to 125 g of water at 25°C, a 
temperature at which pure water has a vapor pressure of 23.76 torr. The ob- 
served vapor pressure of the solution was found to be 22.67 torr. Calculate the 
molar mass of urea. 


Solution 
a What are we trying to solve? 


We are trying to determine the molar mass of urea. Molar mass has the 


mass 
formula mole’ 8° *¢ need to know the mass and number of moles. We have 
mole 


the mass as 20.0 g, so we need to determine the number of moles. We can do 
this by first using Raoult’s law. 
Raoult’s law can be rearranged to give 


1 


NOS 6s, 
H,O 


This form allows us to determine the mole fraction of water in the solution: 


122 OGt0re 


= = 0.9541 
a3 Genet 


However, we are interested in the urea. To find its molar mass, we must find 
the number of moles represented by 20.0 g. We can calculate the number of 
moles of urea from the definition of Xy,0: 

mol H,O NH,0 


mol H,O + molurea 4,9 + Marea 








ALO: a 


From the mass of water used to prepare the solution, we have 








1 mol H,O 
= x ——_—— = 6,94 mol 050 
NH,0 IES) g H,O 18.0 gH,O mo 2 
since’, o = 0.7541, 
11,0 = 6.94 
es peg aca NH,0 as Narea - Gas a Nuarea 
or 0.9541(6.94 + mMurea) = 6.94 
Solving for the number of moles of urea gives 
ices RENO 





ahs 0.9541 
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The lowering of vapor pressure 
depends on the number of solute parti- 
cles present in the solution. 


Strong solute—-solvent interaction gives 
a vapor pressure lower than that pre- 
dicted by Raoult’s law. 





Since 20.0 g of urea was originally dissolved, 0.335 mole of urea weighs 20.0 g. 
Thus 


20.0 g 


sige Pa 5007 m0 
Osseo! hee 


The value for the molar mass of urea determined in this experiment is thus 
59.7 g/mol. Urea has the formula (NH2).CO and a molar mass of 60.0, so the 
result obtained in this experiment agrees fairly well with the known value. 


We can also use vapor pressure measurements to characterize solutions. 
For example, 1 mole of sodium chloride dissolved in water lowers the vapor 
pressure about twice as much as expected because the ions separate when it 
dissolves. Thus vapor pressure measurements can give valuable information 
about the nature of the solute after it dissolves. We will discuss this in more 
detail in Section 17.7. 


Nonideal Solutions 


Any solution that obeys Raoult’s law is called an ideal solution. One might say 
that Raoult’s law is to solutions what the ideal gas law is to gases. As with 
gases, ideal behavior for solutions is never perfectly achieved but is sometimes 
closely approached. Nearly ideal behavior is often observed when the solute- 
solute, solvent-solvent, and solute-solvent interactions are very similar. That 
is, in solutions where the solute and solvent are very much alike, the solute 
simply acts to dilute the solvent. However, if the solvent has a special affinity 
for the solute, such as if hydrogen bonding occurs, the tendency of the solvent 
molecules to escape will be lowered more than expected. In such cases the ob- 
served vapor pressure will be Jower than the value predicted by Raoult’s law; 
there is a negative deviation from Raoult’s law. 

As mentioned, for a solution to behave ideally, the solute—-solute, solvent— 
solvent, and solute-solvent interactions would have to be identical. This would 
correspond to a situation where AH,,), = 0. On the other hand, when a solute 
and solvent release large quantities of energy in the formation of a solution— 
that is, when AH,.i, is large and negative—we can assume that strong interac- 
tions exist between the solute and the solvent. In this case we expect a negative 
deviation from Raoult’s law. 

So far we have assumed that the solute is nonvolatile and so does not con- 
tribute to the vapor pressure over the solution. However, for liquid-liquid so- 
lutions where both components are volatile, a modified form of Raoult’s law 
applies: 


Prorat = Pa + Pp = XP + XpP3 


where Pyo,ai represents the total vapor pressure of a solution containing A and 
B, X, and Xz are the mole fractions of A and B, P4\ and P§ are the vapor pres- 
sures of pure A and pure B, and P, and Px are the partial pressures resulting 
from molecules of A and B in the vapor above the solution. 

Liquid-liquid solutions obeying this form of Raoult’s law are said to be 
ideal. However, as with solutions containing nonvolatile solutes, deviations 
from Raoult’s law are often observed. These can be positive or negative, as 
shown in Fig. 17.11. 

Again, large negative heats of solution indicate especially strong solute— 
solvent interactions, and such solutions are expected to show negative devia- 


a) 
>o 


Vapor pressure 


(a) 

Figure 17.11 

Vapor pressure for a solution of two 
volatile liquids. (a) The behavior pre- 
dicted for an ideal liquid-liquid solution 
by Raoult’s law. (b) A solution for which 
Protai iS larger than the value calculated 
from Raoult’s law. This solution shows 
a positive deviation from Raoult’s law. 
(c) A solution for which Pyotai is smaller 
than the value calculated from Raoult’s 
law. This solution shows a negative 
deviation from Raoult’s law. 
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o 


B 





(b) 


tions from Raoult’s law. Both components have a lower escaping tendency in 
the solution than in the pure liquids. This behavior is illustrated by an acetone— 
water solution where the molecules can hydrogen-bond effectively: 


Can JH 
ye—O- LO 
CH; 6= Oar 


In contrast, if two liquids mix endothermically, this indicates that the 
solute-solvent interactions are weaker than the interactions among the mole- 
cules in the pure liquids. More energy is required to expand the liquids than is 
released when the liquids are mixed. In this case the molecules in the solution 
have a higher tendency to escape than expected, and positive deviations from 
Raoult’s law are observed. An example of this case is provided by a solution of 
ethanol and hexane, whose Lewis structures are as follows: 


pores os 

i oi eer ig BIBS 
lel Jel lal Jel Jet ial teal 
Ethanol Hexane 


The polar ethanol and the nonpolar hexane molecules are not able to interact 
effectively. Thus the enthalpy of solution is positive, as is the deviation from 


Raoult’s law. 
Finally, for a solution of very similar liquids, such as benzene and toluene, 


CH; 


Benzene Toluene 
the enthalpy of solution is very close to zero; thus the solution closely obeys 


Raoult’s law (ideal behavior). 
A summary of the behavior of various types of solutions is given in 


Table 17.4. 
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Table 17.4 
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Summary of the Behavior of Various Types of Solutions 








Interactive Forces Between 
Solute (A) and 
Solvent (B) Particles 








A — > A,B <> B=A <> B 
A <> A,B <> B<A <>B 
A — > A,B <> B>A «<> B 


AT for 

Solution Deviation from 
AF in Formation Raoult’s Law Example 
Zero Zero None (ideal solution) Benzene-toluene 
Negative (exothermic) Positive Negative Acetone—water 
Positive (endothermic) Negative Positive Ethanol-hexane 











17.5 


The relationships between vapor pres- 
sure and changes of state were dis- 
cussed in Section 16.10. 


Normal boiling point was defined in 
Section 16.10. 


Figure 17.12 

Phase diagrams for pure water (red 
lines) and for an aqueous solution con- 
taining a nonvolatile solute (blue lines). 
Note that the boiling point of the solu- 
tion is higher than that of pure water. 
Conversely, the freezing point of the 
solution is lower than that of pure 
water. The effect of a nonvolatile solute 
is to extend the liquid range of a 
solvent. 


Boiling-Point Elevation and 
Freezing-Point Depression 


In the preceding section, we saw how a nonvolatile solute affects the vapor 
pressure of a liquid solvent. Because changes of state depend on vapor pres- 
sure, the presence of a solute also affects the freezing point and boiling point of 
a solvent. Freezing-point depression, boiling-point elevation, and osmotic pres- 
sure (discussed in Section 17.6) are called colligative properties. As we will see, 
they are grouped together because they depend only on the number, and not on 
the identity, of the solute particles in an ideal solution. Because of their direct 
relationship to the number of solute particles, the colligative properties are 
very useful for characterizing the nature of a solute after it is dissolved in a 
solvent and for determining the molar masses of substances. 


Boiling-Point Elevation 


The normal boiling point of a liquid is the temperature at which the vapor 
pressure is equal to 1 atm. We have seen that a nonvolatile solute lowers the 
vapor pressure of the solvent. Therefore, such a solution must be heated to a 
higher temperature than the boiling point of the pure solvent to reach a vapor 
pressure of 1 atm. This means that a nonvolatile solute elevates the boiling 
point of the solvent. Figure 17.12 shows the phase diagram for an aqueous 
solution containing a nonvolatile solute. Note that the liquid/vapor line for this 
solution is shifted to higher temperatures than that for pure water. 

As you might expect, the magnitude of the boiling-point elevation depends 
on the concentration of the solute. The change in boiling point can be repre- 
sented by the equation 


AT = KiuMtsolute 


1 atm 


Pressure (atm) 





a7, | 





Temperature (°C) 
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Table 17.5 


Molal Boiling-Point Elevation Constants (Ky) and Freezing-Point 
Depression Constants (K;) for Several Solvents 














Boiling Freezing 

Point K,, Point Ky 
Solvent (EG) (°C kg/mol) (E@) (°C kg/mol) 
Water (HO) 100.0 OR 0. 1.86 
Carbon tetrachloride (CCl,) 76.5 5.03 =U OY 30. 
Chloroform (CHCl,) 61.2 3.63 —63.5 4.70 
Benzene (CgHg) 80.1 DESS} Seo) Soll 
Carbon disulfide (CS>) 46.2 2.34 =I 55 3.83 
Ethyl ether (C4Hj O) 34.5 2.02 S1Ke2Y) ila) 
Camphor (Cj9H 60) 208.0 595 179.8 40. 








where AT is the boiling-point elevation, or the difference between the boiling 
point of the solution and that of the pure solvent, Kj, is a constant that is char- 
acteristic of the solvent and is called the molal boiling-point elevation constant, 
and M1,sJur¢ is the molality of the solute in the solution. Values of K, for some 
common solvents are given in Table 17.5. 

The molar mass of a solute can be determined from the observed boiling- 
point elevation, as shown in Example 17.2. 


OWL INTERACTIVE EXAMPLE 17.2 


A solution was prepared by dissolving 18.00 g of glucose in 150.0 g of water. 
The resulting solution was found to have a boiling point of 100.34°C at 1 atm. 
Calculate the molar mass of glucose. Glucose is a molecular solid that is pres- 
ent as individual molecules in solution. 


Solution 
a What are we trying to solve? 


We are trying to determine the molar mass of glucose. Molar mass has the 
mass 
5) 





formula so we need to know the mass and number of moles. We have 


mole 
the mass as 18.0 g, so we need to determine the number of moles. We are given 
the boiling point of the solution, so we make use of the equation 


AT = IV lite 
where AT = 100.34°C — 100.00°C = 0.34°C 


From Table 17.5, K, = 0.51 for water. The molality of this solution can be 
calculated by rearranging the boiling-point elevation equation to give 








Meolute — a = ae e = 0.67 mol/kg 
ao 
~~ mol 


The solution was prepared using 0.1500 kg of water. Using the definition of 
molality, we can find the number of moles of glucose in the solution. 


mol solute — glucose 


kg solvent 0.1500 kg 
etncose = (0.67 mol/kg)(0.1500 kg) = 0.10 mol 


Thus 0.10 mole of glucose weighs 18.00 g, and 1.0 mole of glucose weighs 
180 g (10 X 18.00 g). The molar mass of glucose is 180 g/mol. 





m = 0.67 mol/kg = 


solute 
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Melting point and freezing point both 
refer to the temperature at which the 
solid and liquid coexist. 





Figure 17.13 

(a) Ice in equilibrium with liquid water. 
(b) Ice in equilibrium with liquid water 
containing a dissolved solute (Shown in 
pink). 





Freezing-Point Depression 


When a solute is dissolved in a solvent, the freezing point of the solution is 
lower than that of the pure solvent. Why? Recall that the vapor pressures of ice 
and liquid water are the same at 0°C. Suppose a solute is dissolved in water. 
The resulting solution does not freeze at 0°C because the water in the solution 
has a lower vapor pressure than that of pure ice. No ice forms under these 
conditions. However, the vapor pressure of ice decreases more rapidly than 
that of liquid water as the temperature decreases. Therefore, as the solution is 
cooled, the vapor pressure of the ice and that of the liquid water in the solution 
will eventually become equal. The temperature at which this occurs is the new 
freezing point of the solution and is below 0°C. The freezing point has been 
depressed. 

We can account for this behavior in terms of the simple model shown in 
Fig. 17.13. The presence of the solute lowers the rate at which molecules in the 
liquid return to the solid state. Thus for an aqueous solution only the liquid 
state is found at 0°C. As the solution is cooled, the rate at which water mole- 
cules leave the solid ice decreases until this rate and the rate of formation of ice 
become equal and equilibrium is reached. This is the freezing point of the wa- 
ter in the solution. 

Because a solute lowers the freezing point of water, compounds such as 
sodium chloride and calcium chloride are often spread on streets and sidewalks 
to prevent ice from forming in freezing weather. Of course, if the outside tem- 
perature is lower than the freezing point of the resulting salt solution, ice forms 
anyway. So this procedure is not effective at extremely cold temperatures. 

The solid/liquid line for an aqueous solution is shown in the phase diagram 
for water in Fig. 17.12. Since the presence of a solute elevates the boiling point 
and depresses the freezing point of the solvent, adding a solute has the effect of 
extending the liquid range. 

The equation for freezing-point depression is analogous to that for boiling- 
point elevation: 


AT = Kmeotute 


where AT is the freezing-point depression, or the difference between the freez- 
ing point of the pure solvent and that of the solution, and K; is a constant that 
is characteristic of a particular solvent and is called the molal freezing-point 
depression constant. Values of K; for common solvents are listed in Table 17.5. 


OWL INTERACTIVE EXAMPLE 17.3 


What mass of ethylene glycol (C)H¢O2), the main component of antifreeze, 
must be added to 10.0 L of water to produce a solution for use in a car’s ra- 
diator that freezes at —10.0°F (—23.3°C)? Assume that the density of water is 
exactly 1 g/mL. 


Solution The freezing point must be lowered from 0°C to —23.3°C. To deter- 


mine the molality of ethylene glycol needed to accomplish this, we can use the 
equation 


AL =s Keemicctite 
where AT = 23.3°C and K; = 1.86 (from Table 17.5). Solving for the molality 
gives 
ee = AT ao 12.5 mol/k 
solute ~ i ° _< -) mo g 
re 
Pe ee 
mol 
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This means that 12.5 moles of ethylene glycol must be added per kilogram of 
water. We have 10.0 L, or 10.0 kg, of water. Therefore, the total number of 
moles of ethylene glycol needed is 


12.5 mol 


x 10.0 kg = 1.25 x 10? 
je 0.0 kg = 1.25 X 10° mol 


The mass of ethylene glycol needed is 


62.1 ¢ 
1.25 x 10? mol x aE = 7.76 X 10? ¢ (or 7.76 kg) 
mo 


Like the boiling-point elevation, the observed freezing-point depression 
can be used to determine molar masses and to characterize solutions. 
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Osmotic Pressure 


Osmotic pressure, another of the colligative properties, can be understood 
from Fig. 17.14. A solution and pure solvent are separated by a semipermeable 
membrane, which allows solvent but not solute molecules to pass through. As 
time passes, the volume of the solution increases, whereas that of the solvent 
decreases. This flow of solvent into the solution through the semipermeable 
membrane is called osmosis. Eventually the liquid levels stop changing, indi- 
cating that the system has reached equilibrium. Because the liquid levels are 
different at this point, there is a greater hydrostatic pressure on the solution 
than on the pure solvent. This excess pressure is called the osmotic pressure. 
We can take another view of this phenomenon, as illustrated in Fig. 17.15. 
Osmosis can be prevented by applying a pressure to the solution. The pressure 
that just stops the osmosis is equal to the osmotic pressure of the solution. 

A simple model to explain osmotic pressure can be constructed as shown 
in Fig. 17.16. The membrane allows only solvent molecules to pass through. 
However, the initial rates of solvent transfer to and from the solution are not 
the same. The solute particles interfere with the passage of solvent from the 
solution, so the rate of transfer is slower from the solution to the solvent than 
in the reverse direction. Thus there is a net transfer of solvent molecules into 
the solution, causing the solution volume to increase. As the solution level rises 
in the tube, the resulting pressure exerts an extra “push” on the solvent mole- 











Figure 17.14 
A tube with a bulb on the end is covered by a semipermeable membrane. The solution inside the tube is 
bathed in the pure solvent. There is a net transfer of solvent molecules into the solution until the hydro- 
static pressure equalizes the solvent flow in both directions. The solvent level shows little change, because 
the narrow stem of the bulb has a very small volume. 
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Applied pressure, 
needed to stop 
osmosis 





Solution 


Semipermeable 
membrane 


Figure 17.15 

The normal flow of solvent into the 
solution (osmosis) can be prevented by 
applying an external pressure to the 
solution. The minimum pressure 
required to stop the osmosis is equal 
to the osmotic pressure of the solution. 
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Solution Pure solvent > Solution 


Semipermeable 
membrane 


Semipermeable 
membrane 


(a) (b) 

Figure 17.16 

(a) A pure solvent and its solution (containing a nonvolatile solute) are separated by a semi- 
permeable membrane through which solvent molecules (blue) can pass but solute mole- 
cules (green) cannot. The rate of solvent transfer is greater from solvent to solution than 
from solution to solvent. (b) The system at equilibrium, where the rate of solvent transfer is 
the same in both directions. 


cules in the solution, forcing them back through the membrane. Eventually, 
enough pressure develops so that the solvent transfer becomes equal in both 
directions. At this point, equilibrium is achieved and the levels stop changing. 

Osmotic pressure can be used to characterize solutions and to determine 
molar masses just as the other colligative properties can; however, osmotic 
pressure is particularly useful because a small concentration of solute produces 
a relatively large osmotic pressure. 

Experiments show that the dependence of the osmotic pressure on solution 
concentration is represented by the equation 


a7 = MRT 


where 77 is the osmotic pressure in atmospheres, M is the molarity of the solute, 
R is the gas law constant, and T is the Kelvin temperature. 

A molar mass determination using osmotic pressure is illustrated in Ex- 
ample 17.4. 


WWL INTERACTIVE EXAMPLE 17.4 


To determine the molar mass of a certain protein, 1.00 X 10~> g of the protein 
was dissolved in enough water to make 1.00 mL of solution. The osmotic pres- 
sure of this solution was found to be 1.12 torr at 25.0°C. Calculate the molar 
mass of the protein. 


Solution 


a What are we trying to solve? 


We are trying to determine the molar mass of a protein. Molar mass has the 
mass 





formula , SO we need to know the mass and number of moles. We have 


mole 


the mass as 1.00 x 10 g, so we need to determine the number of moles. We are 
given the osmotic pressure of the solution, so we use the equation 


a= MRT 


Measurements of osmotic pressure 
generally give much more accurate 
molar mass values than those from 


freezing-point or boiling-point changes. 


Purified 
blood out 


Impure 
blood in 


Essential ions and 
molecules remain 
in blood 


Figure 17.17 
Representation of the functioning of an 
artificial kidney. 








17.6 Osmotic Pressure 873 
In this case 


1 atm 
760 torr 


R = 0.08206 L atm K~! mol7! 
IPS SAO) sb 27h = DOES NK 


mm = lll wore OX atea7 < 10 atm: 


Note that the osmotic pressure must be converted to atmospheres because of 
the units of R. 
Solving for M gives 


147eo 10s att 
M= ai 4 =o} 





Since 1.00 X 10° g of protein was dissolved in 1.00 mL of solution, the mass 
of protein per liter of solution is 1.00 g. The solution’s concentration is 
6.01 X 10°° mol/L. This concentration is produced from 1.00 * 1073 g of pro- 
tein per milliliter, or 1.00 g/L. Thus 6.01 X 10~° mole of protein has a mass of 
1.00 g, and 


1.00 g xg 


6.01 X10-5mol 1.00 mol 
Ka 1.66 10" e/mol 





The molar mass of the protein is 1.66 X 10*. This molar mass may seem very 
large, but it is relatively small for a protein. 


In osmosis a semipermeable membrane prevents transfer of all solute par- 
ticles. A similar phenomenon called dialysis occurs at the walls of most plant 
and animal cells. However, in this case the membrane allows transfer of both 
solvent molecules and small solute molecules and ions. One of the most impor- 
tant applications of dialysis is the use of artificial kidney machines to purify the 
blood. The blood is passed through a cellophane tube, which acts as the semi- 
permeable membrane. The tube is immersed in a dialyzing solution (Fig. 
17.17). This “washing” solution contains the same concentrations of ions and 
small molecules as blood but has none of the waste products normally re- 
moved by the kidneys. The resulting dialysis of waste products cleanses the 
blood. 

Solutions that have identical osmotic pressures are said to be isotonic solu- 
tions. Fluids administered intravenously must be isotonic with body fluids. For 
example, if cells are bathed in a hypertonic solution, which is a solution having 
an osmotic pressure higher than that of the cell fluids, the cells will shrivel be- 
cause of a net transfer of water out of the cells. This phenomenon is called 
crenation. The opposite phenomenon, called lysis, occurs when cells are bathed 
in a hypotonic solution, a solution with an osmotic pressure lower than that of 
the cell fluids. In this case the cells rupture because of the flow of water into the 
cells. 

We can use the phenomenon of crenation to our advantage. Food can be 
preserved by treating its surface with a solute that forms a solution hyper- 
tonic to bacteria cells. Bacteria on the food then tend to shrivel and die. This 
is why salt can be used to protect meat and sugar can be used to protect 
fruit. 
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Pressure greater 
than 77. 


soln 





Semipermeable 
membrane 


Figure 17.18 

Reverse osmosis. A pressure greater 
than the osmotic pressure of the solu- 
tion is applied, which causes a net flow 
of solvent molecules (blue) from the 
solution to the pure solvent. The solute 
molecules (green) remain behind. 


Figure 17.19 

A commercially available desalinator, 
similar to those developed by the Navy 
for life rafts. The essential part of these 
desalinators is a celloohane-like mem- 
brane wrapped around a tube with 
holes in it. Seawater is forced through 
the tube by a hand-operated pump at 
pressures of about 70 atm to produce 
water with a salt content only 40% 
higher than that from a typical tap. 





Courtesy, Katadyn North America 
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WWL INTERACTIVE EXAMPLE 17.5 


What concentration of sodium chloride in water is needed to produce an aque- 


ous solution isotonic with blood (7 = 7.70 atm at 25°C)? 


Solution We can calculate the molarity of the solute from the equation 


pe ae 


TeV el RT 


or 


7.70 atm 


=A 31S poll 
(0.08206 L atm K~! mol)(298 K) aa 





M= 


This represents the total molarity of solute particles. But NaCl gives two ions 
per formula unit. Therefore, the concentration of NaCl needed is 0.315/2, or 
0.158 M. That is, 


+ Cl 


0.1575 M 


=== NB 
0.1575 M 


NaCl 
0.1575 M 





0.315 M 


Reverse Osmosis 


If a solution in contact with pure solvent across a semipermeable membrane is 
subjected to an external pressure larger than its osmotic pressure, reverse Os- 
mosis occurs. The pressure will cause a net flow of solvent from the solution to 
the solvent, as shown in Fig. 17.18. In reverse osmosis, the semipermeable 
membrane acts as a “molecular filter” to remove solute particles. This fact is 
potentially applicable to the desalination (removal of dissolved salts) of seawa- 
ter, which is highly hypertonic to body fluids and thus is not drinkable. 

A small-scale, manually operated reverse osmosis desalinator has been de- 
veloped by the U.S. Navy to provide fresh water on life rafts (Fig. 17.19). Po- 
table water can be supplied by this desalinator at the rate of 1.25 gallons of 
water per hour—enough to keep 25 people alive. This compact desalinator, 
which weighs only 10 pounds, replaces the bulky cases of fresh water formerly 
stored on Navy life rafts. 

As the population of the Sunbelt areas of the United States increases, more 
demand will be placed on the limited supplies of fresh water there. One obvi- 
ous source of fresh water is from the desalination of seawater. Various schemes 
have been suggested, including solar evaporation, reverse osmosis, and even a 
plan for towing icebergs from Antarctica (remember that pure water freezes 
out of an aqueous solution). The problem, of course, is that all the available 
processes are expensive. However, as water shortages increase, desalination is 
becoming necessary. For example, the first full-time public desalination plant 
is found on Catalina Island, just off the coast of California (Fig. 17.20). This 
plant, which can produce 132,000 gallons of drinkable water from the Pacific 





Figure 17.20 

Residents of Catalina Island off the 
coast of southern California are benefit- 
ing from a desalination plant that can 
supply 132,000 gallons of drinkable 
water per day, one-third of the island’s 
daily needs. 
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1. Salt water pumped from 


5. Brine is underground wells. 


pumped 
into ocean. 


2. Salt water is forced through 20-micron 
and 5-micron filters at a pressure of 
800 pounds per square inch. 









4. Fresh water is pumped 
into water supply. 
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Ocean every day, operates by reverse osmosis. Powerful pumps, developing 
over 800 lb/in? of pressure, are used to force seawater through synthetic semi- 
permeable membranes. 

Catalina Island’s plant may be just the beginning. The city of Santa Bar- 
bara opened a $40 million desalination plant in 1992 that can produce 8 mil- 
lion gallons of drinkable water per day, and the Southern California town of 
Carlsbad opened a plant in 2012 that can produce 50 million gallons of drink- 
ing water from seawater each day. This $320 million project is the largest de- 
salination plant in the Western Hemisphere. Desalination plants are also in the 
works for Huntington Beach, California, and Camp Pendleton, a military base 
just north of Carlsbad. 





Lied | 


Dutch chemist J. H. van’t Hoff 
(1852-1911) received the first Nobel 
Prize in chemistry in 1901. 


Colligative Properties of Electrolyte Solutions 


As we have seen, the colligative properties of solutions depend on the total 
concentration of solute particles. For example, a 0.10 glucose solution shows 
a freezing-point depression of 0.186°C: 


AT = Kym = (1.86°C kg/mol)(0.10 mol/kg) = 0.186°C 


On the other hand, a 0.10 m sodium chloride solution should show a freezing- 
point depression of 0.37°C, since the solution is 0.10 m Na* ions and 0.10 m 
Cl- ions. Therefore, because the solution is 0.20 m in solute particles, 
AT = (1.86°C kg/mol)(0.20 mol/kg) = 0.37°C. 

The relationship between the moles of solute dissolved and the moles of 
particles in solution is usually expressed by the yvan’t Hoff factor (7): 


moles of particles in solution 





moles of solute dissolved 
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Figure 17.21 

In an aqueous solution, a few ions 
aggregate, forming ion pairs that 
behave as a unit. 








Table 17.6 


Expected and Observed Values 
of the van’t Hoff Factor for 0.05 m 
Solutions of Several Electrolytes 


1 i 


Electrolyte (expected) (observed) 


NaCl Dad) 1 
MgCh 3.0 27 
MgSO, 2.0 1.3 
FeCl, 4.0 3.4 
HCl 2.0 LS 
Glucose* RO 1.0 


*A nonelectrolyte shown for comparison. 





The expected value for i can be calculated for a salt by noting the number 
of ions per formula unit. For example, for NaCl, 7 is 2; for KySOx, i is 3; and 
for Fe3(POx4)2, i is 5. These calculated values assume that when a salt dissolves, 
it completely dissociates into its component ions, which then move around 
independently. However, this assumption is not always true. For example, the 
freezing-point depression observed for 0.10 m NaCl is 1.87 times that ob- 
served for 0.10 m glucose rather than twice as great. That is, for a 0.10 m NaCl 
solution, the observed value for iis 1.87 rather than 2. Why? The best explana- 
tion is that ion pairing occurs in solution (Fig. 17.21). At a given instant, a 
small percentage of the sodium and chloride ions are paired and thus count as 
a single particle. In general, ion pairing is most important in concentrated solu- 
tions. As the solution becomes more dilute, the ions are farther apart and less 
ion pairing occurs. For example, in a 0.0010 m NaCl solution, the observed 
value of i is 1.97, which is very close to the expected value. 

Ion pairing occurs to some extent in all electrolyte solutions. Table 17.6 
shows expected and observed values of i for a given concentration of various 
electrolytes. Note that the deviation of i from the expected value tends to be 
greatest when the ions have multiple charges. This is expected because ion 
pairing ought to be most important for highly charged ions. 

The colligative properties of electrolyte solutions are described by includ- 
ing the van’t Hoff factor in the appropriate equation. For example, for changes 
in freezing and boiling points, the modified equation is 


AT = imK 


where K represents the freezing-point depression constant or the boiling-point 
elevation constant for the solvent. 
For the osmotic pressure of electrolyte solutions, the equation is 


m7 = iMRT 


OWL INTERACTIVE EXAMPLE 17.6 


The observed osmotic pressure for a 0.10 M solution of Fe(NH4)>(SO4)> at 
25°C is 10.8 atm. Compare the expected and experimental values for i. 


Solution The ionic solid Fe(NH4).(SO4). dissociates in water to produce 
5 ions: 
H30 2 7 
Fe(NH4)2(SO4)3 ——— Fe*t + 2NH,* + 2SO0,2- 


Thus the expected value for i is 5. We can obtain the experimental value for i 
by using the equation for osmotic pressure: 


(tii 


= MRT 


where 7 = 10.8 atm, M = 0.10 mol/L, R = 0.08206 L atm K7! mol~!, and 
T = 25 + 273 = 298 K. Substituting these values into the equation gives 


a =iMRT or 1 








ahs eS 10.8 atm 4.42 
MRT | We 
(0.1072*) (0.082067 act (98 K) 
IL K mol 


The experimental value for i is less than the expected value, presumably be- 
cause of ion pairing. 
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Mud can be suspended in water by vigorous stirring. When the stirring stops, 
most of the particles rapidly settle out, but even after several days some of the 
smallest particles remain suspended. Although undetected in normal lighting, 
their presence can be demonstrated by shining a beam of intense light through 
the suspension. The beam is visible from the side because the light is scattered 
by the suspended particles. In a true solution, on the other hand, the beam is 
invisible from the side because the individual ions and molecules dispersed in 
the solution are too small to scatter visible light. 

The scattering of light by particles is called the Tyndall effect (Fig. 17.22) 
and is often used to distinguish between a suspension and a true solution. 

A suspension of tiny particles in some medium is called a colloidal disper- 
sion, or a colloid. The suspended particles can be single, large molecules or 
aggregates of molecules or ions ranging in size from 1 to 1000 nanometers. 
Colloids are classified according to the states of the dispersed phase and the 
dispersing medium. Table 17.7 summarizes various types of colloids. 

What stabilizes a colloid? Why do the particles remain suspended rather 
than forming larger aggregates and precipitating out? The answer is compli- 


Figure 17.22 

The Tyndall effect. The solution on the 
left does not show the path of the light 
beam, whereas the suspension on the 
right clearly shows the light path. 
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Table 17.7 
Types of Colloids 


Dispersing Dispersed 


Examples Medium Substance Colloid Type 
Fog, aerosol sprays Gas Liquid Aerosol 
Smoke, airborne bacteria Gas Solid Aerosol 
Whipped cream, soap suds Liquid Gas Foam 

Milk, mayonnaise Liquid Liquid Emulsion 
Paint, clays, gelatin Liquid Solid Sol 
Marshmallow, polystyrene foam Solid Gas Solid foam 
Butter, cheese Solid Liquid Solid emulsion 
Ruby glass Solid Solid Solid sol 
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Organisms and Ice Formation 





The ice-cold waters of the polar oceans are 
teeming with fish that seem immune to freezing. 
One might think that these fish have some kind of 
antifreeze in their blood. However, studies show 
that they are protected from freezing in a way that 
is very different from the way antifreeze protects 
our cars. As we have seen in this chapter, solutes 
such as sugars, salts, and ethylene glycol lower the 
temperature at which the solid and liquid phases of 
water can coexist. However, the fish could not tol- 
erate high concentrations of solutes in their blood 
because of the osmotic pressure effects. Instead, 
they are protected by proteins in their blood. These 
proteins allow the water in the bloodstream to be 
supercooled—exist below 0°C—without forming 
ice. The proteins apparently coat the surface of 
each tiny ice crystal as soon as it begins to form, 
thus preventing it from growing to a size that 
would cause biological damage. Similar “anti- 
freeze” proteins have been found in other organ- 
isms, including the springtail snow flea, beetles, 
moths, and various bacteria and plants. 

Recently, teams of researchers at the University 
of Notre Dame and the University of Alaska- 
Fairbanks discovered a new type of antifreeze mol- 
ecule in the Upis beetle. Instead of a protein-based 
antifreeze, the Upis antifreeze is a complex sugar 
called xylomannan, which appears to be equally as 
effective as the proteins at preventing freezing. The 
Upis beetle freezes at — 19°F but remarkably can 








survive exposure to temperatures as low as about 
LOO 

Although it might at first seem surprising, this 
research on antifreeze molecules has attracted the 
attention of ice cream manufacturers. Premium- 
quality ice cream is smooth; it does not have large 
ice crystals in it. The makers of ice cream would 
like to incorporate natural antifreeze molecules, or 
at least molecules that behave similarly, into ice 
cream to prevent growth of ice crystals during 
storage. 

Fruit and vegetable growers have a similar 
interest: They also want to prevent ice formation 
that could damage their crops during an unusual 
cold wave. However, this is a very different kind of 
problem than keeping polar fish from freezing. 
Many types of fruits and vegetables are colonized 
by bacteria that manufacture a protein that 
encourages freezing by acting as a nucleating agent 
for an ice crystal. Chemists have identified the 
offending protein in the bacteria as well as the 
gene that is responsible for making it. They have 
learned to modify the genetic material of these bac- 
teria in such a way that removes their ability to 
make the protein that encourages ice crystal for- 
mation. If testing shows that these modified bacte- 
ria have no harmful effects on the crop or the envi- 
ronment, the original bacteria strain will be 
replaced with the new form so that ice crystals will 
not form so readily when a cold snap occurs. 





cated, but the main effect that stabilizes the colloid seems to be electrostatic 
repulsion. A colloid, like all other macroscopic substances, is electrically neu- 
tral. However, when a colloid is placed in an electric field, the dispersed par- 
ticles all migrate to the same electrode; thus they must all have the same charge. 
How is this possible? The center of a colloidal particle (a tiny ionic crystal, 
a group of molecules, or a single large molecule) attracts from the medium a 
layer of ions, all of the same charge. This group of ions in turn attracts another 
layer of oppositely charged ions, as shown in Fig. 17.23. Because the colloidal 
particles all have an outer layer of ions with the same charge, they repel each 
other; thus they do not easily aggregate to form particles that are large enough 
to precipitate. 

The destruction of a colloid, called coagulation, can usually be accom- 
plished either by heating or by adding an electrolyte. Heating increases the 
velocities of the colloidal particles, causing them to collide with enough energy 
so that the ion barriers are penetrated. This allows the particles to aggregate. 





Figure 17.23 

A representation of two colloidal parti- 
cles. In each the center particle is sur- 
rounded by a layer of positive ions, 
with negative ions in the outer layer. 
Thus, although the particles are electri- 
cally neutral, they still repel each other 
because of their outer negative layer of 
ions. 


Figure 17.24 

The Cottrell precipitator installed in a 
smokestack. The charged plates 
attract the colloidal particles because 
of their ion layers and thus remove 
them from the smoke. 
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As this is repeated many times, the particle grows to a point where it settles 
out. Adding an electrolyte neutralizes the adsorbed ion layers. This is why clay 
suspended in rivers is deposited where the river reaches the ocean, forming the 
deltas characteristic of large rivers like the Mississippi. The high salt content of 


the seawater causes the colloidal clay particles to coagulate. 


The removal of soot from smoke is another example of the coagulation of a 
colloid. When smoke is passed through an electrostatic precipitator (Fig. 17.24), 
the suspended solids are removed. The use of precipitators has produced an im- 


mense improvement in the air quality of heavily industrialized cities. 


For Review 





Section 17.1 

molarity 

mass percent 

mole fraction 

molality 

Section 17.2 

enthalpy (heat) of solution 

enthalpy (heat) of hydration 

supercritical fluid 

Section 17.3 

Henry’s law 

thermal pollution 

Section 17.4 

Raoult’s law 

ideal solution 

Section 17.5 

colligative properties 

molal boiling-point elevation 
constant 





OWL ana (SOTMEUIEI 


Sign in at www.cengage.com/owl to: 

e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 


Solution composition 

ws Molarity (M): moles solute per liter of solution 

= Mass percent: ratio of mass of solute to mass of solution times 100% 

= Mole fraction (X): ratio of moles of a given component to total moles 
of all components 

= Molality (77): moles solute per mass of solvent (in kg) 

= Normality (N): number of equivalents per liter of solution 


Enthalpy of solution (AH.,,i,) 

a The enthalpy change accompanying solution formation 

= Can be partitioned into 
ws The energy required to overcome the solute-solute interactions 
u The energy required to “make holes” in the solvent 
ws The energy associated with solute-solvent interactions 
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molal freezing-point depression 
constant 


Section 17.6 
semipermeable membrane 
osmosis 

osmotic pressure 

dialysis 

isotonic solution 

reverse Osmosis 
desalination 


Section 17.7 


van’t Hoff factor 
ion pairing 


Factors that affect solubility 
w Polarity of solute and solvent 
a “Like dissolves like” is a useful generalization 
= Pressure increases the solubility of gases in a solvent 
ws Henry’s law: C = kP 
= Temperature effects 
a Increased temperature decreases the solubility of a gas in water 
= Most solids are more soluble at higher temperatures but important 
exceptions exist 


Vapor pressure of solutions 

» A solution containing a nonvolatile solute has a lower vapor pressure 
than a solution of the pure solvent 

= Raoult’s law defines an ideal solution 


Section 17.8 
Tyndall effect psoln 
colloid (colloidal dispersion) 


vapor X solvent 


coagulation = Solutions in which the solute-solvent attractions differ from the 


Colloids 





Discussion Questions 


Colligative properties 

= Depend on the number of solute particles present 

Boiling-point elevation: AT = Kymgoiute 

Freezing-point lowering: AT = Kymgojute 

Osmotic pressure: I] = MRT 

= Osmosis occurs when a solution and pure solvent are separated by a 
semipermeable membrane that allows solvent molecules to pass but 
not solute particles 

u Reverse osmosis occurs when the applied pressure is greater than the 
osmotic pressure of the solution 

Because colligative properties depend on the number of particles, sol- 

utes that break into several ions when they dissolve have an effect pro- 

portional to the number of ions produced 

mw The van’t Hoff factor i represents the number of ions produced by 
each formula unit of solute 


solute—solute and solvent-—solvent attractions violate Raoult’s law 


= A suspension of tiny particles stabilized by electrostatic repulsion 
among the ion layers surrounding the individual particles 
= Can be coagulated (destroyed) by heating or adding an electrolyte 





These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


1. Consider Fig. 17.8. According to the caption and pic- 
ture, water is transferred from one beaker to another. 

a. Explain why this occurs. 

b. The explanation in the text uses terms such as vapor 
pressure and equilibrium. Explain what these terms 
have to do with the phenomenon. For example, 
what does the equilibrium involve? 

c. Does all the water end up in the second beaker? 


in) 


d. Is the water in the beaker containing the solute evap- 
orating? If so, is the rate of evaporation increasing, 
decreasing, or staying constant? 

Draw pictures to illustrate your explanations. 


Consider Fig. 17.8. Suppose that instead of having a 
nonvolatile solute in the solvent in one beaker, the two 
beakers have different volatile liquids. That is, suppose 
one beaker contains liquid A (P,,, = 50 torr) and the 
other beaker contains liquid B (Pyayp = 100 torr). Explain 
what happens as time passes. How is this similar to the 
first case shown in the figure? How is it different? 


Assume that you place a freshwater plant into a saltwa- 
ter solution and examine it under a microscope. What 
happens to the plant cells? What if you placed a saltwa- 
ter plant in pure water? Explain. Draw pictures to illus- 
trate your explanations. 


. How does AH,,j, relate to deviations from Raoult’s law? 


Explain. 


. You have read that adding NaCl to water can both in- 


crease its boiling point and decrease its freezing point. A 
friend of yours explains it to you like this: “The ions 
prevent freezing by blocking the water molecules from 
joining together. The hydration of the ions also makes 
the water boil at a higher temperature.” What do you 
say to your friend? 


. You drop an ice cube (made from pure water) into a salt- 


water solution at 0°C. Explain what happens and why. 


. Using the phase diagram for water and Raoult’s law, ex- 


plain why salt is spread on the roads in winter (even 
when the temperature is below freezing). 


Exercises 


Exercises 881 


You and your friend are each drinking cola from sepa- 
rate 2-L bottles. Both colas are equally carbonated. You 
are able to drink 1 L of cola, but your friend can drink 
only about half a liter. You each close the bottles, and 
place them in the refrigerator. The next day when you 
each go to get the colas, whose will be more carbonated 
and why? 


Is molality or molarity dependent on temperature? Ex- 
plain your answer. Why is molality, and not molarity, 
used in the equations describing freezing-point depres- 
sion and boiling-point elevation? 


If a solution shows positive deviations from Raoult’s 
law, would you expect it to have a higher or lower boil- 
ing point than if it were ideal? Explain. 


. Consider a beaker of salt water sitting open in a room. 


Over time does the vapor pressure increase, decrease, or 
stay the same? Explain. 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Solution Composition 


(IPR 


14. 


iio: 


The four most common ways to describe solution compo- 
sition are mass percent, mole fraction, molarity, and mo- 
lality. Define each of these solution composition terms. 
Why is molarity temperature-dependent, whereas the 
other three solution composition terms are temperature- 
independent? 


. Write equations showing the ions present after the fol- 


lowing strong electrolytes are dissolved in water. 


a. HNO, d. SrBr> g- NH,NO, 
b. Na»SO4 es KC1O, h. CuSO, 
c. Al(NO3)3 f. NH,Br 1. NaOH 


Calculate the sodium ion concentration when 70.0 mL 
of 3.0 M sodium carbonate is added to 30.0 mL of 1.0 M 
sodium bicarbonate. 


. An aqueous antifreeze solution is 40.0% ethylene glycol 


(C,H,O2) by mass. The density of the solution is 1.05 
g/em>. Calculate the molality, molarity, and mole frac- 
tion of the ethylene glycol. 

Common commercial acids and bases are aqueous solu- 
tions with the following properties: 





Density Mass Percent 

(g/cm?) of Solute 
Hydrochloric acid ted 38 
Nitric acid 1.42 70. 
Sulfuric acid 1.84 95 
Acetic acid 1.05 99 
_Ammonia 0.90 28 


Se 


20; 


Calculate the molarity, molality, and mole fraction of 
each of these reagents. 


. A solution is prepared by mixing 50.0 mL of toluene 


(CsHsCH3, d = 0.867 g/cm?) with 125 mL of benzene 
(CoH,, d = 0.874 g/cm’). Assuming that the volumes 
add on mixing, calculate the mass percent, mole fraction, 
molality, and molarity of the toluene. 

A bottle of wine contains 12.5% ethanol by volume. The 
density of ethanol (C)H;OH) is 0.789 g/cm?. Calculate 
the concentration of ethanol in wine in terms of mass 
percent and molality. 


. A 1.37 M aqueous solution of citric acid (H3Cg.H;O-) 


has a density of 1.10 g/cm?. What are the mass percent, 
molality, and mole fraction of the citric acid? 


Determine the molarity and mole fraction of a 1.00 m 
solution of acetone (CH;COCH;) dissolved in ethanol 
(C)H;OH). (Density of acetone = 0.788 g/cm?; density 
of ethanol = 0.789 g/cm?.) Assume that the final volume 
equals the sum of the volumes of acetone and ethanol. 


. A solution of phosphoric acid was made by dissolving 


10.0 g of H3PO,4 in 100.00 mL of water. The resulting 
volume was 104 mL. Calculate the density, mole frac- 
tion, molarity, and molality of the solution. Assume wa- 
ter has a density of 1.00 g/cm’. 


. Ina lab you need at least 100 mL of each of the follow- 


ing solutions. Explain how you would proceed by using 
the given information. 

a. 2.0 m KCl in water (density of HyO = 1.00 g/cm?) 

b. 15% NaOH by mass in water 

c. 25% NaOH by mass in CH;OH (d = 0.79 g/cm?) 

d. 0.10 mole fraction of CgH,2O¢ in water 


Thermodynamics of Solutions and Solubility 


Los 


What does the axiom “like dissolves like” mean? There 
are four types of solute-solvent combinations: polar sol- 
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utes in polar solvents, nonpolar solutes in polar solvents, 
and so on. For each type of solution, discuss the magni- 
tude of AH goin. 


For each of the following solute-solvent combinations, 
state the sign and relative magnitudes for AH,, AH, 
AH3, and AH,oin (as defined in Fig. 17.1 of the text). Ex- 


plain your answers. 


and 





and 





and 





and 





In order for sodium chloride to dissolve in water, a small 
amount of energy must be added during solution forma- 
tion. This is not energetically favorable. Why is NaCl so 
soluble in water? 


The high melting points of ionic solids indicate that a lot 
of energy must be supplied to separate the ions from one 
another. How is it possible that the ions can separate 
from one another when soluble ionic compounds are dis- 
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solved in water, often with essentially no temperature 
change? 

The lattice energy* of Nal is —686 kJ/mol, and the en- 
thalpy of hydration is —694 kJ/mol. Calculate the en- 
thalpy of solution per mole of solid Nal. Describe the 
process to which this enthalpy change applies. 


a. Use the following data to calculate the enthalpy of 
hydration for calcium chloride and calcium iodide. 


Lattice Energy* AH goin 
CaCl,(s) —2247 kJ/mol —46 kJ/mol 
Cal;(s) —2059 kJ/mol —104 kJ/mol 


b. Based on your answers to part a, which ion, Cl” or 
I-, is more strongly attracted to water? 


Although Al(OH); is insoluble in water, NaOH is very 
soluble. Explain this difference in terms of lattice energies. 


Which ion in each of the following pairs would you ex- 
pect to be more strongly hydrated? Why? 

a. Na* or Mg*t d. F- or Br~ 

b. Mg?* or Be?* é. Cl on. C107 

c. Fe?+ or Fe3t faClOworsSOns 


For each of the following pairs, predict which substance 
would be more soluble in water. 


O or ie) 
NH PH 








a. 
b. 

ae OH PaAG pos 
Ce 


Which solvent, water or carbon tetrachloride, would 
you choose to dissolve each of the following? 


a. KrF, e. MgF> 

b. SF, f. CH,O 

Cy SO, g. GEb—CEb 
dsCO; 





“Lattice energy was defined in Chapter 13 as the energy change for the process 
M*(g) + X-(g) > MX(s). 
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Rationalize the trend in water solubility for the follow- 
ing simple alcohols. 








Solubility 
(g/100 g H,O 
Alcohol at 20°C) 
Methanol, CH;O0H Soluble in all 
proportions 
Ethanol, CH;CH,OH Soluble in all 
proportions 
Propanol, CH;CH,CH,OH Soluble in all 
proportions 
Butanol, CH3(CH»)»>CH,OH 8.14 
Pentanol, CH3(CH>»);CH,OH 2.62 
Hexanol, CH;(CH»)4CH,OH 0.59 
Heptanol, CH3(CH»);CH,OH 0.09 


In the flushing and cleaning of columns used in liquid 
chromatography, a series of solvents is used. Hexane 
(Cs6H,4), chloroform (CHCl;), methanol (CH;OH), and 
water are passed through the column in that order. Ra- 
tionalize the order in terms of intermolecular forces and 
the mutual solubility (miscibility) of the solvents. 


. Structure, pressure, and temperature all have an effect on 


solubility. Discuss each of their effects. What is Henry’s 
law? Why does Henry’s law not work for HCl(g)? What 
do the terms hydrophobic and hydrophilic mean? 


. Oo(g) obeys Henry’s law in water but not in blood (an 


aqueous solution). Why? 


. The solubility of nitrogen in water is 8.21 X 10-4 mol/L 


at O°C when the N> pressure above water is 0.790 atm. 
Calculate the Henry’s law constant for N> in units of L 
atm/mol for Henry’s law in the form P = kC, where C is 
the gas concentration in mol/L. Calculate the solubility 
of N> in water when the partial pressure of nitrogen 
above water is 1.10 atm at 0°C. 


. In Exercise 112 in Chapter 5, the pressure of CO) in a 


bottle of sparkling wine was calculated assuming that 
the CO, was insoluble in water. This was an incorrect 
assumption. Redo this problem by assuming that CO) 
obeys Henry’s law. Use the data given in that problem to 
calculate the partial pressure of CO) in the gas phase and 
the solubility of CO, in the wine at 25°C. The Henry’s 
law constant for CO, is 32 L atm/mol at 25°C with 
Henry’s law in the form P = kC, where C is the concen- 
tration of the gas in mol/L. 


_ Rationalize the temperature dependence of the solubility 


of a gas in terms of the kinetic molecular theory. 


Vapor Pressures of Solutions 


40. 


Glycerin (C3HgO3) is a nonvolatile liquid. What is the 
vapor pressure of a solution made by adding 164 g of 
glycerin to 338 mL of HjO at 39.8°C? The vapor pres- 
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sure of pure water at 39.8°C is 54.74 torr and its density 
is 0.992 g/cm. 


The vapor pressure of a solution containing 53.6 g glyc- 
erin (C3HgO3) in 133.7 g ethanol (C)H;sOH) is 113 torr 
at 40°C. Calculate the vapor pressure of pure ethanol at 
40°C assuming that glycerin is a nonvolatile, nonelectro- 
lyte solute in ethanol. 


Which of the following will have the lowest total vapor 
pressure at 25°C? Which has the highest vapor pressure 
at 25°C? At 25°C, the vapor pressure of pure water is 
23.8 torr. 
a. pure water 
b. a solution of glucose in water with Xgiucose = 0.01 
c. a solution of sodium chloride in water with 

Xnacl = 0.01 
d. a solution of methanol in water with Xcy,oHn = 0.2 


(At 25°C, the vapor pressure of pure methanol is 143 torr.) 


The normal boiling point of methanol is 64.7°C. A solu- 
tion containing a nonvolatile solute dissolved in metha- 
nol has a vapor pressure of 710.0 torr at 64.7°C. What is 
the mole fraction of methanol in this solution? 


A solution is prepared by mixing 0.0300 mole of CH2Cl, 
and 0.0500 mole of CH;Br, at 25°C. Assuming the solu- 
tion is ideal, calculate the composition of the vapor (in 
terms of mole fractions) at 25°C. At 25°C the vapor pres- 
sures of pure CH)Cl, and pure CH2Br) are 133 and 11.4 
torr, respectively. 


. Ata certain temperature, the vapor pressure of pure ben- 


zene (CgHg) is 0.930 atm. A solution was prepared by 
dissolving 10.0 g of a nondissociating, nonvolatile solute 
in 78.11 g of benzene at that temperature. The vapor 
pressure of the solution was found to be 0.900 atm. As- 
suming that the solution behaves ideally, determine the 
molar mass of the solute. 


At 25°C the vapor in equilibrium with a solution con- 
taining carbon disulfide and acetonitrile has a total pres- 
sure of 263 torr and is 85.5 mole percent carbon disul- 
fide. What is the mole fraction of carbon disulfide in the 
solution? At 25°C the vapor pressure of carbon disulfide 
is 375 torr. Assume that the solution and the vapor ex- 


hibit ideal behavior. 


Pentane (C;H;) and hexane (C,H;4) combine to form an 

ideal solution. At 25°C the vapor pressures of pentane 

and hexane are 511 and 150. torr, respectively. A solu- 

tion is prepared by mixing 25 mL of pentane (density = 

0.63 g/mL) with 45 mL of hexane (density = 0.66 g/ 

mL). 

a. What is the vapor pressure of this solution? 

b. What is the mole fraction of pentane in the vapor 
that is in equilibrium with this solution? 


Benzene and toluene form ideal solutions. Consider a so- 
lution of benzene and toluene prepared at 25°C. Assum- 
ing that the mole fractions of benzene and toluene in the 
vapor phase are equal, calculate the composition of the 
solution. At 25°C the vapor pressures of benzene and 
toluene are 95 and 28 torr, respectively. 
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What is the composition of a methanol (CH;0H)- 
propanol (CH;CH,CH,OH) solution that has a vapor 
pressure of 174 torr at 40°C? At 40°C the vapor pres- 
sures of pure methanol and pure propanol are 303 and 
44.6 torr, respectively. Assume that the solution exhibits 
ideal behavior. 


Match the vapor pressure diagrams with the solute- 
solvent combinations and explain your answers. 





Vapor pressure 


A solution is made by mixing 50.0 g of acetone 
(CH;COCHs) and 50.0 g of methanol (CH30H). What 
is the vapor pressure of this solution at 25°C? What is 
the composition of the vapor expressed as a mole frac- 
tion? Assume ideal solution and gas behavior. (At 
25°C the vapor pressures of pure acetone and pure 
methanol are 271 and 143 torr, respectively.) The ac- 
tual vapor pressure of this solution is 161 torr. Explain 
any discrepancies. 








52. The vapor pressures of several solutions of water—propa- 


nol (CH;CH,CH>)OH) were determined at various com- 
positions, with the following data collected at 45°C: 





XH,0 Vapor Pressure (torr) 
0 74.0 
0.15 Wilkes 
0.37 80.2 
0.54 81.6 
0.69 80.6 
0.83 Ton 


1.00 wile? 


a. Are solutions of water and propanol ideal? Explain. 

b. Predict the sign of AH,,j, for water-propanol 
solutions. 

c. Are the interactive forces between propanol and 
water molecules weaker than, stronger than, or 
equal to the interactive forces between the pure 
substances? Explain. 

d. Which of the solutions in the table would have the 
lowest normal boiling point? 


53. When pure methanol is mixed with water, the solution 


54. 


nN 
nA 


gets warmer to the touch. Would you expect this solu- 
tion to be ideal? Explain. 


The two beakers in the sealed container illustrated below 
contain pure water and an aqueous solution of a volatile 
solute. 











Aqueous 
solution 


If the solute is less volatile than water, explain what will 
happen to the volumes in the two containers as time passes. 


. The following plot shows the vapor pressure of various 


solutions of components A and B at some temperature. 


~ 
>o 


Vapor pressure (torr) —» 





Mole fraction 
XB 


Which of the following statements is false concerning so- 

lutions of A and B? 

a. The solutions exhibit negative deviations from 
Raoult’s law. 

b. AH,.oin for the solutions should be exothermic. 

c. The intermolecular forces are stronger in solution 
than in either pure A or pure B. 

d. Pure liquid B is more volatile than pure liquid A. 

e. The solution with Xz = 0.6 will have a lower boiling 
point than either pure A or pure B. 


Colligative Properties 


56. Vapor-pressure lowering is a colligative property, as are 


freezing-point depression and boiling-point elevation. 
What is a colligative property? Why is the freezing point 
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depressed for a solution as compared to the pure sol- 
vent? Why is the boiling point elevated for a solution as 
compared to the pure solvent? 


. How would you prepare 1.0 L of an aqueous solution of 


sucrose (CyyH)O,;) having an osmotic pressure of 15 atm 
at a temperature of 22°C? Sucrose is a nonelectrolyte. 


Is the following statement true or false? Explain your 
answer. When determining the molar mass of a solute 
using boiling-point or freezing-point data, camphor 
would be the best solvent choice of all of the solvents 
listed in Table 17.5. 


A solution is prepared by dissolving 27.0 g of urea 
[(NH))2CO}], in 150.0 g of water. Calculate the boiling 
point of the solution. Urea is a nonelectrolyte. 


What mass of glycerin (C3HgO3), a nonelectrolyte, must 
be dissolved in 200.0 g of water to give a solution with a 
freezing point of —1.50°C? 


Calculate the freezing point and boiling point of an anti- 
freeze solution that is 50.0% by mass ethylene glycol 
(HOCH,CH,OH) in water. Ethylene glycol is a non- 
electrolyte. 


The freezing point of t-butanol is 25.50°C and K; is 
9.1°C kg/mol. Usually t-butanol absorbs water on expo- 
sure to air. If the freezing point of a 10.0-g sample of 
t-butanol is 24.59°C, how many grams of water are pres- 
ent in the sample? 


. The molar mass of a nonelectrolyte is 58.0 g/mol. Calcu- 


late the boiling point of a solution containing 24.0 g of 
this compound and 600. g of water if the barometric 
pressure is such that pure water boils at 99.725°C. 


If the human eye has an osmotic pressure of 8.00 atm at 
25°C, what concentration of solute particles in water 
will provide an isotonic eyedrop solution (a solution 
with equal osmotic pressure)? 


. A 2.00-g sample of a large biomolecule was dissolved in 


15.0 g of carbon tetrachloride. The boiling point of this 
solution was determined to be 77.85°C. Calculate the 
molar mass of the biomolecule. For carbon tetrachlo- 
ride, the boiling-point constant is 5.03°C kg/mol, and 
the boiling point of pure carbon tetrachloride is 76.50°C. 


An aqueous solution of 10.00 g of catalase, an enzyme 
found in the liver, has a volume of 1.00 L at 27°C. 
The solution’s osmotic pressure at 27°C is found to be 
0.745 torr. Calculate the molar mass of catalase. 


Thyroxine, an important hormone that controls the rate 
of metabolism in the body, can be isolated from the thy- 
roid gland. When 0.455 g of thyroxine is dissolved in 
10.0 g of benzene, the freezing point of the solution is 
depressed by 0.300°C. What is the molar mass of thy- 
roxine? See Table 17.5. 


What volume of ethylene glycol (C;H¢O2), a nonelectro- 
lyte, must be added to 15.0 L of water to produce an 
antifreeze solution with a freezing point of —30.0°C? 
What is the boiling point of this solution? (The density 
of ethylene glycol is 1.11 g/cm’, and the density of water 
is 1.00 g/cm?.) 
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Calculate the freezing-point depression and osmotic 
pressure in torr at 25°C for an aqueous solution of 1.0 
g/L of a protein (molar mass = 9.0 X 10% g/mol) if the 
density of the solution is 1.0 g/cm’. 


Considering your answer to Exercise 69, which colliga- 
tive property, freezing-point depression or osmotic pres- 
sure, would be better for determining the molar masses 
of large molecules? Explain your answer. 


If the fluid inside a tree is about 0.1 M more concen- 
trated in solute than the groundwater that bathes the 
roots, how high will a column of fluid rise in the tree at 
25°C? Assume that the density of the fluid is 1.0 g/cm’. 
(The density of mercury is 13.6 g/cm?.) 


A 1.60-g sample of a mixture of naphthalene (Cj Hs) 
and anthracene (C,4Hjo) is dissolved in 20.0 g of ben- 
zene (C¢H,g). The freezing point of the solution is 2.81°C. 
What is the composition of the sample mixture in terms 
of mass percent? The freezing point of benzene is 5.51°C, 
and K; is 5.12°C kg/mol. 


Before refrigeration became common, many foods were 
preserved by salting them heavily. Fruits were preserved 
by mixing them with a large amount of sugar (fruit pre- 
serves). How do salt and sugar act as preservatives? 


Properties of Electrolyte Solutions 
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Calculate the freezing point and the boiling point of each of 
the following solutions. (Assume complete dissociation.) 

a. 5.0 g NaCl in 25 g H,O 

b. 2.0 g AI(NO3)3 in 15 g HO 


A solution of sodium chloride in water has a vapor pres- 
sure of 19.6 torr at 25°C. What is the mole fraction of 
NaCl in this solution? What would be the vapor pressure 
of this solution at 45°C? The vapor pressure of pure wa- 
ter is 23.8 torr at 25°C and 71.9 torr at 45°C. 


Consider an aqueous solution containing sodium chlo- 
ride that has a density of 1.01 g/mL. Assume that the 
solution behaves ideally. The freezing point of this solu- 
tion at 1.00 atm is —1.28°C. Calculate the percent com- 
position of this solution (by mass). 


Consider the following solutions: 


0.010 m Na3POx, in water 

0.020 m CaBr) in water 

0.020 m KCI in water 

0.020 m HF in water (HF is a weak acid.) 


a. Assuming complete dissociation of the soluble salts, 
which solution(s) would have the same boiling point 
as 0.040 m CgH42O¢ in water? (C,H 120, is a 
nonelectrolyte.) 

b. Which solution would have the highest vapor pres- 
sure at 28°C? 

c. Which solution would have the largest freezing-point 
depression? 


From the following: 
pure water 
solution of Cs5H;20¢ (X = 0.01) in water 


solution of NaCl (¥ = 0.01) in water 
solution of CaCl, (¥ = 0.01) in water 


choose the one with the following: 
a. highest freezing point 

b. lowest freezing point 

c. highest boiling point 

d. lowest boiling point 

e. highest osmotic pressure 


79. Determine the van’t Hoff factor for the following ionic 
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solute dissolved in water. 
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Consider the following representations of an ionic solute 
in water. Which flask contains MgSO, and which flask 
contains NaCl? How can you tell? 





The freezing-point depression of a 0.091 m solution of 
CsCl is 0.320°C. The freezing-point depression of a 
0.091 m solution of CaCl, is 0.440°C. In which solution 
does ion association appear to be greater? Explain. 


Consider the following: 
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Semipermeable 
membrane 


What would happen to the level of liquid in the two 
arms if the semipermeable membrane separating the two 
liquids were permeable to 

a. HO (the solvent) only? 

b. H,O and solute? 


A water desalination plant is set up near a salt marsh 
containing water that is 0.10 M NaCl. Calculate the 
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minimum pressure that must be applied at 20.°C to pu- 
rify the water by reverse osmosis. Assume that NaCl is 
completely dissociated. 


Calculate the freezing point and the boiling point of each 
of the following aqueous solutions. (Assume complete 
dissociation.) 


a. 0.050 m MgCl, b. 0.050 m FeCl; 


. Calculate the freezing point and the boiling point of each 


of the following solutions using the observed van’t Hoff 
factors in Table 17.6. 
a. 0.050 m MegCl, b. 0.050 m FeCl; 


Use the data in the following table for three different 
aqueous solutions of CaCl, to calculate the apparent 
value of the van’t Hoff factor. 


Freezing-Point 


Molality Depression (°C) 
0.0225 0.110 
0.0910 0.440 
0.278 1.330 


Additional Exercises 
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. A 0.500-g sample of a compound is dissolved in enough 


water to form 100.0 mL of solution. This solution has an 
osmotic pressure of 2.50 atm at 25°C. If each molecule 
of the solute dissociates into two particles (in this sol- 
vent), what is the molar mass of this solute? 


In the winter of 1994, record low temperatures were reg- 
istered throughout the United States. For example, in 
Champaign, Illinois, a record low of —29°F was regis- 
tered. At this temperature can salting icy roads with 
CaCl, be effective in melting the ice? 

a. Assume that 7 = 3.00 for CaCl. 

b. Assume the average value of i from Exercise 86. 

(The solubility of CaCl, in cold water is 74.5 g per 
100.0 g of water.) 
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The Tyndall effect is often used to distinguish between a 
colloidal suspension and a true solution. Explain. 


Detergent molecules can stabilize the emulsion of oil in 
water as well as remove dirt from soiled clothes. A typi- 
cal detergent is sodium dodecylsulfate (SDS), which has 
a formula of CH3(CH:);)>(CH2SO4-Na*. In aqueous so- 
lution, SDS suspends oil or dirt by forming small aggre- 
gates of detergent anions called micelles. Propose a 
structure for micelles. 

The destruction of a colloid is done through a process 
called coagulation. What is coagulation? 

What stabilizes a colloidal suspension? Explain why 
adding heat or adding an electrolyte can cause the sus- 
pended particles to settle out. 


. The term proof is defined as twice the percent by volume 


of pure ethanol in solution. Thus a solution that is 95% 
(by volume) ethanol is 190 proof. What is the molarity 
of ethanol in a 92-proof ethanol-water solution? As- 
sume the density of ethanol (C)H;OH) is 0.79 g/cm? and 
the density of water is 1.0 g/cm’, 


Patients undergoing an upper gastrointestinal tract labo- 
ratory test are typically given an X-ray contrast agent 
that aids with the radiologic imaging of the anatomy. 
One such contrast agent is sodium diatrizoate, a non- 
volatile water-soluble compound. A 0.378-m solution is 
prepared by dissolving 38.4 g of sodium diatrizoate 
(NaDTZ) in 1.60 X 10? mL of water at 31.2°C (the den- 
sity of water at 31.2°C is 0.995 g/mL). What is the molar 
mass of sodium diatrizoate? What is the vapor pressure 
of this solution if the vapor pressure of pure water at 
31.2°C is 34.1 torr? 
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. The freezing point of an aqueous solution is —2.79°C. 


a. Determine the boiling point of this solution. 

b. Determine the vapor pressure (in mm Hg) of this 
solution at 25°C (the vapor pressure of pure water at 
25°C is 23.76 mm Hg). 

c. Explain any assumptions you make in solving parts 


a and b. 


An aqueous solution containing 0.250 mole of Q, a 
strong electrolyte, in 5.00 X 10? g of water freezes at 
—2.79°C. What is the van’t Hoff factor for Q? The molal 
freezing-point depression constant for water is 1.86°C 
kg/mol. What is the formula of Q if it is 38.68% chlorine 
by mass and there are twice as many anions as cations in 
one formula unit of Q? 


. The solubility of benzoic acid, 


| 
O 


is 0.34 g/100 mL in water at 25°C and 10.0 g/100 mL in 
benzene (C,H,) at 25°C. Rationalize this solubility behav- 
ior. For a 1.0-m solution of benzoic acid in benzene, 
would the measured freezing-point depression be equal 
to, greater than, or less than 5.12°C? (Ky = 5.12°C kg/mol 
for benzene.) 


Would benzoic acid be more or less soluble in a 0.1-M 
NaOH solution than it is in water? 


In a coffee-cup calorimeter, 1.60 g of NH4NO3 was 
mixed with 75.0 g of water at an initial temperature of 
25.00°C. After dissolution of the salt, the final tempera- 
ture of the calorimeter contents was 23.34°C, 
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a. Assuming the solution has a heat capacity of 
4.18 J°C-! g"!, and assuming no heat loss to the 
calorimeter, calculate the enthalpy of solution 
(AH,oin) for the dissolution of NH4NO; in units of 
kJ/mol. 
b. If the enthalpy of hydration for NH4NO; is 
—630. kJ/mol, calculate the lattice energy of 
NH,NO3. 
Specifications for lactated Ringer’s solution, which is 
used for intravenous (IV) injections, are as follows for 
each 100. mL of solution: 


285-315 mg Na* 
14.1-17.3 mg K* 
4.9-6.0 mg Ca?* 
368-408 mg Cl~ 
231-261 mg lactate, C;H;O37 
a. Specify the amounts of NaCl, KCl, CaCl, - 2H20, 
and NaC3H;Q3 needed to prepare 100. mL of lac- 
tated Ringer’s solution. 
b. What is the range of the osmotic pressure of the 
solution at 37°C, given the above specifications? 


In the vapor over a pentane-hexane solution at 25°C, the 
mole fraction of pentane is equal to 0.15. What is the 
mole fraction of pentane in the solution? (See Exercise 
47 for the vapor pressures of the pure liquids.) 


Explain the following on the basis of the behavior of 

atoms and/or ions. 

a. Cooking with hot water is faster in a pressure 
cooker than in an open pan. 

b. Salt is used on icy roads. 

c. Melted sea ice from the Arctic Ocean produces fresh 
water. 

d. CO;(s) (dry ice) does not have a normal boiling 
point under normal atmospheric conditions, even 
though COQ) is a liquid in fire extinguishers. 


Anthraquinone contains only carbon, hydrogen, and oxy- 
gen. When 4.80 mg of anthraquinone is burned, 14.2 mg 
of CO, and 1.65 mg of H;O are produced. The freezing 
point of camphor is lowered by 22.3°C when 1.32 g of 
anthraquinone is dissolved in 11.4 g of camphor. Deter- 
mine the empirical and molecular formulas of anthra- 
quinone. 


An unknown compound contains only carbon, hydro- 
gen, and oxygen. Combustion analysis of the compound 
gives mass percents of 31.57% C and 5.30% H. The 
molar mass is determined by measuring the freezing- 
point depression of an aqueous solution. A freezing 
point of —5.20°C is recorded for a solution made by dis- 
solving 10.56 g of the compound in 25.0 g of water. 
Determine the empirical formula, molar mass, and mo- 
lecular formula of the compound. Assume that the com- 
pound is a nonelectrolyte. 


A forensic chemist is given a white solid that is suspected 
of being pure cocaine (C,;7H2;NO,4, molar mass = 
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303.36 g/mol). She dissolves 1.22 + 0.01 g of the solid 
in 15.60 + 0.01 g of benzene. The freezing point is low- 
ered by 1.32 + 0.04°C. 

a. What is the molar mass of the substance? Assuming 
that the percentage of uncertainty in the calculated 
molar mass is the same as the percentage of uncer- 
tainty in the temperature change, calculate the 
uncertainty in the molar mass. 

b. Could the chemist unequivocally state that the sub- 
stance is cocaine? For example, is the uncertainty 
small enough to distinguish cocaine from codeine 
(CygH»,NO3, molar mass = 299.37)? 

c. Assuming that the absolute uncertainties in the mea- 
surements of temperature and mass remain 
unchanged, how could the chemist improve the pre- 
cision of her results? 


You add an excess of solid MX in 250 g of water. You 
measure the freezing point and find it to be —0.028°C. 
What is the K,, of the solid? 


A solution saturated with a salt of the type M3X; has an 
osmotic pressure of 2.64 X 10~? atm at 25°C. Calculate 
the K,, value for the salt, assuming ideal behavior. 


You take 20.0 g of a sucrose (Cj2H320;;) and NaCl mix- 
ture and dissolve it in 1.00 L of water. The freezing point 
of this solution is found to be —0.426°C. Assuming ideal 
behavior, calculate the mass percent composition of the 
original mixture and the mole fraction of sucrose in the 
original mixture. 


A 0.100-g sample of the weak acid HA (molar 
mass = 100.0 g/mol) is dissolved in 500.0 g of water. 
The freezing point of the resulting solution is —0.0056°C. 
Calculate the value of K, for this acid. Assume molarity 
equals molality in this solution. 


A solid consists of a mixture of NaNO; and Mg(NQO3). 
When 6.50 g of this solid is dissolved in 50.0 g of water, 
the freezing point is lowered by 5.40°C. What is the 
composition of the solid (by mass)? Assume ideal 
behavior. 


A solid mixture contains MgCl, (molar mass = 95.218 
g/mol) and NaCl (molar mass = 58.443 g/mol). When 
0.5000 g of this solid is dissolved in enough water to 
form 1.000 L of solution, the osmotic pressure at 25.0°C 
is observed to be 0.3950 atm. What is the mass percent 
of MgCl, in the solid? (Assume ideal behavior for the 
solution.) 


Some nonelectrolyte solute (molar mass = 142 g/mol) was 
dissolved in 150. mL of a solvent (density = 0.879 g/cm3). 
The elevated boiling point of the solution was 355.4 K. 
What mass of solute was dissolved in the solvent? For the 
solvent, the enthalpy of vaporization is 33.90 kJ/mol, the 
entropy of vaporization is 95.95 J K~! mol~!, and the boil- 
ing-point elevation constant is 2.5 K kg/mol. 
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Carbon tetrachloride (CCl4) and benzene (CsH,) form 
ideal solutions. Consider an equimolar solution of CCl, 
and C,H, at 25°C. The vapor above the solution is col- 
lected and condensed. Using the following data, deter- 
mine the composition in mole fraction of the condensed 
vapor. 





Substance AG} 

C,H, (/) 124.50 kJ/mol 
CHelg) 129.66 kJ/mol 
CCl) ~65.21 kJ/mol 
CCla(g) —60.59 kJ/mol 


You have a solution of two volatile liquids, A and B (as- 
sume ideal behavior). Pure liquid A has a vapor pressure 
of 350.0 torr and pure liquid B has a vapor pressure of 
100.0 torr at the temperature of the solution. The vapor 
at equilibrium above the solution has double the mole 
fraction of substance A as the solution does. What is the 
mole fraction of liquid A in the solution? 


}. The vapor pressure of pure benzene is 750.0 torr and the 


vapor pressure of toluene is 300.0 torr at a certain tem- 
perature. You make a solution by pouring “some” ben- 
zene with “some” toluene. You then place this solution 
in a closed container and wait for the vapor to come into 
equilibrium with the solution. Next, you condense the 
vapor. You put this liquid (the condensed vapor) in a 
closed container and wait for the vapor to come into 
equilibrium with the solution. You then condense this 
vapor and find the mole fraction of benzene in this vapor 
to be 0.714. Determine the mole fraction of benzene in 
the original solution, assuming the solution behaves 
ideally. 
Plants that thrive in salt water must have internal solu- 
tions (inside the plant cells) that are isotonic (same os- 
motic pressure) with the surrounding solution. A leaf of 
a saltwater plant is able to thrive in an aqueous salt solu- 
tion (at 25°C) that has a freezing point equal to 
—0.621°C. You would like to use this information to 
calculate the osmotic pressure of the solution in the cell. 
a. In order to use the freezing-point depression to cal- 
culate osmotic pressure, what assumption must you 
make (in addition to ideal behavior of the solutions, 
which we will assume)? 
b. Under what conditions is the assumption in part a 
reasonable? 
c. Solve for the osmotic pressure (at 25°C) of the solu- 
tion in the plant cell. 
d. The plant leaf is placed in an aqueous salt solution 
(at 25°C) that has a boiling point of 102.0°C. What 
will happen to the plant cells in the leaf? 


In some regions of the southwest United States, the water 
is very hard. For example, in Las Cruces, New Mexico, 
the tap water contains about 560 wg of dissolved solids 
per milliliter. Reverse osmosis units are marketed in this 
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area to soften water. A typical unit exerts a pressure of 

8.0 atm and can produce 45 L of water per day. 

a. Assuming that all the dissolved solids are MgCO;, 
and assuming a temperature of 27°C, what total 
volume of water must be processed to produce 45 L 
of pure water? 

b. Would the same system work for purifying seawa- 
ter? (Assume that seawater is 0.60 M NaCl.) 


Erythrocytes are red blood cells containing hemoglobin. 
In a saline solution, they shrivel when the salt concentra- 
tion is high and swell when the salt concentration is low. 
In a 25°C aqueous solution of NaCl, whose freezing 
point is —0.406°C, erythrocytes neither swell nor shrink. 
If we want to calculate the osmotic pressure of the solu- 
tion inside the erythrocytes under these conditions, what 
do we need to assume? Why? Estimate how good (or 
poor) of an assumption it is. Make this assumption and 
calculate the osmotic pressure of the solution inside the 
erythrocytes. 


A sample containing 0.0500 mole of Fe2(SO4)3 is dis- 
solved in enough water to make 1.00 L of solution. This 
solution contains hydrated $O,?~ and Fe(H,O),?* ions. 
The latter behave as an acid: 


Fe(H,0)2* == Fe(OH)(H,0),2* + H* 


a. Calculate the expected osmotic pressure of this solu- 
tion at 25°C if the above dissociation is negligible. 

b. The actual osmotic pressure of the solution is 
6.73 atm at 25°C. Calculate K, for the dissociation 
reaction of Fe(HO),>*. (To do this calculation, you 
must assume that none of the ions goes through the 
semipermeable membrane. Actually, this is not a 
good assumption for the tiny H* ion.) 


In a solution with carbon tetrachloride as the solvent, the 
compound VCl, undergoes dimerization: 


ON Clg ——— V5 Cle 


When 6.6834 g of VCl, is dissolved in 100.0 g of carbon 
tetrachloride, the freezing point is lowered by 5.97°C. 
Calculate the value of the equilibrium constant for the 
dimerization of VC, at this temperature. (The density of 
the equilibrium mixture is 1.696 g/cm, and K; = 29.8°C 
kg/mol for CCl.) 


. An aqueous solution is 1.00% NaCl by mass and has a 


density of 1.071 g/cm? at 25°C. The observed osmotic 

pressure of this solution is 7.83 atm at 25°C. 

a. What fraction of the moles of NaCl in this solution 
exist as 1on pairs? 

b. Calculate the freezing point that would be observed 
for this solution. 


Liquid A has vapor pressure x, and liquid B has vapor 
pressure y. What is the mole fraction of the liquid mix- 
ture if the vapor above the solution is 30.% A by moles? 
50.% A? 80.% A? (Calculate in terms of x and y.) What 
is the mole fraction of the vapor above the solution if the 
liquid mixture is 30.% A by moles? 50.% A? 80.% A? 
(Calculate in terms of x and y.) 
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Marathon Problem 





123.* Using the following information, identify the strong 
electrolyte whose general formula is 


M,(A)y * zH,O 


Ignore the effect of interionic attractions in the solution. 
a. A” is acommon oxyanion. When 30.0 mg of the 
anhydrous sodium salt containing this oxyanion 





*From James H. Burness, “The Use of “Marathon” Problems as Effective Ve- 
hicles for the Presentation of General Chemistry Lectures,” Journal of Chemical 
Education, 68(11). Copyright © 1991 American Chemical Society. Reprinted by 
permission. 


(Na,A, where x = 1, 2, or 3) is reduced, 15.26 mL 
of 0.02313 M reducing agent is required to react 
completely with the Na,A present. Assume a 

1:1 mole ratio in the reaction. 


. The cation is derived from a silvery white metal that 


is relatively expensive. The metal itself crystallizes in 
a body-centered cubic unit cell and has an atomic 
radius of 198.4 pm. The solid, pure metal has a 
density of 5.243 g/cm’. The oxidation state of M in 
the strong electrolyte general formula is +3. 


. When 33.45 mg of the compound is present (dis- 


solved) in 10.0 mL of aqueous solution at 25°C, the 
solution has an osmotic pressure of 558 torr. 
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OWL 


Sign in to OWL at www.cengage.com/owl 
to view tutorials and simulations, develop 
problem-solving skills, and complete online 
homework assigned by your professor. 


Fe) chemistry 


Download mini lecture videos for 
key concept review and exam prep 
from OWL or purchase them 

from www.cengagebrain.com. 


o far in this book we have covered the major principles and explored the 

most important models of chemistry. In particular, we have seen that the 

chemical properties of the elements can be explained very successfully 

by the quantum mechanical model of the atom. In fact, the most con- 
vincing evidence of that model’s validity is its ability to relate the observed 
periodic properties of the elements to the number of valence electrons in their 
atoms. 

We have learned many properties of the elements and their compounds, 
but we have not discussed extensively the relationship between the chemical 
properties of a specific element and its position on the periodic table. In this 
chapter we will explore the chemical similarities and differences among the ele- 
ments in the several groups of the periodic table and will try to interpret these 
data using the wave mechanical model of the atom. In the process we will il- 
lustrate a great variety of chemical properties and further demonstrate the 
practical importance of chemistry. 
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Metallic character increases going 
down a group in the periodic table. 


Figure 18.1 

The periodic table. The elements in the 
A groups are the representative ele- 
ments. The elements shown in pink are 
called transition metals. The heavy 
black line approximately separates the 
nonmetals from the metals. The ele- 
ments that have both metallic and non- 
metallic properties (semimetals) are 
shaded in blue. 


A Survey of the Representative Elements 


The traditional form of the periodic table is shown in Fig. 18.1. Recall that the 
representative elements, whose chemical properties are determined by the va- 
lence-level s and p electrons, are designated Groups 1A through 8A. The tran- 
sition metals, in the center of the table, result from the filling of d orbitals. The 
elements that correspond to the filling of the 4f and Sf orbitals are listed sepa- 
rately as the lanthanides and actinides, respectively. 

The heavy black line in Fig. 18.1 separates the metals from the nonmetals, 
except for one case. Hydrogen, which appears on the metal side, is a nonmetal. 
Some elements just on either side of this line, such as silicon and germanium, 
exhibit both metallic and nonmetallic properties. These elements are often 
called metalloids, or semimetals. The fundamental chemical difference between 
metals and nonmetals is that metals tend to lose their valence electrons to form 
cations, which usually have the valence electron configuration of the noble gas 
from the preceding period. On the other hand, nonmetals tend to gain elec- 
trons to form anions that exhibit the electron configuration of the noble gas in 
the same period. Metallic character is observed to increase in going down a 
given group, which is consistent with the trends in ionization energy, electron 
affinity, and electronegativity discussed earlier (see Sections 12.15 and 13.2). 
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Figure 18.2 
Some atomic radii (in picometers). 
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Atomic Size and Group Anomalies 


Although the chemical properties of the members of a group have many simi- 
larities, there are also important differences. The most dramatic differences 
usually occur between the first and second member. For example, hydrogen in 
Group IA is a nonmetal, whereas lithium is a very active metal. This extreme 
difference results primarily from the very large difference in the atomic radii of 
hydrogen and lithium, as shown in Fig. 18.2. Since the small hydrogen atom 
has a much greater attraction for electrons than do the larger members of 
Group 1A, it forms covalent bonds with nonmetals. In contrast, the other 
members of Group 1A lose their valence electrons to nonmetals to form 1+ 
cations in ionic compounds. 

The effect of size is also evident in other groups. For example, the oxides 
of the metals in Group 2A are all quite basic except for the first member of the 
series; beryllium oxide (BeO) is amphoteric. The basicity of an oxide depends 
on its ionic character. Ionic oxides contain the O?~ ion, which reacts with wa- 
ter to form two OH 7 ions. All the oxides of the Group 2A metals are highly 
ionic except for beryllium oxide, which has considerable covalent character. 
The small Be** ion can effectively polarize the electron “cloud” of the O7~ ion, 
thereby producing significant electron sharing. We see the same pattern in 
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Figure 18.3 

The structure of quartz, which has the 
empirical formula SiOz. Note that the 
structure is based on interlocking SiO, 
tetrahedra, in which each oxygen atom 
is shared by two silicon atoms. 


Group 3A, where only the small boron atom behaves as a nonmetal, or some- 
times as a semimetal, whereas aluminum and the other members are active 
metals. 

In Group 4A the effect of size is reflected in the dramatic differences be- 
tween the chemical properties of carbon and silicon. The chemistry of carbon 
is dominated by molecules containing chains of C—C bonds, but silicon com- 
pounds mainly contain Si—O bonds rather than Si—Si bonds. Silicon does 
form compounds with chains of Si—Si bonds, but these compounds are much 
more reactive than the corresponding carbon compounds. The reasons for the 
difference in reactivity between the carbon and silicon compounds are quite 
complex but are likely related to the differences in the sizes of the carbon and 
silicon atoms. 

Carbon and silicon also differ markedly in their abilities to form 7 bonds. 
As we discussed in Section 14.1, carbon dioxide is composed of discrete CO2 
molecules with the Lewis structure 


O=a—O. 


where the carbon and oxygen atoms achieve the [Ne] configuration by forming 
a bonds. In contrast, the structure of silica (empirical formula SiOz) is based 
on SiO, tetrahedra with Si—O—Si bridges, as shown in Fig. 18.3. The silicon 
3p valence orbitals do not overlap very effectively with the smaller oxygen 
2p orbitals to form 7 bonds; therefore, discrete SiO molecules with the Lewis 
structure 


C2I=6, 


are not stable. Instead, the silicon atoms achieve a noble gas configuration by 
forming four Si—O single bonds. 

The importance of 7 bonding for the relatively small elements of the sec- 
ond period also explains the different elemental forms of the members of 
Groups SA and 6A. For example, elemental nitrogen exists as very stable N> 
molecules with the Lewis structure : N=N:. Elemental phosphorus forms 
larger aggregates of atoms, the simplest being the tetrahedral P, molecules 
found in white phosphorus (see Fig. 18.18). Like silicon atoms, the relatively 
large phosphorus atoms do not form strong 7 bonds but prefer to achieve a 
noble gas configuration by forming single bonds to several other phosphorus 
atoms. In contrast, its very strong 7 bonds make the N» molecule the most 
stable form of elemental nitrogen. Similarly, in Group 6A the most stable form 
of elemental oxygen is the O) molecule with a double bond. However, the 
larger sulfur atom forms bigger aggregates, such as the cyclic Sx molecule (see 
Fig. 18.22), which contain only single bonds. 

The relatively large change in size in going from the first to the second 
member of a group also has important consequences for the Group 7A ele- 
ments. For example, fluorine has a smaller electron affinity than chlorine. This 
violation of the expected trend can be attributed to the fact that the small size 
of the fluorine 2p orbitals causes unusually large electron-electron repulsions. 
The relative weakness of the bond in the F) molecule can be explained in terms 
of the repulsions among the lone pairs, shown in the Lewis structure: 


:F—F: 
The small size of the fluorine atoms allows close approach of the lone pairs, 


which leads to much greater repulsions than those found in the Cl, molecule 
with its much larger atoms. 
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Table 18.1 


Distribution (Mass Percent) of the 18 Most Abundant Elements 
in the Earth’s Crust, Oceans, and Atmosphere 














Element Mass Percent Element Mass Percent 
Oxygen 49.2 Chlorine OA) 
Silicon 207 Phosphorus 0.11 
Aluminum 7.50 Manganese 0.09 
Iron 4.71 Carbon 0.08 
Calcium aase Sulfur 0.06 
Sodium 2:63 Barium 0.04 
Potassium 2.40 Nitrogen 0.03 
Magnesium 1.93 Fluorine 0.03 
Hydrogen 0.87 All others 0.49 





Titanium 0.58 


Thus the relatively large increase in atomic radius in going from the first to 
the second member of a group causes the first element to exhibit properties 
quite different from the others. 


Abundance and Preparation 


Table 18.1 shows the distribution of elements in the earth’s crust, oceans, and 
atmosphere. The major element is, of course, oxygen, which is found in the 
atmosphere as Oo, in the oceans as HO, and in the earth’s crust primarily in 
silicate and carbonate minerals. The second most abundant element, silicon, is 
found throughout the earth’s crust in the silica and silicate minerals that form 
the basis of most sand, rocks, and soil. The most abundant metals, aluminum 
and iron, are found in ores, in which they are combined with nonmetals, most 
commonly oxygen. One notable fact revealed by Table 18.1 is the small inci- 
dence of most transition metals. Since many of these relatively rare elements 
are assuming increasing importance in our high-technology society, it is pos- 
sible that the control of transition metal ores may ultimately have more signifi- 
cance in world politics than will control of petroleum supplies. 

The distribution of elements in living materials is very different from that 
found in the earth’s crust. Table 18.2 shows the distribution of elements in the 


Table 18.2 


Abundance of Elements in the Human Body 





Trace Elements 





Major Elements Mass Percent (in alphabetical order) 
Oxygen 65.0 Arsenic 
Carbon 18.0 Chromium 
Hydrogen 10.0 Cobalt 
Nitrogen 3.0 Copper 
Calcium 1.4 Fluorine 
Phosphorus 1.0 Iodine 
Magnesium 0.50 Manganese 
Potassium 0.34 Molybdenum 
Sulfur 0.26 Nickel 
Sodium 0.14 Selenium 
Chlorine 0.14 Silicon 

Iron 0.004 Vanadium 


Zinc 0.003 
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Sand, such as that found in the 
massive sand dunes bordering the 
desert plain near Namib, Namibia, is 
composed of silicon and oxygen. 


Carbon is the cheapest and most 
readily available industrial reducing 
agent for metallic ions. 


The preparation of sulfur and the halo- 
gens is discussed later in this chapter. 
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human body. Oxygen, carbon, hydrogen, and nitrogen form the basis for all 
biologically important molecules. The other elements, even though they are 
found in relatively small amounts, are often crucial for life. For example, zinc 
is found in over 150 different biomolecules in the human body. 

Only about one-fourth of the elements occur naturally in the free state. 
Most are found in a combined state. The process of obtaining a metal from its 
ore is called metallurgy. Since the metals in ores are found in the form of cat- 
ions, the chemistry of metallurgy always involves reduction of the ions to the 
elemental metal (with an oxidation state of zero). A variety of reducing agents 
can be used, but carbon is the usual choice because of its wide availability and 
relatively low cost. 

Electrolysis is often used to reduce the most active metals. In Chapter 11 
we considered the electrolytic production of aluminum metal. The alkali met- 
als are also produced by electrolysis, usually of their molten halide salts. 

The preparation of nonmetals varies widely. Elemental nitrogen and oxy- 
gen are usually obtained from the liquefaction of air, which is based on the 
principle that a gas cools as it expands. After each expansion, part of the cooler 
gas is compressed, whereas the rest is used to carry away the heat of the com- 
pression. The compressed gas is then allowed to expand again. This cycle is 
repeated many times. Eventually, the remaining gas becomes cold enough to 
form the liquid state. Because liquid nitrogen and liquid oxygen have different 
boiling points, they can be separated by the distillation of liquid air. Both sub- 
stances are important industrial chemicals, with nitrogen ranking second in 
terms of amount manufactured in the United States (approximately 60 billion 
pounds per year) and oxygen ranking third (over 40 billion pounds per year). 
Hydrogen can be obtained from the electrolysis of water, but more commonly 
it is obtained from the decomposition of the methane in natural gas. Sulfur is 
found underground in its elemental form and is recovered by the Frasch pro- 
cess (see Section 18.12). The halogens are obtained by oxidation of the anions 
from halide salts (see Section 18.13). 





18.2 








The Group 1A Metals 


The Group 1A elements with their ms! valence electron configurations are all 
very active metals (they lose their valence electrons very readily), except for 
hydrogen, which behaves as a nonmetal. We will discuss the chemistry of hy- 
drogen in the next section. Many of the properties of the alkali metals have 
been given previously (see Section 12.16). The sources and methods of prepa- 
ration of pure alkali metals are given in Table 18.3. The ionization energies, 
standard reduction potentials, ionic radii, and melting points for the alkali 
metals are listed in Table 18.4. 

In Section 12.16 we saw that the alkali metals all react vigorously with 
water to release hydrogen gas: 


2M(s) + 2H,O(/) —> 2M*(aq) + 20H~(aq) + Hy(g) 
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Figure 18.4 

Lepidolite is mainly composed of 
lithium, aluminum, silicon, and oxygen, 
but it also contains significant amounts 
of rubidium and cesium. 


Several properties of the alkali metals 


are given in Table 12.9 





Sodium reacts violently with water. 
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Table 18.3 














Element Source Method of Preparation 
Lithium Silicate minerals such as Electrolysis of molten LiCl 
spodumene, LiAl(SirO¢) 
Sodium NaCl Electrolysis of molten NaCl 
Potassium KCl Electrolysis of molten KC] 
Rubidium Impurity in lepidolite, Reduction of RbOH with Mg 
Li.(F,OH),AL(SiO3)3 and H, 
Cesium Pollucite (Cs4Al4SigQ7¢ + H2O) Reduction of CsOH with Mg 
and an impurity in lepidolite and H, 
(Fig. 18.4) 





We will reconsider this process briefly because it illustrates several important 
concepts. From the ionization energies, we might expect lithium to be the 
weakest of the alkali metals as a reducing agent in water. However, the stan- 
dard reduction potentials indicate that it is the strongest. This reversal results 
mainly from the very large energy of hydration of the small Lit ion. Because of 
its relatively high charge density, the Li* ion very effectively attracts water 
molecules. A large quantity of energy is released in the process, favoring the 
formation of the Li* ion and making lithium a strong reducing agent in aque- 
ous solution. 

We also saw in Section 12.16 that lithium, although it is the strongest re- 
ducing agent, reacts more slowly with water than sodium or potassium. From 
the discussions in Chapters 10 and 15, we know that the equilibrium position 
for a reaction (in this case indicated by the €° values) is controlled by thermo- 
dynamic factors but that the rate of a reaction is controlled by kinetic factors. 
There is mo direct connection between these factors. Lithium reacts more 
slowly with water than sodium or potassium because as a solid lithium has a 
higher melting point than either of the other elements. Since lithium does not 
become molten from the heat of reaction with water as sodium and potassium 
do, it has a smaller area of contact with the water. 

Table 18.5 summarizes some important reactions of the alkali metals. 

The alkali metal ions are very important for the proper functioning of bio- 
logical systems such as nerves and muscles; Na* and K* ions are present in all 
body cells and fluids. In human blood plasma, the concentrations are 


[Nat]~0.15M and [K+] ~ 0.005 M 
In the fluids inside the cells, the concentrations are reversed: 


[Na*] ~ 0.005 M and [K*] ~ 0.16 M 


Table 18.4 
Selected Physical Properties of the Alkali Metals 





Ionization Standard Reduction 





Energy Potential (V) for Radius Melting 
Element (kJ/mol) Mr +e> => M of M* (pm) Point (°C) 
Lithium 520 = 3.05 60 180 
Sodium 495 = 27 ll 5) 98 
Potassium 419 =P Ns) 64 
Rubidium 409 = 99) 148 39 


Cesium 382 =S AW 169 MQ 
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Table 18.5 


Selected Reactions of the Alkali Metals 
Te aed eS hon Ie ian ae NO i  —- rce 





Reaction Comment 

2M + X; —> 2MX X, = any halogen molecule 
4Li + O; — > 2LiO Excess oxygen 

2Na + O, SSS NazOz 

M+0O, — MO, M = Kj iRibwor Gs 

2M + § —> M2S 

6Li + Ny —> 2Li3N Li only 


12M + P, ——> 4M3P 

2M + H, —> 2MH 

2M + 2H,O > 2MOH CLE H, 

2M +2 52M Eb Violent reaction! 





Since the concentrations are so different inside and outside the cells, an elabo- 
rate mechanism involving selective ligands is needed to transport Na~ and K~ 
ions through the cell membranes. 
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The Chemistry of Hydrogen 


Under ordinary conditions of temperature and pressure, hydrogen is a color- 
less, odorless gas composed of H; molecules. Because of its low molar mass 
and nonpolarity, hydrogen has a very low boiling point (—253°C) and melting 
point (—260°C). Hydrogen gas is highly flammable; mixtures of air containing 
from 18% to 60% hydrogen by volume are explosive. In a common lecture 
demonstration, hydrogen and oxygen gases are bubbled into soapy water. The 
resulting bubbles are then ignited with a candle on a long stick, producing a 
loud explosion. 

The major industrial source of hydrogen gas is the reaction of methane 
with water at high temperatures (800-1000°C) and pressures (10-50 atm) in 
the presence of a metallic catalyst (often nickel): 


Heat, pressure 


CH,(g) + H»O(g) CO(g) + 3H2(g) 


Catalyst 
Large quantities of hydrogen are also formed as a by-product of gasoline pro- 
duction, when hydrocarbons with high molecular masses are broken down (or 
cracked) to produce smaller molecules more suitable for use as a motor fuel. 

Very pure hydrogen can be produced by the electrolysis of water (see Sec- 
tion 11.7), but this method is currently not economically feasible for large- 
scale production because of the relatively high cost of electricity. 

The major industrial use of hydrogen is in the production of ammonia by 
the Haber process. Large quantities of hydrogen are also used for hydrogenat- 
ing unsaturated vegetable oils (those containing carbon-carbon double bonds) 
to produce solid shortenings that are saturated (containing carbon-carbon 
single bonds): 


Int Tl ls! Jel 
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The catalysis of this process was discussed in Section 15.9. 


(left) Hydrogen gas being used to blow 
soap bubbles. (right) As the bubbles 
float upward, they are lighted by using 
a candle on a long stick. The orange 
flame results from the heat of the reac- 
tion between hydrogen and oxygen, 
which excites sodium atoms in the 
soap bubbles. 


Boiling points of covalent hydrides 
were discussed in Section 16.1. 
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Chemically, hydrogen behaves as a typical nonmetal, forming covalent 
compounds with other nonmetals and forming salts with very active metals. 
Binary compounds containing hydrogen are called hydrides, of which there are 
three classes. The ionic (or saltlike) hydrides are formed when hydrogen com- 
bines with the most active metals, those from Groups 1A and 2A. Examples 
are LiH and CaH, which can best be characterized as containing hydride ions 
(H~) and metal cations. Because the presence of two electrons in the small 1s 
orbital produces large electron-electron repulsions and because the nucleus 
has only a 1+ charge, the hydride ion is a strong reducing agent. For example, 
when ionic hydrides are placed in water, a violent reaction takes place. This 
reaction results in the formation of hydrogen gas, as seen in the equation 


LiH(s) + H,O(/) ——> H)(g) + Lit(ag) + OH“ (aq) 


Covalent hydrides are formed when hydrogen combines with other non- 
metals. We have encountered many of these compounds already: HCl, CHg, 
NH;, HO, and so on. The most important covalent hydride is water. The 
polarity of the H,O molecule leads to many of water’s unusual properties. 
Water has a much higher boiling point than is expected from its molar mass. It 
has a large heat of vaporization and a large heat capacity, both of which make 
it a very useful coolant. Water has a higher density as a liquid than as a solid 
because of the open structure of ice, which results from maximizing the hydro- 
gen bonding (Fig. 18.5). Because water is an excellent solvent for ionic and 
polar substances, it provides an effective medium for life processes. In fact, 
water is one of the few covalent hydrides that is nontoxic to organisms. 

The third class of hydrides is the metallic, or interstitial, hydrides, which 
are formed when transition metal crystals are treated with hydrogen gas. The 
hydrogen molecules dissociate at the metal’s surface, and the small hydrogen 
atoms migrate into the crystal structure to occupy holes, or interstices. These 
metal—-hydrogen mixtures are more like solid solutions than true compounds. 
Palladium can absorb about 900 times its own volume of hydrogen gas. In fact, 
hydrogen can be purified by placing it under slight pressure in a vessel contain- 
ing a thin wall of palladium. The hydrogen diffuses into and through the metal 
wall, leaving the impurities behind. 

Although hydrogen can react with transition metals to form compounds 
such as UH; and FeHg, most of the interstitial hydrides have variable composi- 
tions (often called nonstoichiometric compositions) with formulas such as 
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Figure 18.5 
The structure of ice, showing the 
hydrogen bonding. 


See Section 9.8 for a discussion of the 
feasibility of using hydrogen gas as a 
fuel. 
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LaH) 7 and VHp.5s. The compositions of the nonstoichiometric hydrides vary 
with the length of exposure of the metal to hydrogen gas. 

When interstitial hydrides are heated, much of the absorbed hydrogen is 
lost as hydrogen gas. Because of this behavior, these materials offer possibili- 
ties for storing hydrogen for use as a portable fuel. The internal combustion 
engines in current automobiles can burn hydrogen gas with little modification, 
but storage of enough hydrogen to provide an acceptable mileage range re- 
mains a problem. One possible solution might be to use a fuel tank containing 
a porous solid that includes a transition metal. The hydrogen gas could be 
pumped into the solid to form the interstitial hydride. The hydrogen gas could 
then be released when the engine requires additional energy. This system is 
now being tested by several automobile companies. 





An amphoteric oxide displays both 
acidic and basic properties. 





The Group 2A Elements 


The Group 2A elements (with the valence electron configuration ms*) are very 
reactive, losing their two valence electrons to form ionic compounds that con- 
tain M?* cations. These elements are commonly called the alkaline earth met- 
als because of the basicity of their oxides: 


MO(s) + H,O(/) —> M2+(aq) + 20H-(aq) 


Only the amphoteric beryllium oxide (BeO) also shows some acidic properties, 
such as dissolving in aqueous solutions containing hydroxide ions: 


BeO(s) + 20H (aq) + H,O(/) — > Be(OH),4?~ (aq) 


The more active alkaline earth metals react with water as the alkali metals 
do, producing hydrogen gas: 


M(s) + 2H,O(/) —~> M?*(aq) + 20H“ (aq) + Hy(g) 


Calcium, strontium, and barium react vigorously at 25°C. The less easily oxi- 
dized beryllium and magnesium show no observable reaction with water at 
25°C, although magnesium reacts with boiling water. Table 18.6 summarizes 
various properties, sources, and methods of preparation of the alkaline earth 
metals. 

The alkaline earth metals have great practical importance. Calcium and 
magnesium ions are essential for human life. Calcium is found primarily in the 
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Table 18.6 
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Selected Physical Properties, Sources, and Methods of Preparation of the Group 2A Elements 














Ionization 
18) 
Radius cae 
"Gr (kJ/mol) p 
of M? ee €° (V) for Method of 
Element (pm) First Second M?t + 26- —> M Source Preparation 
Beryllium ~300 900 1760 S170 Beryl Electrolysis of 
(Be3Al,SigOj8) molten BeCl, 
Magnesium 65 738) 1445 sey) Magnesite (MgCQs3), Electrolysis of 
dolomite (MgCO; - CaCQ3), molten MgCl, 
carnallite (MgCl, - KCl - 6H,O) 
Calcium 99 590 1146 276 Various minerals containing Electrolysis of 
CaCO; molten CaCl, 
Strontium 113 549 1064 =2:52 Celestite (SrSO,4), Electrolysis of 
strontianite (SrCO3) molten SrCl, 
Barium 135 S03 965 a) Baryte (BaSO,), Electrolysis of 
witherite (BaCO3) molten BaCl, 
Radium 140 509 979 292 Pitchblende Electrolysis of 





Calcium metal reacting with water to 
form bubbles of hydrogen gas. 


molten RaCl, 


(1 g of Ra/7 tons of ore) 











structural minerals composing bones and teeth. Magnesium (as the Mg** ion) 
plays a vital role in metabolism and in muscle functions. Because magnesium 
metal has a relatively low density and displays moderate strength, it is a useful 
structural material, especially if alloyed with aluminum. 

Table 18.7 summarizes some important reactions involving the alkaline 
earth metals. 

Relatively large concentrations of Ca** and Mg?* ions are often found in 
natural water supplies. These ions in this so-called hard water interfere with 
the action of detergents and form precipitates with soap. In Section 7.6 we saw 
that Ca** is often removed by precipitation as CaCO; in large-scale water 
softening. In individual homes Ca**, Mg?*, and other cations are removed by 
ion exchange. An ion exchange resin consists of large molecules (polymers) 
that have many ionic sites. A cation exchange resin is represented schemati- 


Table 18.7 


Selected Reactions of the Group 2A Elements 








Comment 


Reaction 


M+ X, —> MX, 
2M + O, —— > 2MO 
M+S —> MS 

3M + N, —> M;N2 
6M + Py —> 2M3P) 
M + H, — MH) 





X, = any halogen molecule 


Ba gives BaQO) as well 


High temperatures 

High temperatures 

M = Ca, Sr, or Ba; high tempera- 
tures; Mg at high pressure 

M+ 2H,0 — > M(OH), + H2 M = Ga, Sr, or Ba 
M + 2H* —> M?** + H) 


Be + 20H- + 2H,O —-> Be(OH),?~ + Hp 
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Resin Hard water Resin Hard water Resin Soft water 





(b) 


(a) 


Figure 18.6 
(a) A schematic representation of a 
typical cation exchange resin. 


(b) and (c) When hard water is passed cally in Fig. 18.6(a), showing Na* ions bound ionically to the SO3” groups that 
over the cation exchange resin, the are covalently attached to the resin polymer. When hard water is passed over 
Ca?* and Mg** bind to the resin. the resin, Ca2* and Mg** bind to the resin in place of Na*, which is released 


into the solution [Fig. 18.6(b)]. Replacing Mg** and Ca?* by Na* [Fig. 18.6(c)] 
“softens” the water because the sodium salts of soap are soluble. 
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3A The Group 3A elements (valence electron configuration ns*np') generally show 
le the increase in metallic character in going down the group that is characteristic 
—— __ of the representative elements. Some physical properties, sources, and methods 
Al of preparation of the Group 3A elements are summarized in Table 18.8. 
Pa, | Boron is a typical nonmetal, and most of its compounds are covalent. The 
most interesting compounds of boron are the covalent hydrides called boranes. 
In We might expect BH; to be the simplest hydride, since boron has three valence 
ee electrons to share with three hydrogen atoms. However, this compound is un- 








| stable, and the simplest known member of the series is diborane (B»H,), with 
the structure shown in Fig. 18.7(a). In this molecule the terminal B—H bonds 
are normal covalent bonds, each involving one electron pair. The bridging 
bonds are three-center bonds similar to those in solid BeH>. Another interest- 
ing borane contains the square pyramidal B;Hy molecule [Fig. 18.7(b)], which 


Table 18.8 


Selected Physical Properties, Sources, and Methods of Preparation of the Group 3A Elements 





Radius Ionization 
of M3+ Energy €° (V) for 
Element (pm) (kJ/mol) NE" 36 M Source Method of Preparation 
Daw ne ee on eet FEO 2S | ow eee ee 
Boron 20 798 -- Kernite, a form of borax Reduction by Mg or H 
(Na2B4O7 - 4H,O) 
Aluminum 50 581 Shoo Bauxite (Al,O;) Electrolysis of Al,O3 in 
molten Na3AlF, 
Gallium 62 S77 =0),53} Traces in various minerals Reduction with H, or 
electrolysis 
Indium 81 556 —0.34 Traces in various minerals Reduction with H, or 
electrolysis 
Thallium 95 589 0.72 Traces in various minerals Electrolysis 


ae eee i See aL ie ee 





The Advertizing Archive, London 


An old ad from The Saturday Evening 
Post for Boraxo, a hand-cleaning 
product containing sodium tetraborate 
(NaB.O;). Extensive natural deposits of 
borax (Na2B4O7 - 10H2O) found in 
saline lakes near Death Valley, Califor- 
nia, were hauled to a factory in wagons 
pulled by teams of 20 mules—hence 
the name 20 Mule Team Borax. 
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Gallium melts in the hand. 
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(a) (b) 

Figure 18.7 

(a) The structure of BoHe with its two three-center B—H—B bridging bonds and four 
“normal” B—H bonds. (b) The structure of BsHg. There are five “normal” B—H bonds to ter- 
minal hydrogens and four three-center bridging bonds around the base. 


has four three-center bonds situated around the base of the pyramid. Because 
the boranes are extremely electron-deficient, they are highly reactive. The bo- 
ranes react very exothermically with oxygen and were once evaluated as poten- 
tial fuels for rockets in the U.S. space program. 

Aluminum, the most abundant metal on earth, has metallic physical prop- 
erties, such as high thermal and electrical conductivities and a lustrous appear- 
ance; however, its bonds to nonmetals are significantly covalent. This cova- 
lency is responsible for the amphoteric nature of Al,O3, which dissolves in 
acidic or basic solution, and for the acidity of Al(H.O),°* (see Section 7.8): 


Al(H20)6°*(aq) == Al(OH)(H20);**(aq) + H*(aq) 





One especially interesting property of gallium is its unusually low melting 
point of 29.8°C, which is in contrast to the 660°C melting point of aluminum. 
Also, since gallium’s boiling point is about 2400°C, it has the largest liquid 
range of any metal. This makes it useful for thermometers, especially to mea- 
sure high temperatures. Gallium, like water, expands when it freezes. The 
chemistry of gallium is quite similar to that of aluminum. For example, Ga2O3 
is amphoteric. 

The chemistry of indium is similar to that of aluminum and gallium except 
that compounds containing the 1+ ion are known, such as InCl and In,O, in 
addition to those with the more common 3+ ion. The chemistry of thallium is 
completely metallic. 

Table 18.9 summarizes some important reactions of the Group 3A 
elements. 


Table 18.9 


Selected Reactions of the Group 3A Elements 





Reaction 


Comment 








2M + 3X, — > 2MX; 
4M aia 30, =e 2M,0;3 
2M + 38S — > M,S; 


2M + N, —> 2MN 
2M + 6H* —> 2M?+ + 3H, 
2M + 2OH~ + 6H,O — > 2M(OH), + 3H? 


X, = any halogen molecule; T] 
gives TLX as well, but no TI 


High temperatures; Tl gives 
TLO as well 

High temperatures; Tl gives T1,S 
as well 

M = Al only 

M = Al, Ga, or In; Tl gives Tl* 
M = Al or Ga 
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18.6 | The Group 4A Elements 


Group 4A (with the valence electron configuration ms*np*) contains two of the 


4A 
“c| most important elements on earth: carbon, the fundamental constituent of the 
-—— molecules necessary for life, and silicon, which forms the basis of the geologi- 
| Si cal world. The change from nonmetallic to metallic properties seen in Group 
‘Ge 3A is also apparent in going down Group 4A from carbon, a typical nonmetal, 
—— to silicon and germanium, usually considered semimetals, to the metals tin and 
ee lead. Table 18.10 summarizes some physical properties, sources, and methods 
ee of preparation of the elements in this group. 
- All the Group 4A elements can form four covalent bonds to nonmetals— 








A new form of elemental carbon, the 
fullerenes, was discussed in Chapter 2. 


Table 18.10 


for example, CHa, SiFy, GeBr4, SnCl4, and PbCly. In each of these tetrahedral 
molecules, the central atom is described as sp* hybridized by the localized elec- 
tron model. 

We have seen that carbon also differs markedly from the other members of 
Group 4A in its ability to form 7 bonds. This accounts for the completely dif- 
ferent structures and properties of CO, and SiO;. Note from Table 18.11 that 
C—C bonds and Si—O bonds are stronger than Si—Si bonds. This partly ex- 
plains why the chemistry of carbon is dominated by C—C bonds, whereas that 
of silicon is dominated by Si—O bonds. 

Carbon occurs in the allotropic forms graphite, diamond, and fullerenes, 
whose structures were given in Section 16.5. The most important chemistry of 
carbon is organic chemistry, which is described in detail in Chapter 21. 

Silicon, the second most abundant element in the earth’s crust, is a semi- 
metal found widely distributed in silica and silicates (see Section 16.5). About 
85% of the earth’s crust is composed of these substances. Although silicon is 
found in some steel and aluminum alloys, its major use is in semiconductors 
for electronic devices (see Chapter 16). 

Germanium, a relatively rare element, is a semimetal used mainly in the 
manufacture of semiconductors for transistors and similar electronic devices. 

Tin is a soft, silvery metal that can be rolled into thin sheets (tin foil) and 
has been used for centuries in various alloys such as bronze (20% Sn and 80% 
Cu), solder (33% Sn and 67% Pb), and pewter (85% Sn, 7% Cu, 6% Bi, and 
2% Sb). Tin exists as three allotropes: white tin, stable at normal temperatures; 
gray tin, stable at temperatures below 13.2°C; and brittle tin, found at tem- 
peratures above 161°C. When tin is exposed to low temperatures, it gradually 
changes to powdery gray tin and crumbles away; this is known as tin disease. 


Selected Physical Properties, Sources, and Methods of Preparation of the Group 4A Elements 

















Melting Boiling 
Element Electronegativity Point (°C) Point (°C) Source Method of Preparation 
Carbon 2.6 SHY, — Graphite, diamond, = 
(sublimes) petroleum, coal 
Silicon NES, 1410 2355) Silicate minerals, silica | Reduction of K,SiF, with Al, or 
reduction of SiO, with Mg 

Germanium DAO o8i, 2830 Germinate (mixture of | Reduction of GeO) with H; or C 

copper, iron, and 

germanium sulfides) 
Tin 250) 232 2270 Cassiterite (SnO>) Reduction of SnO, with C 
Lead 23 827, 1740 Galena (PbS) Roasting of PbS with O, to form 





PbO) and then reduction with C 
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Beethoven: Hair Is the Story _ Chemical Insights 





Ludwig van Beethoven, arguably the greatest com- 
poser who ever lived, led a troubled life fraught 
with sickness, deafness, and personality aberra- 
tions. Now we may know the source of these diffi- 
culties: lead poisoning. Scientists have recently 
reached this conclusion through analysis of 
Beethoven’s hair. When Beethoven died in 1827 at 
age 56, many mourners took samples of the great 
man’s hair. In fact, it was said at the time that he 
was practically bald by the time he was buried. 
The hair that was recently analyzed consisted of 
582 strands—3 to 6 inches long—bought for the 
Center of Beethoven Studies for $7300 in 1994 
from Sotheby’s auction house in London. 

According to William Walsh of the Health 
Research Institute (HRI) in suburban Chicago, 
Beethoven’s hair showed a lead concentration 
100 times the normal levels. The scientists con- 
cluded that Beethoven’s exposure to lead came as 
an adult, possibly from the mineral water he drank 
and swam in when he visited spas. 

The lead poisoning may well explain 
Beethoven’s volatile temper—the composer was Portrait of Beethoven by Josef Karl Stieler. 
subject to towering rages and sometimes had the 


look of a wild animal. In rare cases lead poisoning Beethoven’s hair. The absence of mercury supports 
has been known to cause deafness, but the the consensus of scholars that Beethoven did not 
researchers remain unsure if this problem led to have this disease. Not surprisingly, Beethoven 
Beethoven’s hearing loss. himself wanted to know what made him so ill. In a 

According to Walsh, the scientists at HRI were letter to his brothers in 1802, he asked them to 
originally looking for mercury, a common treat- have doctors find the cause of his frequent abdom- 
ment for syphilis in the early nineteenth century, in inal pain after his death. 


The Granger Collection 











Table 18.11 


Strengths of C—C, Si—Si, 
and Si—O Bonds 


Bond (kJ/mol) 
(Ca 347 
Si—Si 340 


Si—O 368 


Bond Energy 


Currently, tin is used mainly as a protective coating for steel, especially for 
cans used as food containers. The thin layer of tin, applied electrolytically, 
forms a protective oxide coating that prevents further corrosion. 

Lead is easily obtained from its ore, galena (PbS). Because lead melts at 
such a low temperature, it may have been the first pure metal obtained from its 
ore. We know that lead was used as early as 3000 B.c. by the Egyptians. It was 
later used by the Romans to make eating utensils, glazes on pottery, and even 
intricate plumbing systems. The Romans also prepared a sweetener called sapa 
by boiling down grape juice in lead-lined vessels. The sweetness of this syrup 
was partly caused by the formation of lead(II) acetate (formerly called sugar of 
lead), a very sweet-tasting compound. The problem with these practices is that 
lead is very toxic. In fact, the Romans had so much contact with lead that it 
may have contributed to the demise of their civilization. Analysis of bones 
from that era shows significant levels of lead. 

Although lead poisoning has been known since at least the second cen- 
tury B.c., lead continues to be a problem. For example, many children have been 
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Table 18.12 


Selected Reactions of the Group 4A Elements 








Reaction Comment 
M + 2X, —> MX, X, = any halogen molecule; M = Ge or Sn; 
Pb gives PbX 
M + O, — > MO, M = Ge or Sn; high temperatures; Pb gives PbO 
or Pb30, 
M + 2H*t — > M2? + HL M = Sn or Pb 





exposed to lead by eating chips of lead-based paint. Because of this problem, 
lead-based paints are no longer used for children’s furniture, and many states 
have banned lead-based paint for interior use. Lead poisoning can also occur 
when acidic foods and drinks leach the lead from lead-glazed pottery dishes that 
were improperly fired and when liquor is stored in leaded crystal decanters, pro- 
ducing toxic levels of lead in the drink in a relatively short time. In addition, the 
widespread use of tetraethyl lead [(CyHs)4Pb] as an antiknock agent in gasoline 
has increased the lead levels in our environment. Concern about the effects of 
this lead pollution has caused the U.S. government to require the gradual re- 
placement of the lead in gasoline with other antiknock agents. The largest com- 
mercial use of lead (over one million tons annually) is for electrodes in the lead 
storage batteries used in automobiles (see Section 11.5). 

Table 18.12 summarizes some important reactions of the Group 4A 
elements. 














The Group 5A Elements 


The Group SA elements (with the valence electron configuration ns*np°), 
which are prepared as shown in Table 18.13, exhibit remarkably varied chemi- 
cal properties. As usual, metallic character increases going down the group, as 
is apparent from the electronegativity values (Table 18.13). Nitrogen and 


Table 18.13 


Selected Physical Properties, Sources, and Methods of Preparation 
of the Group 5A Elements 

















Element Electronegativity Source Method of Preparation 

Nitrogen 3.0 Air Liquefaction of air 

Phosphorus WD) Phosphate rock 2Ca3(PO4)) + 6SiO0; ——> 
[Ca3(PO4)a], 6CaSiO;3 + P4Oi9 
fluorapatite Pe Orne Cas 
[Cas(PO4)3F] 4P + 10CO 

Arsenic ed, Arsenopyrite Heating arsenopyrite in the 
(Fe3As>, FeS) absence of air 

Antimony DAI Stibnite (Sb2S3) — Roasting $b2S; in air to form 


Sb2O3 and then reduction 
with carbon 


Bismuth 2.0 Bismite (BixO3), Roasting BiyS; in air to form 


bismuth glance — BipO3 and then reduction 
(BisS3) with carbon 























Figure 18.10 
The structures of the tetrahedral MX,* 
and the octahedral MX, ions. 
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The pyramidal shape of the Group 5A a 
MXg3 molecules. g 


 o 
o 








Figure 18.9 
The trigonal bipyramidal shape of the 
MXs molecules. 


phosphorus are nonmetals that can gain three electrons to form 3— anions in 
salts with active metals; examples are magnesium nitride (Mg3N>) and beryl- 
lium phosphide (Be3P3). The chemistry of these two important elements is dis- 
cussed in the next two sections. 

Bismuth and antimony tend to be metallic, readily losing electrons to form 
cations. Although these elements have five valence electrons, so much energy is 
required to remove all five that no ionic compounds containing Bi>* or Sb°** 
ions are known. 

The Group 5A elements can form molecules or ions that involve three, 
five, or six covalent bonds to the Group 5A atom. Examples involving three 
single bonds are NH3, PH3, NF3, and AsCl3;. Each of these molecules has a lone 
pair of electrons (and thus can behave as a Lewis base) and a pyramidal shape 
as predicted by the VSEPR model (Fig. 18.8). 

All the Group SA elements except nitrogen can form molecules with five 
covalent bonds (of general formula MX;). Nitrogen cannot form such mole- 
cules because of its small size. The MX; molecules have a trigonal bipyramidal 
shape (Fig. 18.9) as predicted by the VSEPR model, and the central atom can 
be described as dsp? hybridized. 

Although the MX; molecules have a trigonal bipyramidal structure in the 
gas phase, the solids of many of these compounds contain a 1:1 mixture of the 
ions MX,* and MX, (Fig. 18.10). The MX,°* cation is tetrahedral (the atom 
represented by M is sp? hybridized), and the MX,~ anion is octahedral (the 
atom represented by M is d’*sp* hybridized). Examples are PCl; (which in the 
solid state contains PCl4* and PCl,~) and AsF3Cl, (which in the solid state 
contains AsCl,* and AsF,_). 

As discussed in Section 18.1, the ability of the Group 5A elements to form 
a bonds decreases dramatically after nitrogen. This explains why elemental 
nitrogen exists as Nj molecules containing two 7 bonds, whereas the other ele- 
ments in the group exist as larger aggregates containing single bonds. For ex- 
ample, in the gas phase the elements phosphorus, arsenic, and antimony con- 
sist of Py, As4, and Sb4 molecules, respectively. 





18.8 


The Chemistry of Nitrogen 


At the earth’s surface, virtually all elemental nitrogen exists as the N2 molecule 
with its very strong triple bond (941 kJ/mol). Because of this large bond 
strength, the N) molecule is so unreactive that it can coexist with most other 
elements under normal conditions without undergoing any appreciable reac- 
tion. This property makes nitrogen gas very useful as a medium for expert- 
ments involving substances that react with oxygen or water. Such experiments 
can be done using an inert atmosphere box of the type shown in Fig. 18.11. 
The strength of the triple bond in the N) molecule is important both ther- 
modynamically and kinetically. Thermodynamically, the great stability of the 
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Figure 18.11 

An inert atmosphere box used when 
working with oxygen- or water-sensitive 
materials. The box is filled with an inert 
gas such as nitrogen, and work is done 
through the ports fitted with large 
rubber gloves. 


Paul Ridgway/Lawrence Livermore National 





N=N bond means that most binary compounds containing nitrogen decom- 
pose exothermically to the elements, for example: 


N,O(g) —> N,(g) + $O2(g) AH? = —82kJ 
NO(g) — > 3No(g) + 302(g) AH? = —90 kJ 
NO,(g) —> 5Na(g) + O2(g) AH? = —34kJ 


N>Ha(g) —> No(g) + 2Hx(g) AH? = —95 kJ 
NH,(g) —> 4No(g) + $Ho(g) 9 AH® = +46 kJ 


Of these compounds, only ammonia is thermodynamically more stable than its 
component elements. That is, only for ammonia is energy required to decom- 
pose the molecule to its elements. For the remaining molecules, energy is re- 
leased when decomposition to the elements occurs, as a result of the great 
stability of No. 

The importance of the thermodynamic stability of N2 can be clearly seen 
in the power of nitrogen-based explosives, such as nitroglycerin (C3H;N3Oos), 
which has the following structure: 
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When ignited or subjected to sudden impact, nitroglycerin decomposes very 
rapidly and exothermically: 


4C3HsN300(/) —> 6N)(g) + 12COn(g) + 10H,O(g) + O2(g) + energy 


An explosion occurs; that is, large volumes of gas are produced in a fast, 
highly exothermic reaction. Note that 4 moles of liquid nitroglycerin produce 
29 (6 + 12 + 10 + 1) moles of gaseous products. This alone produces a large 
increase in volume. However, also note that the products, which include No, 
are very stable molecules with strong bonds. Their formation is therefore ac- 
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Figure 18.12 

A schematic diagram of the Haber 
process for the manufacture of 
ammonia. 


Nodules on the roots of pea plants 
contain nitrogen-fixing bacteria. 
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companied by the release of large quantities of energy as heat, which increases 
the gaseous volume. The hot, rapidly expanding gases produce a pressure surge 
and damaging shock wave. 

Most high explosives are organic compounds that, like nitroglycerin, con- 
tain nitro (—NO>) groups and produce nitrogen and other gases as products. 
Another example is trinitrotoluene (TNT), a solid at normal temperatures, 
which decomposes as follows: 


2C7H5N30¢(s) —> 12CO(g) + 5Ha(g) + 3Ni(g) + 2C(s) + energy 


Note that 2 moles of solid TNT produce 20 moles of gaseous products plus 
energy. 

The effect of bond strength on the kinetics of reactions involving the N> 
molecule is illustrated by the synthesis of ammonia from nitrogen and hydro- 
gen, a reaction we have discussed many times before. Because a large quantity 
of energy is required to disrupt the N=N bond, the ammonia synthesis reac- 
tion occurs at a negligible rate at room temperature, even though the equilib- 
rium constant is very large (K ~ 10%). Of course, the most direct way to in- 
crease the rate of a reaction is to raise the temperature. However, since this 
reaction is very exothermic, 


ING OES) = — > NE a) a 


the value of K decreases significantly with a temperature increase (at 500°C, 
KReez 1 Oe): 

Obviously, the kinetics and the thermodynamics of this reaction are in op- 
position. A compromise must be reached, involving high pressure to force the 
equilibrium to the right and high temperature to produce a reasonable rate. 
The Haber process for manufacturing ammonia represents such a compromise 
(Fig. 18.12). The process is carried out at a pressure of about 250 atm and a 
temperature of approximately 400°C. Even higher temperatures would be re- 
quired if a catalyst consisting of a solid iron oxide mixed with small amounts 
of potassium oxide and aluminum oxide were not used to facilitate the 
reaction. 

Nitrogen is essential to living systems. The problem with nitrogen is not 
one of supply—we are surrounded by it—but rather one of changing it from 
the inert N» molecule to a form usable by plants and animals. The process of 
transforming N> to other nitrogen-containing compounds is called nitrogen 
fixation. The Haber process is one example of nitrogen fixation. The ammonia 
produced can be applied to the soil as a fertilizer, since plants can readily use 
the nitrogen in ammonia to make the nitrogen-containing biomolecules essen- 
tial for their growth. 

Nitrogen fixation also results from the high-temperature combustion pro- 
cess in automobile engines. The nitrogen in the air is drawn into the engine and 
reacts at a significant rate with oxygen to form nitric oxide (NO), which fur- 
ther reacts with oxygen from the air to form nitrogen dioxide (NO ). This ni- 
trogen dioxide, which contributes to photochemical smog in many urban areas 
(see Section 15.9), reacts with moisture in the air and eventually reaches the 
soil to form nitrate salts, which are plant nutrients. 

Nitrogen fixation also occurs naturally. For example, lightning provides 
the energy to disrupt N» and O) molecules in the air, producing highly reactive 
nitrogen and oxygen atoms. These atoms in turn attack other N> and O) mol- 
ecules to form nitrogen oxides that eventually become nitrates. Although light- 
ning has traditionally been credited with forming about 10% of the total fixed 
nitrogen, recent studies indicate that lightning may account for as much as half 
of the fixed nitrogen available on earth. Another natural nitrogen fixation pro- 
cess involves bacteria that reside in the root nodules of plants such as beans, 
peas, and alfalfa. These nitrogen-fixing bacteria readily allow the conversion 
of nitrogen to ammonia and to other nitrogen-containing compounds useful to 
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An Explosive Discovery 





For the first time in more than 100 years, a new 
species containing only nitrogen atoms has been 
discovered. In 1999 chemists Karl O. Christe and 
William W. Wilson, working at Edwards Air Force 
Base in California, reported a compound contain- 
ing the N;* cation. The only other all-nitrogen 
species known are molecular nitrogen (N>), iso- 
lated in 1772, and the azide ion (N3_), first synthe- 
sized in 1890. 

The Edwards scientists synthesized the com- 
pound N;AsF,, which contains the Ns* and AsF,~ 
ions, by reacting N»FAsF, with hydrazoic acid 
(HN3) in liquid hydrogen fluoride at —78°C. The 
resulting N;AsF¢ is a white, powdery substance 
that is extremely explosive. The compound has an 
enthalpy of formation of +1460 kJ/mol, an 
extraordinarily large value. Because the compound 
is so explosive, it is treacherous to handle. Indeed, 
its synthesis and characterization can be carried 


out only using special facilities that are available at 
a few laboratories in the world. 

The Ns* ion is one of the most powerful oxi- 
dizing agents ever discovered. It reacts explosively 
with both water and organic materials. Calcula- 
tions indicate that the N;* ion is V-shaped and can 
be represented by the Lewis structure 


a6 


and its accompanying resonance structures. 

Christe, Wilson, and their colleagues are 
working to prepare other compounds containing 
N;*, including N;SbF, and N;N; (containing N;~ 
and N;~). This should be an exciting (and hazard- 
ous) search. 











Figure 18.13 

The nitrogen cycle. To be used by 
plants and animals, nitrogen must 

be converted from Nz to nitrogen- 
containing compounds, such as 
nitrates, ammonia, and proteins. The 
nitrogen is returned to the atmosphere 
by natural decay processes. 


plants. The efficiency of these bacteria is intriguing: They produce ammonia at 
soil temperatures and 1 atm pressure, whereas the Haber process requires se- 
vere conditions of 400°C and 250 atm. For obvious reasons, researchers are 
studying these bacteria intensively. 

When plants and animals die and decompose, the elements they consist of 
are returned to the environment. In the case of nitrogen, the return of the ele- 
ment to the atmosphere as nitrogen gas, called denitrification, is carried out by 
bacteria that change nitrates to nitrogen. The complex nitrogen cycle is sum- 
marized in Fig. 18.13. It has been estimated that as much as 10 million tons 
more nitrogen per year is currently being fixed by natural and human processes 
than is being returned to the atmosphere. This fixed nitrogen is accumulating 
in soil, lakes, rivers, and oceans, where it promotes the growth of algae and 
other undesirable organisms. 
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Figure 18.14 

The molecular structure of hydrazine 
(NoHa). This arrangement minimizes the 
repulsion between the lone pairs on the 
nitrogen atoms by placing them on 
opposite sides. 





Blowing agents—such as hydrazine, 
which forms nitrogen gas on 
decomposition—are used to produce 
porous plastics like these polystyrene 
products. 
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Nitrogen Hydrides 


By far the most important hydride of nitrogen is ammonia. A toxic, colorless 
gas with a pungent odor, ammonia is manufactured in huge quantities (ap- 
proximately 40 billion pounds per year), mainly for use in fertilizers. 

The pyramidal ammonia molecule has a lone pair of electrons on its nitro- 
gen atom (see Fig. 18.8) and polar N—H bonds. This structure leads to a high 
degree of intermolecular interaction by hydrogen bonding in the liquid state, 
thereby producing an unusually high boiling point (—33.4°C) for a substance 
with such a low molar mass. Note, however, that the hydrogen bonding in 
liquid ammonia is clearly not as important as that in liquid water, which has 
about the same molar mass but a much higher boiling point. The water mole- 
cule has two polar bonds involving hydrogen and two lone pairs—the right 
combination for optimum hydrogen bonding—in contrast to the one lone pair 
and three polar bonds of the ammonia molecule. 

As we saw in Chapter 7, ammonia behaves as a base, reacting with acids 
to produce ammonium salts. For example, 


NH3(g) + HCl(g) ——> NH,Cl(s) 


A second nitrogen hydride of major importance is hydrazine (NjH4). The 
Lewis structure of hydrazine 


ae H 


indicates that each nitrogen atom should be sp* hybridized with bond angles 
close to 109.5° (the tetrahedral angle), since the nitrogen atom is surrounded by 
four electron pairs. The observed structure with bond angles of 112° (Fig. 18.14) 
agrees reasonably well with these predictions. Hydrazine, a colorless liquid with 
an ammoniacal odor, freezes at 2°C and boils at 113.5°C. This boiling point is 
quite high for a compound with a molar mass of 32; this suggests that consider- 
able hydrogen bonding occurs among the polar hydrazine molecules. 
Hydrazine is a powerful reducing agent and has been widely used as a 
rocket propellant. For example, its reaction with oxygen is highly exothermic: 


N3H,(/) + O2(g) —> Na(g) + 2H2O(g) AH® = —622 kJ 


Since hydrazine also reacts vigorously with the halogens, fluorine is often used 
instead of oxygen as the oxidizer in rocket engines. Substituted hydrazines, 
where one or more of the hydrogen atoms are replaced by other groups, are 
also useful rocket fuels. For example, monomethylhydrazine, 


is used with the oxidizer dinitrogen tetroxide (N04) to power the U.S. space 
shuttle orbiter. The reaction is 


5N20,(/) + 4N2H3(CH3)(/) ——> 12H2O(g) + 9No(g) + 4CO2(g) 


Because of the large number of gaseous molecules produced and the exother- 
mic nature of this reaction, a very high thrust per mass of fuel is achieved. The 
reaction is also self-starting—it begins immediately when the fuels are mixed— 
which is a useful property for rocket engines that must be started and stopped 
frequently. 

The use of hydrazine as a rocket propellant is a rather specialized applica- 
tion. The main industrial use of hydrazine is as a “blowing” agent in the manu- 
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A copper penny reacts with nitric acid 
to produce NO gas, which is immedi- 
ately oxidized in air to give reddish 
brown NOs, 





facture of plastics. Hydrazine decomposes to form nitrogen gas, which causes 
foaming in the liquid plastic and results in a porous texture. Another major use 
of hydrazine is in the production of agricultural pesticides. Of the many hun- 
dreds of hydrazine derivatives (substituted hydrazines) that have been tested, 
40 are used as fungicides, herbicides, insecticides, or plant growth regulators. 


Nitrogen Oxides 


Nitrogen forms a series of oxides in which its oxidation state ranges from +1 
to +5, as shown in Table 18.14. 

Dinitrogen monoxide (N,O), more commonly called nitrous oxide or 
laughing gas, has an inebriating effect and has been used as a mild anesthetic 
by dentists. Because of its high solubility in fats, nitrous oxide is widely used as 
a propellant in aerosol cans of whipped cream. It is dissolved in the liquid in- 
side the can at high pressure and forms bubbles that produce foaming as the 
liquid is released from the can. A significant amount of NO exists in the at- 
mosphere, mostly produced by soil microorganisms, and its concentration ap- 
pears to be gradually increasing. Because it can strongly absorb infrared radia- 
tion, nitrous oxide plays a small but probably significant role in controlling the 
earth’s temperature in the same way that atmospheric carbon dioxide and wa- 
ter vapor do (see the discussion of the greenhouse effect in Section 9.7). Some 
scientists fear that the rapid decrease of tropical rain forests resulting from the 
development of countries such as Brazil will significantly affect the rate of pro- 


Table 18.14 


Some Common Nitrogen Compounds 








Oxidation State 








of Nitrogen Compound Formula Lewis Structure* 
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“In some cases additional resonance structures are needed to fully describe the electron 
distribution. 


Figure 18.15 

The molecular orbital energy-level 
diagram for nitric oxide (NO). The bond 
order is 2.5, or (8 — 3)/2. 


Table 18.15 


Comparison of the Bond Lengths 
and Bond Energies for Nitric Oxide 
and the Nitrosyl lon 








NO NOt 
Bond length (A) 1.15 1.09 
Bond energy 630 1020 
(kJ/mol) 
Bond order Me 3 
(predicted by 
MO model) 





18.8 The Chemistry of Nitrogen 913 


Atomic orbitals Molecular orbitals Atomic orbitals 


of oxygen in NO of nitrogen 
2 RIO ET BON 
Pe 2p SN 
yee Se 
<a Sy 
Be cree * Te Te ea 
Boe aa Tp os SAK 
g- =N 
2p ese i = 2p 
ELY Seas 
TS as ee 
es ae sag sociated 
E Se Mop Trp 2G 
BS <.. Bea 
Se pig’ 
Or, 
Pea I ee 
Deol 2," prey 
2s —H}—<< > Se Dy, 
- 2 = 
02; 


duction of N3O by soil organisms and thus will have important effects on the 
earth’s temperature. 

Nitrogen monoxide (NO), commonly called nitric oxide, has been found 
to be an important regulator in biological systems. Nitric oxide is a colorless 
gas under normal conditions and can be produced in the laboratory by reacting 
6 M nitric acid with copper metal: 


8H*(aq) + 2NO3~ (aq) + 3Cu(s) —~> 3Cu?*(aq) + 4H,O(/) + 2NO(g) 


When this reaction is carried out in the air, the nitric oxide is immediately oxi- 
dized by O; to reddish brown nitrogen dioxide (NO,). 

Since the NO molecule has an odd number of electrons, it is most conve- 
niently described in terms of the molecular orbital model. The molecular or- 
bital energy-level diagram is shown in Fig. 18.15. Note that the NO molecule 
should be paramagnetic and have a bond order of 2.5, predictions that are sup- 
ported by experimental observations. Since the NO molecule has one high- 
energy electron, it is not surprising that it can be rather easily oxidized to form 
NO*, the nitrosyl ion. Because an antibonding electron is removed in going 
from NO to NO*, the resulting ion should have a stronger bond (the predicted 
bond order is 3) than the molecule. This is borne out by experiment. The bond 
lengths and bond energies for nitric oxide and the nitrosyl ion are shown in 
Table 18.15. 

Nitric oxide is thermodynamically unstable and decomposes to nitrous 
oxide and nitrogen dioxide: 


3NO(g) — > N2O(g) + NO2(g) 


Nitrogen dioxide (NO 2), which is also an odd-electron molecule, has a 
V-shaped structure. The reddish brown, paramagnetic NO» molecule readily 
dimerizes to form dinitrogen tetroxide, 


2NO2(g) == N204(g) 


which is diamagnetic and colorless. The value of the equilibrium constant is 
approximately 1 for this process at 55°C, and since the dimerization is exother- 
mic, K decreases as the temperature increases. 
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The Ostwald process. 
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Nitrous Oxide: Laughing Gas That Propels 
Whipped Cream and Cars 





Nitrous oxide (NO), more properly called dinitro- 
gen monoxide, is a compound with many interest- 
ing uses. It was discovered in 1772 by Joseph 
Priestley (who is also given credit for discovering 
oxygen gas), and its intoxicating effects were noted 
almost immediately. In 1798, the 20-year-old 
Humphry Davy became director of the Pneumatic 
Institute, which was set up to investigate the 
medical effects of various gases. Davy tested the 
effects of NO on himself, reporting that after 
inhaling 16 quarts of the gas in 7 minutes, he 
became “absolutely intoxicated.” 

Over the next century “laughing gas,” as nitrous 
oxide became known, was developed as an anes- 
thetic, particularly for dental procedures. Nitrous 
oxide is still used as an anesthetic, although it has 
been primarily replaced by more modern drugs. 

One major use of nitrous oxide today is as the 
propellant in cans of “instant” whipped cream. 





The high solubility of NO in the whipped cream 
mixture makes it an excellent candidate for pres- 
surizing the cans of whipping cream. 

Another current use of nitrous oxide is to 
produce “instant horsepower” for street racers. 
Because the reaction of N,O with O, to form NO 
actually absorbs heat, this reaction has a cooling 
effect when placed in the fuel mixture in an auto- 
mobile engine. This cooling effect lowers combus- 
tion temperatures, thus allowing the fuel-air 
mixture to be significantly more dense (the density 
of a gas is inversely proportional to temperature). 
The effect can produce a burst of additional power 
in excess of 200 horsepower. Because engines are 
not designed to run steadily at such high power 
levels, the nitrous oxide is injected from a tank 
when extra power is desired. 








The least common of the nitrogen oxides are dinitrogen trioxide (NO3), a 
blue liquid that readily dissociates to gaseous nitric oxide and nitrogen diox- 
ide, and dinitrogen pentoxide (NOs), which under normal conditions is a 
solid that is best viewed as a mixture of NO.* and NO3° ions. Although NO; 
molecules can exist in the gas phase, they readily dissociate to nitrogen dioxide 


and oxygen: 


2N205(g) == 4NOz(g) + O2(g) 


dized to nitric oxide: 


NO byproduct 


Oxyacids of Nitrogen 


Nitric acid is an important industrial chemical (approximately 8 million tons 
produced annually) used in the manufacture of many products, such as nitro- 
gen-based explosives and ammonium nitrate for use as a fertilizer. 

Nitric acid is produced commercially by the oxidation of ammonia in the 
Ostwald process (Fig. 18.16). In the first step of this process, ammonia is oxi- 


4NH3(g) + 5O2(g) —> 4NO(g) + 6H2O(g) 


This reaction follows first-order kinetics, as discussed in Section 15.4. 


AH? = —905 kJ 


Although this reaction is highly exothermic, it is very slow at 25°C. A side reac- 
tion occurs between nitric oxide and ammonia: 


4NH3(g) + 6NO(g) —> SNz2(g) + 6H2O0(g) 


which is particularly undesirable because it traps the nitrogen in the very unre- 
active N) molecules. The desired reaction can be accelerated and the effects of 
the competing reaction can be minimized if the ammonia oxidation is carried 
out by using a catalyst of a platinum-—rhodium alloy heated to 900°C. Under 


these conditions, there is a 97% conversion of the ammonia to nitric oxide. 


Figure 18.17 


(a) The molecular structure of HNOs. 
(b) The resonance structures of HNOs. 


An azeotrope is a solution that, like a 
pure liquid, distills at a constant tem- 


perature without a change in 
composition. 
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(a) (b) 


In the second step, nitric oxide is reacted with oxygen to produce nitrogen 
dioxide: 


2NO(g) + O(g) —> 2NO,(g) AH° =-113kJ 


This oxidation reaction has a rate that decreases with increasing temperature. 
Because of this very unusual behavior, the reaction is carried out at approxi- 
mately 25°C and is kept at this temperature by cooling with water. 

The third step in the Ostwald process is the absorption of nitrogen dioxide 
by water: 


3NO,(g) + H,O(l) —> 2HNO (aq) + NO(g) AH® = -139 kJ 


The gaseous NO produced in the reaction is recycled so that it can be oxidized 
to NO). The aqueous nitric acid from this process is about 50% HNO; by mass, 
which can be increased to 68% by distillation to remove some of the water. The 
maximum concentration attainable by this method is 68% because nitric acid 
and water form an azeotrope at this concentration. The solution can be further 
concentrated to 95% HNO; by treatment with concentrated sulfuric acid, which 
strongly absorbs water; H2SO, is often used as a dehydrating (water-removing) 
agent. 

Nitric acid is a colorless, fuming liquid (bp = 83°C) with a pungent odor; 
it decomposes in sunlight by the following reaction: 


4HNO3(1) —2> 4NOo(g) + 2H,O()) + Ong) 


As a result, nitric acid turns yellow as it ages because of the dissolved nitrogen 
dioxide. The common laboratory reagent called concentrated nitric acid is 
15.9 M HNO; (70.4% HNO; by mass) and is a very strong oxidizing agent. 
The resonance structures and molecular structure of HNO; are shown in Fig. 
18.17. Note that the hydrogen is bound to an oxygen atom rather than to ni- 
trogen as the formula might suggest. 

Nitrous acid (HNO;) is a weak acid, 


HNO,(aq) ——= H*(aq) + NO27(aq) Ki =4.0°<10 





that forms pale yellow nitrite (NO 2~) salts. In contrast to nitrates, which are 
often used as explosives, nitrites are quite stable even at high temperatures. 
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The Chemistry of Phosphorus 


Although phosphorus lies directly below nitrogen in Group SA of the periodic 
table, its chemical properties are significantly different from those of nitrogen. 
The differences arise mainly from four factors: nitrogen’s ability to form much 
stronger 7 bonds, the greater electronegativity of nitrogen, the larger size of 
phosphorus atoms, and the potential availability of empty valence d orbitals 
on phosphorus. 


Charles D. Winters 
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White phosphorus reacts vigorously 
with the oxygen in air and must be 
stored under water. Red phosphorus is 
stable In air. 


The terminal oxygens are the nonbridg- 
ing oxygen atoms. 





(a) (b) (c) 

Figure 18.18 

(a) The P, molecule found in white phosphorus. (b) The crystalline network structure of black 
phosphorus. (c) The chain structure of red phosphorus. 


The chemical differences between nitrogen and phosphorus are apparent 
in their elemental forms. In contrast to the diatomic form of elemental nitro- 
gen, which is stabilized by strong 7 bonds, there are several solid forms of 
phosphorus that all contain aggregates of atoms. White phosphorus, which 
contains discrete tetrahedral P4, molecules [Fig. 18.18(a)], is very reactive; it 
bursts into flames on contact with air (it is said to be pyrophoric). Conse- 
quently, white phosphorus is commonly stored under water. White phospho- 
rus is quite toxic; the P, molecules are very damaging to tissue, particularly the 
cartilage and bones of the nose and jaw. The much less reactive forms, called 
black phosphorus and red phosphorus, are network solids (see Section 16.5). 
Black phosphorus has a regular crystalline structure [Fig. 18.18(b)], but red 
phosphorus is amorphous and is thought to consist of chains of P, units [Fig. 
18.18(c)]. Red phosphorus can be obtained by heating white phosphorus in the 
absence of air at 1 atm. Black phosphorus is obtained from either white or red 
phosphorus by heating at high pressures. 

Even though phosphorus has a lower electronegativity than nitrogen, it 
will form phosphides (ionic substances containing the P?~ anion) such as Na3P 
and Ca3P. Phosphide salts react vigorously with water to produce phosphine 
(PH3), a toxic, colorless gas: 


2Na;P(s) + 6H,O(/) —> 2PH;(g) + 6Na*(aq) + 6OH~(aq) 


Phosphine is analogous to ammonia, although it is a much weaker base 
(K, ~ 10~2°) and is much less soluble in water. 
Phosphine has the Lewis structure 


H—P-H 
H 


and a pyramidal molecular structure, as we would predict from the VSEPR 
model. However, it has bond angles of 94° rather than 107°, as found in the 
ammonia molecule. The reasons for this are complex; therefore, we will simply 
regard phosphine as an exception to the simple version of the VSEPR model 
that we use. 


Phosphorus Oxides and Oxyacids 


Phosphorus reacts with oxygen to form oxides in which its oxidation states are 
+5 and +3. The oxide P4O, is formed when elemental phosphorus is burned 
in a limited supply of oxygen, and P4Oj4o is produced when the oxygen is in 
excess. Picture these oxides (shown in Fig. 18.19) as being constructed by add- 
ing oxygen atoms to the fundamental P, structure. The intermediate states, 
P4O7, P4Oxg, and P4O., which contain one, two, and three terminal oxygen 
atoms, respectively, are also known. 


Figure 18.19 
The structures of P4Og and P404o. 


Figure 18.20 

(a) The structure of phosphorous acid 
(H3POg). (b) The structure of hypophos- 
phorous acid (H3PO>). 
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Tetraphosphorus decoxide (P4019), which was formerly represented as 
P.O; and called phosphorus pentoxide, has a great affinity for water and thus 
is a powerful dehydrating agent. For example, it can be used to convert HNO; 
and H,SO, to their parent oxides, NO; and SOs, respectively. 

When tetraphosphorus decoxide dissolves in water, phosphoric acid 
(H3POg4), also called orthophosphoric acid, is produced: 


P4Oj0(s) a 6H,O(/) = 4H3PO,(aq) 


Pure phosphoric acid is a white solid that melts at 42°C. Aqueous phosphoric 
acid is a much weaker acid (K,, ~ 1077) than nitric acid or sulfuric acid and is 
a poor oxidizing agent. 

When the oxide P4O, is placed in water, phosphorous acid (H3PO3) is 
formed [Fig. 18.20(a)]. Although the formula suggests a triprotic acid, phos- 
phorous acid is a diprotic acid. The hydrogen atom bonded directly to the 
phosphorus atom is not acidic in aqueous solution; only those hydrogen atoms 
bonded to the oxygen atoms in H3PQO; can be released as protons. 

A third oxyacid of phosphorus is hypophosphorous acid (H3PO3) [Fig. 
18.20(b)], which is a monoprotic acid. 


Phosphorus in Fertilizers 


Phosphorus is essential for plant growth. Although most soil contains large 
amounts of phosphorus, it is often present in insoluble minerals, making it in- 
accessible to the plants. Soluble phosphate fertilizers are manufactured by 
treating phosphate rock with sulfuric acid to make superphosphate of lime, a 
mixture of CaSO, - 2H»O and Ca(H;PO,)2 - H2O. If phosphate rock is treated 
with phosphoric acid, Ca(H2PO,)2, known as triple phosphate, is produced. 
The reaction of ammonia with phosphoric acid gives ammonium dihydrogen- 
phosphate (NH4H>2PO,), a very efficient fertilizer that furnishes both phospho- 
rus and nitrogen. 
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6A 








Walnuts contain trace amounts of 


selenium. 


Table 18.16 











The Group 6A Elements 


Although in Group 6A (Table 18.16) there is the usual tendency for metallic 
properties to increase going down the group, none of the Group 6A elements 
behaves as a typical metal. The most common chemical behavior of a Group 
6A element involves reacting with a metal to achieve a noble gas electron con- 
figuration by adding two electrons to become a 2— anion in ionic compounds. 
In fact, for most metals, the oxides and sulfides constitute the most common 
minerals. 

The Group 6A elements can form covalent bonds with other nonmetals. 
For example, they combine with hydrogen to form a series of covalent hydrides 
of the general formula H)X. Those members of the group that have valence d 
orbitals available (all except oxygen) commonly form molecules in which they 
are surrounded by more than eight electrons. Examples are SF4, SF,, Tel4, and 
SeBry. 

The two heaviest members of Group 6A can lose electrons to form cations. 
Although they do not lose all six valence electrons because of the high energies 
that would be required, tellurium and polonium appear to exhibit some chem- 
istry involving their 4+ cations. However, the chemistry of these Group 6A 
cations is much more limited than that of the Group SA elements bismuth and 
antimony. 

In recent years there has been a growing interest in the chemistry of sele- 
nium, an element found throughout the environment in trace amounts. Sele- 
nium’s toxicity has long been known, but some medical studies have shown 
an inverse relationship between the incidence of cancer and the selenium 
levels in soil. It has been suggested that the greater dietary intake of selenium 
by people living in areas with relatively high selenium levels somehow fur- 
nishes protection from cancer. These studies are only preliminary, but sele- 
nium is definitely known to be physiologically important (it is involved in the 
activity of vitamin E and certain enzymes). Selenium (as well as tellurium) is 
also a semiconductor and therefore finds some application in the electronics 
industry. 

Polonium was discovered in 1898 by Marie and Pierre Curie in their 
search for the sources of radioactivity in pitchblende. Polonium has 27 iso- 
topes and is highly toxic and very radioactive. It has been suggested that the 
isotope *!°Po, a natural contaminant of tobacco and an a-particle producer 
(see Section 20.1), might be at least partly responsible for the incidence of 
cancer in smokers. 











Element Electronegativity Radius of X*~ (pm) Source Method of Preparation 
Oxygen 3.4 140 Air Distillation from liquid air 
Sulfur 2.6 184 Sulfur deposits Melted with hot water and 

pumped to the surface 
Selenium 2.6 198 Impurity in sulfide ores Reduction of H,SeO, with SO, 
Tellurium Zl 221 Nagyagite (mixed sulfide Reduction of ore with SO, 

and telluride) 

Polonium 


ZA) 





230 Pitchblende 
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A U.S. Navy test pilot in an F-14 jet 
using an oxygen mask. 


It is hard to overstate the importance of oxygen, the most abundant element in 
and near the earth’s crust. Oxygen is present in the atmosphere as oxygen gas 
and ozone; in soil and rocks in oxide, silicate, and carbonate minerals; in the 
oceans in water; and in our bodies in water and a myriad of other molecules. 
In addition, most of the energy we need to live and run our civilization comes 
from the exothermic reactions of oxygen with carbon-containing molecules. 

The most common elemental form of oxygen (O,) constitutes 21% of the 
volume of the earth’s atmosphere. Since nitrogen has a lower boiling point 
than oxygen, nitrogen can be boiled away from liquid air, leaving oxygen and 
small amounts of argon, another component of air. Liquid oxygen is a pale 
blue liquid that freezes at —219°C and boils at —183°C. The paramagnetism of 
the O, molecule can be demonstrated by pouring liquid oxygen between the 
poles of a strong magnet, where it “sticks” until it boils away (see Fig. 14.42). 
The paramagnetism of the O2 molecule can be accounted for by the molecular 
orbital model (Fig. 14.41), which also explains its bond strength. 

The other form of elemental oxygen is ozone (O3), a molecule that can be 
represented by the resonance structures 


The bond angle in the O3 molecule is 117°, in reasonable agreement with the 
prediction of the VSEPR model (three effective pairs require a trigonal planar 
arrangement). That the bond angle is slightly less than 120° can be explained 
by concluding that more space is required for the lone pair than for the bond- 
ing pairs. 

Ozone can be prepared by passing an electrical discharge through pure 
oxygen gas. The electrical energy disrupts the bonds in some O) molecules, 
thereby producing oxygen atoms, which react with other O, molecules to form 
O3. Ozone is much less stable than oxygen at 25°C and 1 atm. For example, 
K ~ 10~°° for the equilibrium 


303(2) === 203 (2) 





A pale blue, highly toxic gas, ozone is a much more powerful oxidizing 
agent than oxygen. The strong oxidizing power of ozone makes it useful for 
killing bacteria in swimming pools, hot tubs, and aquariums. It is also increas- 
ingly being used in municipal water treatment and for washing produce after it 
comes out of the fields. One of the main advantages of using ozone for water 
purification is that it does not leave potentially toxic residues behind. On the 
other hand, chlorine, which is widely used for water purification, leaves resi- 
dues of chloro compounds, such as chloroform (CHCl;), which may cause 
cancer after long-term exposure. Although ozone effectively kills the bacteria 
in water, one problem with ozonolysis is that the water supply is not protected 
against recontamination, since virtually no ozone remains after the initial treat- 
ment. In contrast, for chlorination, significant residual chlorine remains after 
treatment. 

The oxidizing ability of ozone can be detrimental, especially when it is 
present in the pollution from automobile exhausts (see Section 5.11). 

Ozone exists naturally in the upper atmosphere of the earth. The ozone 
layer is especially important because it absorbs ultraviolet light and thus acts 
as a screen to prevent this radiation, which can cause skin cancer, from pene- 
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Scientists have become concerned 
that Freons and nitrogen dioxide are 
promoting the destruction of the ozone 
layer (see Section 15.9). 


trating to the earth’s surface. When an ozone molecule absorbs this energy, it 
splits into an oxygen molecule and an oxygen atom: 
Os On ao 

If the oxygen molecule and atom collide, they will not stay together as ozone 
unless a “third body,” such as a nitrogen molecule, is present to help absorb the 
energy released by bond formation. The third body absorbs this energy as kinetic 
energy; its temperature is increased. Therefore, the energy originally absorbed as 
ultraviolet radiation is eventually changed to thermal energy. Thus the ozone 
prevents the harmful high-energy ultraviolet light from reaching the earth. 








Cinnabar from New Almaden, California. 


Figure 18.21 
The Frasch method for recovering 
sulfur from underground deposits. 


The Chemistry of Sulfur 


Sulfur is found in nature both in large deposits of the free element and in widely 
distributed ores, such as galena (PbS), cinnabar (HgS), pyrite (FeS2), gypsum 
(CaSO, - 2H2O), epsomite (MgSO, - 7H2O), and glauberite (Na2SO,4 - CaSO,). 

About 60% of the sulfur produced in the United States comes from the 
underground deposits of elemental sulfur found in Texas and Louisiana. This 
sulfur is recovered by using the Frasch process developed by Herman Frasch in 
the 1890s. Superheated water is pumped into the deposit to melt the sulfur 
(mp = 113°C), which is then forced to the surface by air pressure (Fig. 18.21). 
The remaining 40% of sulfur produced in the United States either is a by- 
product of the purification of fossil fuels before combustion to prevent pollu- 
tion or comes from the sulfur dioxide (SO) scrubbed from the exhaust gases 
when sulfur-containing fuels are burned. 

In contrast to oxygen, elemental sulfur exists as S, molecules only in the 
gas phase at high temperatures. Because sulfur atoms form much stronger 
a bonds than 7 bonds, S$) is less stable at 25°C than larger aggregates such as 
S¢ and Sg rings and S,, chains (Fig. 18.22). The most stable form of sulfur at 
25°C and 1 atm is called rhombic sulfur [Fig. 18.23(a)], which contains stacked 
Ss rings. If rhombic sulfur is melted and heated to 120°C, it forms monoclinic 
sulfur as it slowly cools [Fig. 18.23(b)]. The monoclinic form also contains Ss 
rings, but the rings are stacked differently than in rhombic sulfur. 


Air ———> 






Molten 


Superheated sulfur 


water ——————>> 


Sulfur piles in Vancouver, British 


Columbia. 

The scrubbing of sulfur dioxide from 
exnaust gases was discussed in 
section 5.11 

Figure 18.22 


(a) The Sg molecule. (6) Chains of sulfur 
atoms in viscous liquid sulfur. The 
chains may contain as many as 10,000 


atoms. 
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Figure 18.23 


(a) Crystals of rhombic sulfur. (6) Crystals of monoclinic sulfur. 
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Sulfur Oxides 


From its position below oxygen in the periodic table, we might expect the sim- 
plest stable oxide of sulfur to have the formula SO. However, sulfur monoxide, 
which can be produced in small amounts when gaseous sulfur dioxide (SO>) is 
subjected to an electrical discharge, is very unstable. The difference in the sta- 
bilities of the O2 and SO molecules probably reflects the much stronger 7 
bonding between oxygen atoms than between a sulfur and an oxygen atom. 

Sulfur burns in air with a bright blue flame to give sulfur dioxide (SO2), a 
colorless gas with a pungent odor, which condenses to a liquid at —10°C and 
1 atm. Sulfur dioxide is a trigonal planar molecule, which is a very effective 
antibacterial agent often used to preserve stored fruit. 








Dr. Ryoji Tanaka/Sagami Chemical Research Center 
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Figure 18.24 

The reaction of H2SO, with sucrose (on 
the left) to produce a blackened 
column of carbon (on the right). 





Sulfur dioxide reacts with oxygen to produce sulfur trioxide (SO3): 
2SO2(g) + O2r(g) —> 2503(g) 


However, this reaction is very slow in the absence of a catalyst. One of the mys- 
teries during early research on air pollution was how the sulfur dioxide pro- 
duced from the combustion of sulfur-containing fuels is so rapidly converted to 
sulfur trioxide in the atmosphere. It is now known that dust and other particles 
can act as heterogeneous catalysts for this process (see Section 15.9). 


Oxyacids of Sulfur 


Sulfur dioxide dissolves in water to form an acidic solution. The reaction 1s 
often represented as 


SO2(g) + H,O(/) —~ H2SO3(aq) 


where H,SO; is called sulfurous acid. However, very little H,SO3 actually ex- 
ists in the solution. The major form of sulfur dioxide in water is SO2, and the 
acid dissociation equilibria are best represented as 


$O,(aq) + H,O() == H*(aq) + HSO3"(aq) Ky, = 1.5 X 107? 
HSO3 (aq) == H*(aq) + SO3*" (aq) Ky = 1.0 x 1077 





This situation is analogous to the behavior of carbon dioxide in water (see Sec- 
tion 7.7). Although H,SO; cannot be isolated, salts of SO3*~ (sulfites) and 
HSO;3— (hydrogen sulfites) are well known. 

Sulfur trioxide reacts violently with water to produce the diprotic acid 
sulfuric acid: 


SO3(g) + H,O(/) —> H2SO,(aq) 


Manufactured in greater amounts than any other chemical, sulfuric acid is usu- 
ally produced by the contact process. About 60% of the sulfuric acid manufac- 
tured in the United States is used to produce fertilizers from phosphate rock. 
The other 40% is used in lead storage batteries, in petroleum refining, in steel 
manufacturing, and for various other purposes in the chemical industry. 

Because sulfuric acid has a high affinity for water, it is often used as a de- 
hydrating agent. Gases that do not react with sulfuric acid, such as oxygen, 
nitrogen, and carbon dioxide, are often dried by bubbling them through con- 
centrated solutions of the acid. Sulfuric acid is such a powerful dehydrating 
agent that it will remove hydrogen and oxygen from a substance in a 2:1 ratio 
even when the substance contains no molecular water. For example, concen- 
trated sulfuric acid reacts vigorously with common table sugar (sucrose), leav- 
ing a charred mass of carbon (Fig. 18.24): 


C12H22014(s) Te 11H,SO4(conc) —— 12 fs) ar 11H,SO, : H,O(I) 


Sucrose 
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The Group 7A Elements 


In our coverage of the representative elements, we have progressed from the 
groups of metallic elements (Groups 1A and 2A), through groups in which the 
lighter members are nonmetals and the heavier members are metals (Groups 
3A, 4A, and SA), to a group containing all nonmetals (Group 6A—although 
some might prefer to call polonium a metal). The Group 7A elements, the 
halogens (with the valence electron configuration ns*mp°), are all nonmetals 
whose properties generally vary smoothly going down the group. The only 
notable exceptions are the unexpectedly low value for the electron affinity of 
fluorine and the unexpectedly small bond energy of the F molecule (see Sec- 
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Samples of chlorine gas, liquid 
bromine, and solid iodine. 


Table 18.18 


Some Physical Properties, Sources, and Methods of Preparation of the Group 7A Elements 
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Table 18.17 
Trends in Selected Physical Properties of the Group 7A Elements 

















Radius €° (V) for Bond Energy 
Element —_Electronegativity of X~ (pm) X)+2e — 2X7 _ of X (kJ/mol) 
Fluorine 4.0 136 287 154 
Chlorine oe) 181 1.36 239 
Bromine 3.0 195) 1.09 3 
lodine Ny) 216 0.54 149 
Astatine PRY: — — _ 





tion 18.1). Table 18.17 summarizes the trends in some physical properties of 
the halogens. 

Because of their high reactivities, the halogens are not found as free ele- 
ments in nature. Instead, they are found as halide ions (X~) in various minerals 
and in seawater (Table 18.18). 

Although astatine is a member of Group 7A, its chemistry is of no practical 
importance because all its known isotopes are radioactive. The longest-lived 
isotope, 7!°At, has a half-life of only 8.3 hours. 

The halogens, particularly fluorine, have very high electronegativity values 
(Table 18.17). They tend to form polar covalent bonds with other nonmetals 
and ionic bonds with metals in their lower oxidation states. When a metal ion 
is in a higher oxidation state, such as +3 or +4, the metal-halogen bonds are 
polar and covalent. For example, TiCl, and SnCl, are both covalent com- 
pounds that are liquids under normal conditions. 


Hydrogen Halides 
The hydrogen halides can be prepared by a reaction of the elements 


(2) Xo 2 ea 2X) 


This reaction occurs with explosive vigor when fluorine and hydrogen are 
mixed. On the other hand, hydrogen and chlorine can coexist with little appar- 
ent reaction for relatively long periods in the dark. However, ultraviolet light 
causes an explosively fast reaction, and this is the basis of a popular lecture 
demonstration, the “hydrogen-chlorine cannon.” Bromine and iodine also re- 
act with hydrogen, but more slowly. 














Color Percentage of Melting Boiling 
Element and State Earth’s Crust Point (°C) Point (°C) Source Method of Preparation 
Fluorine Pale yellow 0.07 —220 —188 Fluorospar (CaF)), Electrolysis of molten 
gas cryolite (Na3AIF,), KHF, 
fluorapatite [Cas(PO.4)3F] 
Chlorine Yellow-green 0.14 —101 —34 Rock salt (NaCl), Electrolysis of aqueous 
gas halite (NaCl), sylvite (KCl) NaCl 
Bromine Red-brown 2 5Ue 1 the: ob, Seawater, brine wells Oxidation of Br by Cl, 
liquid 
Iodine Violet-black Bele 113 184 Seaweed, brine wells Oxidation of I~ by 


solid 


electrolysis or MnO, 
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A candle burning in an atmosphere of 
Clo(g). The exothermic reaction, which 
involves breaking C—C and C—H 
bonds in the wax and forming C—Cl 
bonds in their places, produces 
enough heat to make the gases in the 
region incandescent (a flame results). 
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Figure 18.25 
The hydrogen bonding among HF 
molecules in liquid hydrogen fluoride. 


Table 18.20 


The Enthalpies and Entropies 
of Hydration for the Halide lons 











AS 
D (kJ/mol) (J/K mol) 
E- =SilC =i 
Cr —366 =96 
Br —334 = (il 
~64 


Chapter 18 The Representative Elements 








Table 18.19 
Some Physical Properties of the Hydrogen Halides 
Hx 
Melting Boiling Bond Energy 

HX Point (°C) Point (°C) (kJ/mol) 
HF =teh3, 20 565 
HCl —114 =$5 427 
HBr = (034) (Oi 363 

HI =) a) 295 





Some physical properties of the hydrogen halides are listed in Table 18.19. 
Note the very high boiling point for hydrogen fluoride, which results from 
extensive hydrogen bonding among the very polar HF molecules (Fig. 18.25). 
Fluoride ion has such a high affinity for protons that in concentrated aqueous 
solutions of hydrogen fluoride, the ion [F- - -H- - -F]~ exists, in which an H* ion 
is centered between two F~ ions. 

When dissolved in water, the hydrogen halides behave as acids, and all 
except hydrogen fluoride are completely dissociated. Because water is a much 
stronger base than Cl-, Br-, or I” ion, the acid strengths of HCl, HBr, and HI 
cannot be differentiated in water. However, in a less basic solvent, such as 
glacial (pure) acetic acid, the acids show different strengths: 


H—I > H—Br > H—Cl > H—F 


Weakest 
acid 


Strongest 
acid 
To see why hydrogen fluoride is the only weak acid in water among the 
HX molecules, let’s consider the dissociation equilibrium, 
micuibe 
oat ES 
from a thermodynamic point of view. Recall that acid strength is reflected by 
the magnitude of K,—a small K, value means a weak acid. Also recall that the 


value of an equilibrium constant is related to the standard free energy change 
for the reaction, 


i X(ag) ———" Hag) xX (ag) where K 


AG° = —RT I|n(K) 


As AG® becomes more negative, K becomes larger; a decrease in free energy 
favors a given reaction. As we saw in Chapter 10, free energy depends on en- 
thalpy, entropy, and temperature. For a process at constant temperature, 


AG* =A PAS" 


Thus, to explain the various acid strengths of the hydrogen halides, we must 
focus on the factors that determine AH®° and AS° for the acid dissociation 
reaction. 

What energy terms are important in determining AH® for the dissociation 
of HX in water? (Keep in mind that large, positive contributions to the value 
of AH® will tend to make AG° more highly positive, K, smaller, and the acid 
weaker.) One important factor is certainly the H—X bond strength. Note from 
Table 18.19 that the H—F bond is much stronger than the other H—X bonds. 
This factor tends to make HF a weaker acid than the others. 

Another important contribution to AH? is the enthalpy of hydration (see 
Section 17.2) of X~ (Table 18.20). As we would expect, the smallest of the 
halide ions, F~, has the most negative value—its hydration is the most exother- 


Hydration becomes more exothermic 
as the charge density of an ion 
increases. Thus, for ions of a given 
charge, the smallest is most strongly 
hydrated. 


When H2O molecules cluster around 
an ion, an ordering effect occurs; thus 
AS*hya iS Negative. 


Stomach acid is 0.1 M HCI 
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mic. This term favors the dissociation of HF into its ions more so than it does 
for the other HX molecules. 

So far we have two conflicting factors: The large HF bond energy tends to 
make HF a weaker acid than the other hydrogen halides, but the enthalpy of 
hydration favors the dissociation of HF more than that of the others. When we 
compare data for HF and HCl, the difference in bond energy (138 kJ/mol) is 
slightly smaller than the difference in the enthalpies of hydration for the anions 
(144 kJ/mol). If these were the on/y important factors, HF should be a stronger 
acid than HCl because the large enthalpy of hydration of F~ more than com- 
pensates for the large HF bond strength. 

As it turns out, the deciding factor appears to be entropy. Note from Table 
18.20 that the entropy of hydration for F~ is much more negative than the 
entropy of hydration for the other halides because of the high degree of order- 
ing that occurs as the water molecules associate with the small F~ ion. Remem- 
ber that a negative change in entropy is unfavorable. Thus, although the en- 
thalpy of hydration favors dissociation of HF, the entropy of hydration strongly 
Opposes it. 

When all these factors are taken into account, AG° for the dissociation of 
HF in water is positive; that is, K, is small. In contrast, AG° for dissociation of 
the other HX molecules in water is negative (K, is large). This example illus- 
trates the complexity of the processes that occur in aqueous solutions and the 
importance of entropy effects in that medium. 

In practical terms, hydrochloric acid is the most important of the hydro- 
halic acids, the aqueous solutions of the hydrogen halides. About 3 million 
tons of hydrochloric acid are produced annually for use in cleaning steel before 
galvanizing and in the manufacture of many other chemicals. 

Hydrofluoric acid is used to etch glass by reacting with the silica in glass 
to form the volatile gas SiF,: 


SiO2(s) + 4HF(aq) ——> SiF4(g) + 2H,O(/) 


Oxyacids and Oxyanions 


All the halogens except fluorine combine with various numbers of oxygen at- 
oms to form a series of oxyacids, as shown in Table 18.21. The strengths of 
these acids vary in direct proportion to the number of oxygen atoms attached 
to the halogen, with the acid strength increasing as more oxygens are added. 
The only member of the chlorine series that has been obtained in the pure 
state is perchloric acid (HOCIO3), a strong acid and a powerful oxidizing 
agent. Because perchloric acid reacts explosively with many organic materials, 
it must be handled with great caution. The other oxyacids of chlorine are 








Table 18.21 
The Known Oxyacids of the Halogens 
Oxidation State General Name General Name 
of Halogen Fluorine Chlorine Bromine Iodine* of Acids of Salts 

+1 HOF HOCI HOBr HOI Hypohalous acid Hypohalites, MOX 
+3 a HOCIO ¢ ¢ Halous acid Halites, MXO, 
+5 t HOCIO, HOBrO, HOIO, Halic acid Halates, MXO3 
ay t HOCIO, HOBrO; HOIO; Perhalic acid Perhalates, MXO, 








*Iodine also forms Hy4l,Ox (mesodiperiodic acid) and HsIO¢ (paraperiodic acid). 
+HOF oxidation state is best represented as —1. 


*Compound is unknown. 
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Figure 18.26 
The structures of the oxychloro anions. 


The name for OF» is oxygen difluoride 
rather than difluorine oxide because 
fluorine has a higher electronegativity 
than oxygen and thus is named as the 
anion. 


@c @0 20: iO 


ci: re :0 —CI— 0: 20\==Cl=—_ 0 
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od o*. o* 





Hypochlorite ion, Chlorite ion, Chlorate ion, Perchlorate ion, 
OCs ClO, ~ ClO; — ClO, 
Linear Bent Pyramidal Tetrahedral 


known only in solution, although salts containing their anions are well known 
(Fig. 18.26). 

Hypochlorous acid (HOCI) is formed when chlorine gas is dissolved in 
cold water: 


Cl,(aqg) + H,O(/) == HOCI(aq) + Ht (aq) + Cl (aq) 





Note that in this reaction chlorine is both oxidized (from 0 in Cl; to +1 in 
HOC)I) and reduced (from 0 in Cl, to —1 in Cl~). Such a reaction, in which a 
given element is both oxidized and reduced, is called a disproportionation re- 
action. Hypochlorous acid and its salts are strong oxidizing agents; their solu- 
tions are widely used as household bleaches and disinfectants. 

Chlorate salts, such as KCIO3, are also strong oxidizing agents and are 
used as weed killers and as oxidizers in fireworks (see Chapter 12) and 
explosives. 

Fluorine forms only one oxyacid, hypofluorous acid (HOF), but it forms 
at least two oxides. When fluorine gas is bubbled into a dilute solution of so- 
dium hydroxide, the compound oxygen difluoride (OF) is formed: 


4F,(g) + 3H2O0(/) —> 6HF(aq) + OF2(g) + O2(g) 


Oxygen difluoride is a pale yellow gas (bp = —145°C) that is a strong oxidiz- 
ing agent. The oxide dioxygen difluoride (OF) is an orange solid that can be 
prepared by an electric discharge in an equimolar mixture of fluorine and oxy- 
gen gases: 


Electric 
discharge 


Bole) a Os(2 ie 1 OL Pals) 














The Group 8A Elements 


The Group 8A elements, the noble gases, are characterized by filled s and p 
valence orbitals (electron configurations of 2s* for helium and ns?np° for the 
others). Because of their completed valence shells, these elements are very un- 
reactive. In fact, no noble gas compounds were known S0 years ago. Selected 
properties of the Group 8A elements are summarized in Table 18.22. 

Helium was identified by its characteristic emission spectrum as a compo- 
nent of the sun before it was found on earth. The major sources of helium on 
earth are natural gas deposits, where helium was formed from the a-particle 
decay of radioactive elements. The a particle is a helium nucleus that can easily 
pick up electrons from the environment to form a helium atom. Although he- 
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Automatic Sunglasses 





Chemical Insights 





Sunglasses can be troublesome. It seems they are 
always getting lost or sat on. One solution to this 
problem for people who wear glasses is photochro- 
mic glass—glass that darkens in response to 
intense light. Recall that glass is a complex, non- 
crystalline material that is composed of polymeric 
silicates (see Chapter 16). Of course, glass trans- 
mits visible light—its transparency is its most 
useful property. 

Glass can be made photochromic by adding 
tiny silver chloride crystals, which get trapped in 
the glass matrix as the glass solidifies. Silver chlo- 
ride has the unusual property of darkening when 
struck by light—the property that makes the silver 
halide salts so useful for photographic films. This 
darkening occurs because light causes an electron 
transfer from Cl~ to Ag” in the silver chloride 
crystal, forming a silver atom and a chlorine atom. 
The silver atoms formed in this way tend to 
migrate to the surface of the silver chloride crystal, 
where they aggregate to form a tiny crystal of 
silver metal, which is opaque to light. 

In photography the image defined by the grains 
of silver is fixed by chemical treatment so that it 
remains permanent. However, in photochromic 
glass this process must be reversible—the glass 
must become fully transparent again when the 
person goes back indoors. The secret to the revers- 
ibility of photochromic glass is the presence of Cu* 
ions. The added Cu* ions serve two important 
functions. First, they reduce the Cl atoms formed 
in the light-induced reaction. This prevents them 
from escaping from the crystal: 


ba 
Agt + Cl- —> Ag+ Cl 
Cre Cat —>.Cr* + Cl- 


Second, when the exposure to intense light ends 
(the person goes indoors), the Cu** ions migrate to 
the surface of the silver chloride crystal, where 
they accept electrons from silver atoms as the tiny 
crystal of silver atoms disintegrates: 


Cu2+ + Ag ——> Cut + Agt 


The Ag* ions that are re-formed in this way then 
return to their places in the silver chloride crystal, 
making the glass transparent once again. 
Although these glass lenses still are produced, 
the market for glass has decreased significantly 





since the development of plastic photochromic 
lenses in the 1990s. 

The chemistry of plastic photochromic lenses is 
completely different from that of glass lenses. The 
photochromic process in plastic uses organic dyes 
that change structure when they absorb light. For 
example, the dye naphthopyran rearranges as 
follows when it absorbs UV light: 


Absorbs UV light 





Absorbs UV and visible light 


Note that the bond shown in red breaks when 
the molecule absorbs UV light, causing rearrange- 
ment to a molecule that absorbs visible light, 
which in turn causes the lens to darken. Although 
the dyes are central to the reversible darkening 
process, they do not work unless they are incorpo- 
rated in special ways in the plastic lenses. For 
example, for lenses composed of polycarbonate, 
the dye is sandwiched between layers of polyure- 
thane on the surface of the lens. 

One drawback of self-darkening lenses is that 
they do not work well inside automobiles because 
automotive windshields are constructed with materi- 
als that are very effective UV light absorbers. 
Research is underway to find dyes that will cause 
darkening by absorbing more into the visible region 
of the spectrum to solve this problem. Until then, 
old-fashioned sunglasses will be required for driving. 











AP Photo/Donna McWilliam 
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Neon signmaker and artist Jess Baird 
shows off a few of the items he has 
made in his Weatherford, Texas, shop. 


Figure 18.27 
The structures of several known xenon 
compounds. 














Table 18.22 
Selected Properties of Group 8A Elements 
Atmospheric 

Melting Boiling Abundance Examples of 
Element Point (°C) Point (°C) (% by volume) Compounds 
Helium =270 —269 5 LO None 
Neon —249 —246 1 ay None 
Argon =139 —186 9 a HArF 
Krypton 7; =e fon WO KrF, 
Xenon —112 —107 4 On XeF4, XeO3, XeF; 











lium forms no compounds, it is an important substance that is used as a cool- 
ant, as a pressurizing gas for rocket fuels, as a diluent in the gases used for 
deep-sea diving and spaceship atmospheres, and as the gas in lighter-than-air 
airships (blimps). 

Like helium, neon forms no compounds, but it is a very useful element. For 
example, neon is widely used in luminescent lighting (neon signs). Argon, 
which recently has been shown to form chemical bonds under special circum- 
stances, is used to provide the noncorrosive atmosphere in incandescent light 
bulbs, which prolongs the life of the tungsten filament. 

Krypton and xenon have been observed to form many stable chemical 
compounds. The first of these was prepared in 1962 by Neil Bartlett, an 
English chemist who made an ionic compound that he thought had the for- 
mula XePtF,. Subsequent studies indicated that the compound might be better 
represented as XeFPtF, and contains the XeF* and PtF,~ ions. 

Less than a year after Bartlett’s report, a group at Argonne National Labo- 
ratory near Chicago prepared xenon tetrafluoride by reacting xenon and fluo- 
rine gases in a nickel reaction vessel at 400°C and 6 atm: 


Xe(g) + 2F:(g) —~> XeF,(s) 





XeF; XeO,F, XeO, XeO, 
Linear Distorted tetrahedron Pyramidal Tetrahedral 





XeF, XeO,F, XeO,F, 
Square planar Trigonal bipyramid Octahedral 
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Xenon tetrafluoride forms stable colorless crystals. Two other xenon fluorides, 
XeF, and XeF,, were synthesized by the group at Argonne, and a highly explo- 
sive xenon oxide (XeQO3;) was also found. The xenon fluorides react with water 
to form hydrogen fluoride and oxycompounds. For example: 


XeF¢(s) + 3H,O(/) —> XeO3(aq) + 6HF(aq) 
XeF,(s) + Hy»O(/) —> XeOF,(aq) + 2HF(g) 


In the past 35 years, other xenon compounds have been prepared. Exam- 
ples are XeO, (explosive), XeOFs,, XeOF,, and XeO3F). These compounds 
contain discrete molecules with covalent bonds between the xenon atom and 
the other atoms. A few compounds of krypton, such as KrF, and KrFy, have 
also been observed. The structures of several known xenon compounds are 
shown in Fig. 18.27. Radon also has been shown to form compounds similar 
to those of xenon and krypton. 





Key Terms For Review ; 
Section 18.1 OWL ana (SO EU 


representative elements 
transition metals 
lanthanides 

actinides 

metalloids (semimetals) 
metallurgy 
liquefaction 

Section 18.2 

alkali metals 


Section 18.3 

hydride 

ionic (saltlike) hydride 
covalent hydride 

metallic (interstitial) hydride 


Section 18.4 
alkaline earth metals 
hard water 

ion exchange 

ion exchange resin 


Section 18.5 
boranes 


Section 18.8 

Haber process 

nitrogen fixation 

nitrogen-fixing bacteria 

denitrification 

nitrogen cycle 

ammonia 

hydrazine 

nitric acid 

Ostwald process 

Section 18.9 

phosphoric (orthophosphoric) 
acid 

phosphorous acid 

superphosphate of lime 





Sign in at www.cengage.com/owl to: 

e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 


Representative elements 
a Chemical properties are determined by their s and p valence-electron 
configurations 
a Metallic character increases going down the group 
a The properties of the first element in a group usually differ most from 
the properties of the other elements in the group due to a significant 
difference in size 
a In Group 1A, hydrogen is a nonmetal and the other members of the 
group are active metals 
a The first member of a group forms the strongest 7 bonds, causing 
nitrogen and oxygen to exist as Ny and O) molecules 


Elemental abundances on earth 

a Oxygen is the most abundant element, followed by silicon 

a [he most abundant metals are aluminum and iron, which are found as 
ores 


Group 1A elements (alkali metals) 

a Have valence configuration ns! 

s Except for hydrogen, readily lose one electron to form M* ions in their 
compounds with nonmetals 

s React vigorously with water to form M* and OH™ ions and hydrogen gas 

= Form a series of oxides of the types MO (oxide), MO. (peroxide), 

and MO, (superoxide) 

a Not all metals form all types of oxide compounds 

Hydrogen forms covalent compounds with nonmetals 

With very active metals, hydrogen forms hydrides that contain the 

H™ ton 


Group 2A (alkaline earth metals) 
w Have valence configuration ms? 
a React less violently with water than alkali metals 
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Section 18.11 
ozone 
ozonolysis 
Section 18.12 


Frasch process 
sulfuric acid 


Section 18.13 

halogens 

hydrochloric acid 
hydrohalic acids 
disproportionation reaction 


Section 18.14 
noble gases 





a The heavier alkaline earth metals form nitrides and hydrides 
a Hard water contains Ca** and Mg?* ions 
« Form precipitates with soap 
= Usually removed by ion-exchange resins that replace the Ca** and 
Mg?* ions with Nat 


Group 3A 

a Have valence configuration ns*np! 

a Show increasing metallic character going down the group 

= Boron is a nonmetal that forms many types of covalent compounds, 
including boranes, which are highly electron-deficient and thus are 
very reactive 

= The metals aluminum, gallium, and indium show some covalent 
tendencies 


Group 4A 

a Have valence configuration ns*np? 

= Lighter members are nonmetals; heavier members are metals 
a All group members can form covalent bonds to nonmetals 

= Carbon forms a huge variety of compounds, most of which are classi- 
fied as organic compounds 


Group 5A 
a Elements show a wide variety of chemical properties 
a Nitrogen and phosphorus are nonmetals 
a Antimony and bismuth tend to be metallic, although no ionic com- 
pounds containing Sb°* and Bi>* are known; the compounds con- 
taining Sb(V) and Bi(V) are molecular rather than ionic 
a All group members except N form molecules with five covalent bonds 
a The ability to form 7 bonds decreases dramatically after N 
a Chemistry of nitrogen 
a Most nitrogen-containing compounds decompose exothermically, 
forming the very stable N, molecule, which explains the power of 
nitrogen-based explosives 
The nitrogen cycle, which consists of a series of steps, shows how 
nitrogen is cycled in the natural environment 
Nitrogen fixation changes the N; in air into compounds useful to 
plants 
a The Haber process is a synthetic method of nitrogen fixation 
a In the natural world, nitrogen fixation occurs through nitrogen- 
fixing bacteria in the root nodules of certain plants and through 
lightning in the atmosphere 
» Ammonia is the most important hydride of nitrogen 
a Contains pyramidal NH; molecules 
a Widely used as a fertilizer 
a Hydrazine (N»H4) is a powerful reducing agent 
Nitrogen forms a series of oxides including N,O, NO, NO>, and NO; 
Nitric acid (HNOs) is a very important strong acid manufactured by 
the Ostwald process 


» Chemistry of phosphorus 


a Exists in three elemental forms: white (contains Py molecules), red, 
and black 

= Phosphine (PH3) has bond angles close to 90 degrees 

a Phosphorus forms oxides including P4O,¢ and P4Oi9 (which dissolves 
in water to form phosphoric acid, H;PO,) 
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Group 6A 


a All nonmetals 


are present 
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Group 7A (halogens) 


Group 8A (noble gases) 

a All elements are monatomic gases and are generally very unreactive 

a The heavier elements form compounds with electronegative elements 
such as fluorine and oxygen 


= Metallic character increases going down the group but no element be- 
haves as a typical metal 
a The lighter members tend to gain two electrons to form X27 ions in 
compounds with metals 
» Chemistry of oxygen 
a Elemental forms are O and O; 
= Oxygen forms a wide variety of oxides 
w O> and especially O3 are powerful oxidizing agents 
a Chemistry of sulfur 
= The elemental forms are called rhombic and monoclinic sulfur, both 
of which contain Sg molecules 
w The most important oxides are SO, (which forms H,SO; in water) 
and SO; (which forms H)SO, in water) 
» Sulfur forms a wide variety of compounds in which it shows the oxi- 
dation states +6, +4, +2, 0, and —2 


= Form hydrides of the type HX that behave as strong acids in water 
except for HF, which is a weak acid 
m The oxyacids of the halogens become stronger as more oxygen atoms 


s The interhalogens contain two or more different halogens 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Group 1A Elements 


Although the earth was formed from the same interstel- 
lar material as the sun, there is little hydrogen in the 
earth’s atmosphere. How can you explain this? 


. Hydrogen is produced commercially by the reaction of 


methane with steam: 
CHi(g) + H,O(g = CO(g) + SHalg) 


a. Calculate AH®° and AS? for this reaction (use the data 
in Appendix 4). 

b. What temperatures will favor product formation 
assuming standard conditions and assuming that 
AH? and AS? do not depend on temperature? 


. The major industrial use of hydrogen is in the produc- 


tion of ammonia by the Haber process: 


3H2(g) + No(g) —> 2NH3(g) 


a. Using data from Appendix 4, calculate AH®, AS°, 
and AG° for the Haber process reaction. 

b. Is this reaction spontaneous at standard conditions? 

c. At what temperatures is the reaction spontaneous at 
standard conditions? Assume that AH® and AS° do 
not depend on temperature. 


4. List two major industrial uses of hydrogen. 
5. Label the following hydrides as ionic, covalent, or inter- 


stitial, and support your answer. Note: The light blue 
atoms are hydrogen atoms. 


Oe 
ene oe 
i. a iS 
a BP tb 
(on ee IDDd 


6. Many lithium salts are hygroscopic (absorb water), but 
the corresponding salts of the other alkali metals are not. 
Why are lithium salts different from the others? 
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. What is the valence electron configuration for the alkali 


metals? List some common properties of alkali metals. 
How are the pure metals prepared? 


. What will be the atomic number of the next alkali metal 


to be discovered? How would you expect the physical 
properties of the next alkali metal to compare with the 
properties of the other alkali metals summarized in Ta- 
ble 18.4? 


What evidence supports putting hydrogen in Group 1A 
of the periodic table? In some periodic tables hydrogen is 
listed separately from all of the groups. In what ways is 
hydrogen unlike a Group 1A element? 


The electrolysis of aqueous sodium chloride (brine) is an 
important industrial process for the production of chlo- 
rine and sodium hydroxide. In fact, this process is the 
second largest consumer of electricity in the United 
States, after the production of aluminum. Write a bal- 
anced equation for the electrolysis of aqueous sodium 
chloride (hydrogen gas is also produced). 


. Write balanced equations describing the reaction of lith- 


ium metal with each of the following: O», Ss, Cla, P4, Ho, 
H,0, and HCl. 


Group 2A Elements 


12. 


14. 


16. 


NA 


(9, 


What is the valence electron configuration for alkaline 
earth metals? List some common properties of alkaline 
earth metals. How are alkaline earth metals prepared? 


. How long will it take to produce 1.00 x 10° kg of mag- 


nesium metal by the electrolysis of molten magnesium 
chloride using a current of 5.00 x 104 A? 


Suppose 10.00 g of an alkaline earth metal reacts with 
10.0 L of water to produce 6.10 L of hydrogen gas at 
1.00 atm and 25°C. Identify the metal, and determine the 
pH of the solution. 


. What ions are found in hard water? What happens when 


water is “softened”? 


Write balanced equations describing the reaction of Sr 
with each of the following: O32, Ss, Clo, P4, H2, H»O, and 
HCl 


One harmful effect of acid rain is the deterioration of 
structures and statues made of marble or limestone, both 
of which are essentially calcium carbonate. The reaction 
of calcium carbonate with sulfuric acid yields carbon di- 
oxide, water, and calcium sulfate. Because calcium sul- 
fate is marginally soluble in water, part of the object is 
washed away by the rain. Write a balanced chemical 
equation for the reaction of sulfuric acid with calcium 
carbonate. 


. What mass of barium is produced when molten BaCl) is 


electrolyzed by a current of 2.50 X 10° A for 6.00 h? 


The United States Public Health Service (USPHS) recom- 
mends the fluoridation of water as a means for prevent- 
ing tooth decay. The recommended concentration is 
1 mg F/L. The presence of calcium ions in hard water 
can precipitate the added fluoride. What is the maximum 
molarity of calcium ions in hard water if the fluoride 
concentration is at the USPHS recommended level? (K, 
for CaF; = 4.0 « 10744) 


P 


20. 


Slaked lime [Ca(OH),] is used to soften hard water by 
removing calcium ions from hard water through the 


reaction 


Ca(OH) (aq) + Ca?*(aq) + 2HCO3 (aq) —> 
2CaCO3;(s) + 2H,O()) 


Although CaCO;(s) is considered insoluble, some of it 
does dissolve in aqueous solutions. Calculate the molar 
solubility of CaCO; in water (K,, = 8.7 X 107’). 


Group 3A Elements 


AIAN. 


Dy 
DSi. 


24. 


25 


26 


What is the valence electron configuration for the Group 
3A elements? How does metallic character change as one 
goes down this group? How are boron and aluminum 
different? 


What are three-centered bonds? 


Boron hydrides were once evaluated for possible use as 
rocket fuels. Complete and balance the following equation: 


BoH, == O, —= B(OH); 


Consider element 113. What is the expected electron 
configuration for element 113? What oxidation states 
would be exhibited by element 113 in its compounds? 


Write equations describing the reactions of Ga with each 
of the following: F,, O2, Ss, and HCl. 


Thallium and indium form +1 and +3 oxidation states 
when in compounds. Predict the formulas of the possible 
compounds between thallium and oxygen and between 
indium and chlorine. Name the compounds. 


Group 4A Elements 


ALT 


28. 


DNs). 


20) 


What is the valence electron configuration for Group 4A 
elements? Group 4A contains two of the most important 
elements on earth. What are they, and why are they so 
important? How does metallic character change as one 
goes down Group 4A? 


Discuss the importance of the C—C and Si—Si bond 
strengths and of 7 bonding to the properties of carbon 
and silicon. 

The following illustration shows the orbitals used to 
form the bonds in carbon dioxide. 





Each color represents a different orbital. Label each or- 
bital, draw the Lewis structure for carbon dioxide, and 
explain how the localized electron model describes the 
bonding in CQ). 

In addition to CO>, two additional stable oxides of car- 


bon form. The space filling models for CO, and the 
other two stable oxides are: 


BO 





What are the formulas for the two additional stable ox- 
ides of carbon? Explain the bonding in each of these 
forms using the localized electron model. 


. From the information on the temperature stability of 


white and gray tin given in this chapter, which form 
would you expect to have the more ordered structure 
(have the smaller positional probability)? 


Silicon is produced for the chemical and electronics in- 

dustries by the following reactions. Give the balanced 

equation for each reaction. 

a. S102(s) + C(s) —> Si(s) + CO(g) 

b. Silicon tetrachloride is reacted with very pure mag- 
nesium, producing silicon and magnesium chloride. 

c. Na2SiFe(s) + Na(s) —=> Si(s) + NaF(s) 


3. Tin forms compounds in the +2 and +4 oxidation 


states. Therefore, when tin reacts with fluorine, two 
products are possible. Write balanced equations for the 
production of the two tin halide compounds and name 
them. 


. Write equations describing the reactions of Sn with each 


of the following: Cl,, O2, and HCl. 


. The compound Pb3QO, (red lead) contains a mixture of 


lead(II) and lead(IV) oxidation states. What is the mole 
ratio of lead(II) to lead(IV) in Pb3O4? 


. The resistivity (a measure of electrical resistance) of 


graphite is (0.4 to 5.0) X 1074 ohm - cm in the basal 
plane. (The basal plane is the plane of the six-membered 
rings of carbon atoms.) The resistivity is 0.2 to 1.0 ohm - 
cm along the axis perpendicular to the plane. The resistiv- 
ity of diamond is 10!* to 10'° ohm - cm and is indepen- 
dent of direction. How can you account for this behavior 
in terms of the structures of graphite and diamond? 


Group 5A Elements 


a. 


38. 


40. 


41. 


The oxyanion of nitrogen in which it has the highest oxi- 
dation state is the nitrate ion (NO 37). The corresponding 
oxyanion of phosphorus is PO. The NO,?*~ ion is 
known but is not very stable. The PO;~ ion is not known. 
Account for these differences in terms of the bonding in 
the four anions. 

Using data from Appendix 4, calculate AH®, AS°, and 
AG*® for the reaction 


No(g) + O2(g) —> 2NO(g) 


Why does the NO formed in an automobile engine not 
readily decompose back to N> and Oj in the atmosphere? 


_ Table 18.14 lists some common nitrogen compounds 


having oxidation states ranging from —3 to +5. Ratio- 
nalize this spread in oxidation states. 

What is nitrogen fixation? Give some examples of nitro- 
gen fixation. 

Elemental nitrogen exists as N2, whereas in the gas phase 
the elements phosphorus, arsenic, and antimony consist 
of P4, Asy, and Sby molecules, respectively. Give a possi- 


42. 


43. 


44, 


46. 


47. 


48. 


49, 
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ble reason for this difference between N> and the other 
Group SA elements. 


The compound NF; is quite stable, but NCI; is very un- 
stable (NCI; was first synthesized in 1811 by P. L. Dulong, 
who lost three fingers and an eye studying its properties). 
The compounds NBr; and NI; are unknown, although the 
explosive NI; - NH; is known. How do you account for 
the instability of these halides of nitrogen? 


Lewis structures can be used to understand why some 

molecules react in certain ways. Write the Lewis struc- 

ture for the reactants and products in the following 

reactions. 

a. Nitrogen dioxide dimerizes to produce dinitrogen 
tetroxide. 

b. Boron trifluoride accepts a pair of electrons from 
ammonia, forming BF;NH3. 


Give a possible explanation for why these two reactions 
occur. 

Use bond energies (Table 13.6) to show that the pre- 
ferred products for the decomposition of N.O3 are NO) 
and NO rather than O, and NO. (The N—O single- 
bond energy is 201 kJ/mol.) (Hint: Consider the reaction 
kinetics.) 


. Ammonia is produced by the Haber process, in which 


nitrogen and hydrogen are reacted directly using an iron 
mesh impregnated with oxides as a catalyst. For the 
reaction 


N2(g) + 3H2(g) == 2NH3(g) 


equilibrium constants (K, values) as a function of tem- 
perature are 


300°C, 4134 K1092 
500°CHahi45 x0 m2 
GOOG; 22S 10° 


Is the reaction exothermic or endothermic? 


The synthesis of ammonia gas from nitrogen gas and hy- 

drogen gas represents a classic case in which a knowl- 

edge of kinetics and equilibrium was used to make a de- 

sired chemical reaction economically feasible. Explain 

how each of the following conditions helps to maximize 

the yield of ammonia. 

a. running the reaction at an elevated temperature 

b. removing the ammonia from the reaction mixture as 
it forms 

c. using a catalyst 

d. running the reaction at high pressure 

Write an equation for the reaction of hydrazine with 

fluorine gas to produce nitrogen gas and hydrogen fluo- 

ride gas. Estimate AH for this reaction, using bond ener- 

gies from Table 13.6. 


In each of the following pairs of substances, one is stable 
and known, whereas the other is unstable. For each pair, 
choose the stable substance, and explain why the other 
compound is unstable. 


a. NE; or PF; b. AsF; or AslI; c. NF; or NBr; 


Write balanced equations for the reactions described in 
Table 18.13 for the production of Bi and Sb. 
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Phosphoric acid (H3POs,) is a triprotic acid, phosphorous 
acid (H3;PQO3) is a diprotic acid, and hypophosphorous acid 
(H3PO,) is a monoprotic acid. Explain this phenomenon. 


. Trisodium phosphate (TSP) is an effective grease re- 


mover. Like many cleaners, TSP acts as a base in water. 
Write a balanced equation to account for this basic 
behavior. 


White phosphorus is much more reactive than black or 
red phosphorus. Explain. 


Arsenic reacts with oxygen to form oxides analogous to 
the phosphorus oxides. These arsenic oxides react with 
water similarly to the phosphorus oxides. Write bal- 
anced chemical equations describing the reaction of arse- 
nic with oxygen and the reaction of the oxides with 
water. 

Compare the description of the localized electron model 
(Lewis structure) with that of the molecular orbital 
model for the bonding in NO, NO*, and NO~. Account 
for any discrepancies between the two models. 


. Many oxides of nitrogen have positive values for the 


standard free energy of formation. Using NO as an ex- 
ample, explain why this is the case. 


Draw Lewis structures for the AsCl4* and AsCl,~ ions. 
What type of reaction (acid-base, oxidation-reduction, 
or the like) is the following? 


2AsCl;(g) —~> AsCl,AsCl;,(s) 


. In many natural waters, nitrogen and phosphorus are 


the least abundant nutrients available for plant life. 
Some waters that become polluted from agricultural run- 
off or municipal sewage become infested with algae. The 
algae flourish, and fish life dies off as a result. Describe 
how these events are chemically related. 


Nitric acid is produced commercially by the Ostwald 
process, represented by the following equations: 
4NH3(g) + 5O2(g) —> 4NO(g) + 6H2O(g) 
2NO(g) + O2(g) —> 2NO2/(g) 
3NO)(g) + H,O(/) —> 2HNO3(aq) + NO(g) 


What mass of NH; must be used to produce 1.0 X 10° kg 
HNO, by the Ostwald process? Assume 100% yield in 
each reaction, and assume that the NO produced in the 
third step is not recycled. 


The space shuttle orbiter utilizes the oxidation of methyl- 
hydrazine by dinitrogen tetroxide for propulsion: 


4N,H3CH;(/) 4p 5N>0,(/) ——— 
12H2O(g) + IN2(g) + 4CO2(g) 


Calculate AH® for this reaction using data in Appendix 4. 


How is phosphine’s (PH3) structure different from that 
of ammonia? 


Ammonia forms hydrogen-bonding intermolecular forces 
resulting in an unusually high boiling point for a sub- 
stance with the small size of NH3. Can hydrazine (N)H4) 
also form hydrogen-bonding interactions? 
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62. 


63. 


64. 


66. 


67. 


68. 


69. 


What is the valence electron configuration of Group 6A 
elements? What are some property differences between 
oxygen and polonium? 

What are the Lewis structures for the two allotropic 
forms of oxygen? How can the paramagnetism of O2 be 
explained using the molecular orbital model? What are 
the molecular structure and the bond angles in ozone? 


Use bond energies to estimate the maximum wavelength 
of light that will cause the reaction 


bu 
OG, 0 


5. Ozone is desirable in the upper atmosphere but undesir- 


able in the lower atmosphere. A dictionary states that 
ozone has the scent of a spring thunderstorm. How can 
these seemingly conflicting statements be reconciled in 
terms of the chemical properties of ozone? 


Ozone is a possible replacement for chlorine in munici- 
pal water purification. Unlike chlorine, virtually no 
ozone remains after treatment. This has good and bad 
consequences. Explain. 


Sulfur forms a wide variety of compounds in which it 
has +6, +4, +2, 0, and —2 oxidation states. Give ex- 
amples of sulfur compounds having each of these oxida- 
tion states. 


In large doses, selenium is toxic. However, in moderate 
intake, selenium is a physiologically important element. 
How is selenium physiologically important? 


Write a balanced equation describing the reduction of 
H,SeO, by SO) to produce selenium. 


Group 7A Elements 


70. 


74. 


FESS. 


What is the valence electron configuration of the halo- 
gens? Why do the boiling points and melting points of 
the halogens increase steadily from F) to I,? 


71. Draw the Lewis structure of OF,. Assign oxidation 


states and formal charges to the atoms in OF). The com- 
pound OF, is a vigorous and potent oxidizing and fluo- 
rinating agent. Are oxidation states or formal charges 
more useful in accounting for these properties of OF ? 


2. The oxidation states of the halogens vary from —1 to 


+7. Identify compounds of chlorine that have —1, +1, 
+3, +5, and +7 oxidation states. How does the oxyacid 
strength of the halogens vary as the number of oxygens 
in the formula increases? 


. Give two reasons why F,; is the most reactive of the 


halogens. 


Explain why HF is a weak acid, whereas HCl, HBr, and 
HI are all strong acids. 


Hydrazine is somewhat toxic. Use the following half- 
reactions to explain why household bleach (highly alka- 
line solutions of sodium hypochlorite) should not be 


76. 


— 


mixed with household ammonia or glass cleansers that 
contain ammonia. 


CIO- + FO: 264. ——> 2OH- + Cl- 
€° = 0.90 V 


NH, + 2H,O + 2e7 —+ 2NH; + 20H- 
€° = -0.10 V 


What is a disproportionation reaction? Use the follow- 
ing reduction potentials, 


CiO,- + 3H* + 2e- —> HClO, + H,0 
oo = LON We 


HClO; + 2H* + 2e°- —+ HClO + H,O 
€° = 1.65 V 


to predict whether HCIO) will disproportionate. 


. Photogray lenses contain small embedded crystals of 


solid silver chloride. Silver chloride is light-sensitive be- 
cause of the reaction 


bu 
AgCl(s) ——> Ag(s) + Cli(s) 


Small particles of metallic silver cause the lenses to 
darken. In the lenses this process is reversible. When the 
light is removed, the reverse reaction occurs. However, 
when pure white silver chloride is exposed to sunlight, it 
darkens; the reverse reaction does not occur in the dark. 
a. How do you explain this difference? 
b. Photogray lenses do become permanently dark in 
time. How do you account for this? 
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78. 


79, 


80. 


81. 


82. 


83. 


What special property of the noble gases makes them 
unreactive? The boiling points and melting points of the 
noble gases increase steadily from He to Xe. Explain. 


Although He is the second most abundant element in the 
universe, it is very rare on earth. Why? 


The noble gases were among the latest elements discov- 
ered; their existence was not predicted by Mendeleev 
when he published his first periodic table. Explain. In 
chemistry textbooks written before 1962, the noble 
gases were referred to as the inert gases. Why do we no 
longer use the term inert gases? 


Using the data in Table 18.22, calculate the mass of ar- 
gon at 25°C and 1.0 atm in a room 10.0 m X 10.0 m X 
10.0 m. How many Ar atoms are in this room? How 
many Ar atoms do you inhale in one breath (approxi- 
mately 2 L) of air at 25°C and 1.0 atm? Argon gas is in- 
ert, so it poses no serious health risks. However, if sig- 
nificant amounts of radon are inhaled into the lungs, 
lung cancer is a possible result. Explain the health risk 
differences between argon gas and radon gas. 


For the structures of the xenon compounds in Fig. 18.27, 
give the bond angles exhibited and the hybridization of 
the central atom in each compound. 


There is evidence that radon reacts with fluorine to form 
compounds similar to those formed by xenon and fluo- 
rine. Predict the formulas of these RnF, compounds. 
Why is the chemistry of radon difficult to study? 





84. 


86. 


88. 


89. 


What are the two most abundant elements by mass in the 
earth’s crust, oceans, and atmosphere? Does this make 
sense? Why? What are the four most abundant elements 
by mass in the human body? Does this make sense? Why? 


. In most compounds the solid phase is denser than the 


liquid phase. Why isn’t this true for water? 


Diagonal relationships in the periodic table exist in addi- 
tion to the vertical relationships. For example, Be and Al 
are similar in some of their properties, as are B and Si. 
Rationalize why these diagonal relationships hold for 
properties such as size, ionization energy, and electron 
affinity. 


7. In the 1950s and 1960s, several nations conducted tests 


of nuclear warheads in the atmosphere. It was custom- 
ary, following each test, to monitor the concentration of 
strontium-90 (a radioactive isotope of strontium) in milk. 
Why would strontium-90 tend to accumulate in milk? 
Calculate the pH of a 0.050 M Al(NO3)3 solution. The 
K, value for Al(H:O),3* is 1.4 X 10~°. 

The compound with the formula TII; is a black solid. 
Given the following standard reduction potentials, 


Co = sr lS W 
€° = +0.55 V 
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would you formulate this compound as thallium(III) io- 
dide or thallium(I) triiodide? 


Atomic size seems to play an important role in explain- 
ing some of the differences between the first element in a 
group and the subsequent group elements. Explain. 


The inert pair effect is sometimes used to explain the ten- 
dency of heavier members of Group 3A to exhibit +1 
and +3 oxidation states. What does the inert pair effect 
reference? (Hint: Consider the valence electron configu- 
ration for Group 3A elements.) 


How could you determine experimentally whether the 
compound Ga)Cl, contains two gallium(II) ions or one 
gallium(I) ion and one gallium(III) ion? (Hint: Consider 
the electron configurations of the three possible ions.) 


It takes 15 kWh (kilowatt-hours) of electrical energy to 
produce 1.0 kg of aluminum metal from aluminum ox- 
ide by the Hall—Heroult process. Compare this to the 
amount of energy necessary to melt 1.0 kg of aluminum 
metal. Why is it economically feasible to recycle alumi- 
num cans? [The enthalpy of fusion for aluminum metal 
is 10.7 kJ/mol (1 W = 1 J/s).] 


Reference Table 18.5, and give examples of the three 
types of alkali metal oxides that form. How do they 
differ? 
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Why are the tin(IV) halides more volatile than the tin(II) 
halides? 


Beryllium shows some covalent characteristics in some 
of its compounds, unlike the other alkaline earth halides. 
Give a possible explanation for this phenomenon. 

One reason suggested for the instability of long chains of 
silicon atoms is that the decomposition involves the tran- 
sition state shown below: 





is 
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The activation energy for such a process is 210 kJ/mol, 
which is less than either the Si—Si or the Si—H bond 
energy. Why would a similar mechanism not be expected 
to be very important in the decomposition of long carbon 
chains? 


Many structures of phosphorus- and sulfur-containing 
compounds are drawn with some P=O and P=S bonds. 
These bonds are not the typical 7 bonds we’ve consid- 
ered, which involve the overlap of two p orbitals. They 
result instead from the overlap of a d orbital on the 
phosphorus or sulfur atom with a p orbital on oxygen. 
This type of 7 bonding is sometimes used as an explana- 
tion for why H3PO; has the first structure below rather 
than the second: 


i 
yet nee rarest 
OH OH 


Draw a picture showing how a d orbital and a p orbital 
overlap to form a 7 bond. 


The N,O molecule is linear and polar. 

a. On the basis of this experimental evidence, which 
arrangement, NNO or NON, is correct? Explain 
your answer. 


Challenge Problems 


100. 


101. 


102. 





b. On the basis of your answer in part a, write the 
Lewis structure of NO (including resonance forms). 
Give the formal charge on each atom and the 
hybridization of the central atom. 

c. How would the multiple bonding in 


-N=N—O: 


be described in terms of orbitals? 


Bacterial digestion is an economical method of sewage 
treatment. The reaction 
Bacteria 

5CO,(g) + SSNH4* (aq) + 7602(g) 

CsH,O,N(s) + 54NO,~(aq) + 52H:O(I) + 109H* (aq) 

Bacterial tissue 
is an intermediate step in the conversion of the nitrogen 
in organic compounds into nitrate ions. What mass of 
bacterial tissue is produced in a treatment plant for every 
1.0 X 104 kg of wastewater containing 3.0% NH," ions 
by mass? Assume that 95% of the ammonium ions are 
consumed by the bacteria. 


Phosphate buffers are important in regulating the pH of 
intracellular fluids. If the concentration ratio of H,PO,47 
to HPO,?~ in a sample of intracellular fluid is 1.1:1, 
what is the pH of this sample of intracellular fluid? 
HPO, (ag) == HPO/-(aq) + H* (ag) 

Ki = 6.2 ~ 10 
The unit cell for a pure xenon fluoride compound is 
shown below. What is the formula of the compound? 


-) Xenon 
~@ Fluorine 
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Indium(III) phosphide is a semiconducting material that 
has been frequently used in lasers, light-emitting diodes 
(LED), and fiberoptic devices. This material can be syn- 
thesized at 900. K according to the following reaction: 


In(CH3)3(g) + PH3(g) —— InP(s) + 3CH,(g) 


a. If 2.56 L In(CH;); at 2.00 atm is allowed to react 
with 1.38 L PH; at 3.00 atm, what mass of InP(s) will 
be produced assuming the reaction is 87% efficient? 


b. When an electric current is passed through an opto- 
electronic device containing InP, the light emitted 
has an energy of 2.03 X 107!9 J. What is the wave- 
length of this light, and is it visible to the human 
eye? 

The semiconducting properties of InP can be altered 
by doping. If a small number of phosphorus atoms 
are replaced by atoms with an electron configuration 
of [Kr]5s*4d'°5p*, is this n-type or p-type doping? 


fo) 
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While selenic acid has the formula H)SeO, and thus is 

directly related to sulfuric acid, telluric acid is best visu- 

alized as HgTeO, or Te(OH)q. 

a. What is the oxidation state of tellurium in Te(OH),? 

b. Despite its structural differences with sulfuric and 
selenic acid, telluric acid is a diprotic acid with pK,, = 
7.68 and pK,, = 11.29. Telluric acid can be prepared 
by hydrolysis of tellurium hexafluoride according to 
the equation 


TeF,(g) + 6HO(/) —> Te(OH),(aq) + 6HF(aq) 


Tellurium hexafluoride can be prepared by the reac- 
tion of elemental tellurium with fluorine gas: 


Te(s) + 3F:(g) —~> TeF,(g) 


If a cubic block of tellurium (density = 6.240 g/cm?) 
measuring 0.545 cm on edge is allowed to react with 
2.34 L fluorine gas at 1.06 atm and 25°C, what is 
the pH of a solution of Te(OH), formed by dissolv- 
ing the isolated TeF,(g) in 115 mL solution? Assume 
100% yield in all reactions. 


Sodium tripolyphosphate (NasP3Oj0) is used in many 
synthetic detergents. Its major effect is to soften the wa- 
ter by complexing Mg** and Ca?* ions. It also increases 
the efficiency of surfactants, or wetting agents that 
lower a liquid’s surface tension. The pK value for the 
formation of MgP3Oj;9° is —8.60. The reaction is 
Mg?* + P3019° === MgP3019°. Calculate the con- 
centration of Mg** in a solution that was originally 
50. ppm Mg?* (50. mg/L of solution) after 40. g of 
Nas5P3Ojo is added to 1.0 L of the solution. 


Nitrogen gas reacts with hydrogen gas to form ammonia 
gas (NH3). Consider the following illustration represent- 
ing the original reaction mixture (the numbers of each 
molecule shown are relative numbers): 


1.00 atm 


15.0L 





Assume this reaction mixture goes to completion. The 

piston apparatus allows the container volume to change 

in order to keep the pressure constant at 1.00 atm. As- 

sume ideal behavior and constant temperature. 

a. What is the partial pressure of ammonia in the con- 
tainer when the reaction is complete? 

b. What is the mole fraction of ammonia in the con- 
tainer when the reaction is complete? 
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c. What is the volume of the container when the reac- 
tion is complete? 


Using data from Appendix 4, calculate AH°, AG®, and K, 
(at 298 K) for the production of ozone from oxygen: 


303(g) == 203(g) 


At 30 km above the surface of the earth, the temperature 
is about 230. K and the partial pressure of oxygen is 
about 1.0 X 10~° atm. Estimate the partial pressure of 
ozone in equilibrium with oxygen at 30 km above the 
earth’s surface. Is it reasonable to assume that the equi- 
librium between oxygen and ozone is maintained under 
these conditions? Explain. 


You travel to a distant, cold planet where the ammonia 
flows like water. In fact, the inhabitants of this planet 
use ammonia (an abundant liquid on their planet) much 
as earthlings use water. Ammonia is also similar to water 
in that it is amphoteric and undergoes autoionization. 
The K value for the autoionization of ammonia is 1.8 X 
10~'? at the standard temperature of the planet. What is 
the pH of ammonia at this temperature? 


A proposed two-step mechanism for the destruction of 
ozone in the upper atmosphere is 


N 
Yt 


a. What is the overall balanced equation for the ozone 
destruction reaction? 

b. Which species is a catalyst? 

c. Which species is an intermediate? 

d. What is the rate law derived from this mechanism if 
the first step in the mechanism is slow and the 
second step is fast? 

e. One of the concerns about the use of Freons is that 
they will migrate to the upper atmosphere, where 
chlorine atoms can be generated by the reaction 


bu 
CGLF— ere) + Cl 


Freon-12 


Chlorine atoms also can act as a catalyst for the 
destruction of ozone. The first step of a proposed 
mechanism for chlorine-catalyzed ozone destruction is 


Cl(g) + O3(g) —> ClO(g) + O2(g) 


Slow 


Assuming a two-step mechanism, propose the 
second step in the mechanism and give the overall 
balanced equation. 


Provide a reasonable estimate for the number of atoms 
in a 150-lb adult human. Use the information given in 
Table 18.2. 
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| 11. EDTA is used as a complexing agent in chemical analy- 
sis. Solutions of EDTA, usually containing the disodium 
salt NayH,EDTA, are also used to treat heavy metal poi- 
soning. The equilibrium constant for the following reac- 
tion is 6.7 X 1071: 


Pb?* (aq) + H,EDTA? (aq) == PbEDTA? (aq) + 2H*(aq) 


ee i, C07” 
EDTA* = N—CH)—CHz—-N 
,0O,C—CH, CH,—CO," 


Ethylenediaminetetraacetate 


Calculate [Pb**] at equilibrium in a solution originally 
0.0050 M in Pb**, 0.075 M in H,EDTA2-, and buffered 
at pH = 7.00. 


Lead forms compounds in the +2 and +4 oxidation 
states. All lead(II) halides are known (and are known to 
be ionic). Only PbF, and PbCly are known among the 
possible lead(IV) halides. Presumably lead (IV) oxidizes 
bromide and iodide ions, producing the lead(II) halide 
and the free halogen: 


PbX, —ar4 PbX, ai X) 


WA, 


Suppose 25.00 g of a lead(IV) halide reacts to form 
16.12 g of a lead(II) halide and the free halogen. Identify 
the halogen. 


LES a, 


Many biochemical reactions that occur in cells re- 
quire relatively high concentrations of potassium ion 
(K*). The concentration of K* in muscle cells is 
about 0.15 M. The concentration of K* in blood 
plasma is about 0.0050 M. The high internal concen- 
tration in cells is maintained by pumping K* from 
the plasma. How much work must be done to trans- 
port 1.0 mole of K* from the blood to the inside of a 
muscle cell at 37°C (normal body temperature)? 


. When 1.0 mole of K* is transferred from blood to 


the cells, do any other ions have to be transported? 
Why or why not? 


. Cells use the hydrolysis of adenosine triphosphate, 


abbreviated ATP, as a source of energy. Symboli- 
cally, this reaction can be represented as 


ATP(aq) + H,O(l) —~ ADP(aq) + H2PO,4 (aq) 


where ADP represents adenosine diphosphate. For 
this reaction at 37°C, K = 1.7 X 10°. How many 
moles of ATP must be hydrolyzed to provide the 
energy for the transport of 1.0 mole of K*? Assume 
standard conditions for the ATP hydrolysis reaction. 
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ransition metals have many uses in our society. Iron is used for steel; 

copper for electrical wiring and water pipes; titanium for paint; silver 

for photographic paper; manganese, chromium, vanadium, and co- 

balt as additives to steel; platinum for industrial and automotive cat- 
alysts; and so on. 

One indication of the importance of transition metals is the great concern 
shown by the U.S. government for continuing the supply of these elements. The 
United States is a net importer of more than 60 “strategic and critical” miner- 
als, including cobalt, manganese, platinum, palladium, and chromium. All 
these metals play a vital role in the U.S. economy and defense, but about 90% 
of the required amounts must be imported (Table 19.1). 

In addition to being important in industry, transition metal ions play a 
vital role in living organisms. For example, complexes of iron provide for the 
transport and storage of oxygen, molybdenum and iron compounds are cata- 
lysts in nitrogen fixation, zinc is found in more than 150 biomolecules in hu- 
mans, copper and iron play a crucial role in the respiratory cycle, and cobalt is 
found in essential biomolecules such as vitamin By). 

In this chapter we explore the general properties of transition metals, pay- 
ing particular attention to the bonding, structure, and properties of the com- 
plex ions of these metals. 





19.1 | 


The Transition Metals: A Survey 


General Properties 


One striking characteristic of the representative elements is that their chemistry 
changes markedly across a given period as the number of valence electrons 
changes. The chemical similarities occur mainly within the vertical groups. In 
contrast, the transition metals show great similarities within a given period as 
well as within a given vertical group. This difference occurs because the last 
electrons added to the transition metal elements are inner electrons: d electrons 
for the d-block transition metals and f electrons for the lanthanides and ac- 
tinides. These inner d and f electrons cannot participate in bonding as readily 
as the valence s and p electrons can. Thus the chemistry of the transition ele- 
ments is not as greatly affected by the gradual change in the number of elec- 
trons as is the chemistry of the representative elements. 

Group designations are traditionally given on the periodic table for the 
d-block transition metals (Fig. 19.1). However, these designations do not re- 
late as directly to the chemical behavior of these elements as do the designa- 
tions for the representative elements (the A groups), so we will not use them. 


Table 19.1 


Some Transition Metals Important to the U.S. Economy and Defense 








Percentage 

Metal Uses Imported 
Chromium Stainless steel (especially for parts exposed ~91% 

to corrosive gases and high temperatures) 
Cobalt High-temperature alloys in jet engines, 95 Yo 

magnets, catalysts, drill bits 
Manganese Steelmaking F776 
Platinum and Catalysts ~87% 


palladium 
aS rr 
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The Lanthanides: Critical Elements 


Chemical Insights 





The lanthanide elements are traditionally known 
as rare earths, but this name is misleading. Many 
of these elements are, in fact, quite abundant, and 
many of them are crucial to modern life. For 
example, typical hybrid cars contain about 10 kg 
of lanthanum in their nickel-metal hydride batter- 
ies and smaller amounts of neodymium, praseo- 
dymium, dysprosium, and terbium in their electric 
motors and generators. In addition, the electricity- 
producing windmills that seem to be springing up 
everywhere depend on magnets that weigh about 
1 ton and contain hundreds of pounds of neo- 
dymium in the form of the neodymium-iron-boron 
compound Nd>Fe;4B. These neodymium-iron- 
boron-based magnets are also found in today’s 
computer disk drives. 

Because these elements are so important to 
modern technology, they play a key role in global 
economics. Although China possesses only about 
52% of the world’s known rare-earth reserves, in 
2010 nearly 100% of the world’s rare-earth metals 
and more than 94% of rare-earth oxides came 
from China. China has gained this status because 








it produces the rare earths at a much lower cost 
than the rest of the world. Although the United 
States has rare-earth reserves estimated at 13% of 
the world’s supply, it produces little, if any, rare 
earths. A plant in Mountain Pass, California, 
owned by Molycorp, produced ore composed of 
49% cerium, 33% lanthanum, 13% praseodym- 
ium, 4% samarium, and 1% heavier rare-earth ele- 
ments, but the plant was shut down in 2002 
because it could not compete price-wise with 
China. However, China recently has begun to 
reduce its rare-earth exports, which has caused 
concern about supplies of these critical elements 
for the United States and other nations. As a result, 
Molycorp is searching for less expensive ways to 
produce rare earths at the Mountain Pass mine. 
The current plan is to reopen the Mountain Pass 
operation in 2012. 

Although the rare-earth elements are not as 
economically important to the global economy as 
petroleum, they will become increasingly impor- 
tant to the global economy and world politics in 
the coming years. 





As a class, the transition metals behave as typical metals, exhibiting metallic 
luster and relatively high electrical and thermal conductivities. Silver is the best 
conductor of heat and electrical current. However, copper is a close second, which 
explains copper’s wide use in the electrical systems of homes and factories. 

In spite of their many similarities, the properties of the transition metals do 
vary considerably. For example, tungsten with a melting point of 3400°C is 


Figure 19.1 

The position of the transition elements 
on the periodic table. The d-block ele- 
ments correspond to filling the 3d, 4d, 
5d, or 6d orbitals. The inner transition 





metals correspond to filling the 4f (lan- 
thanides) or 5f (actinides) orbitals. 



























































f-block transition elements 





*Lanthanides 
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(clockwise from upper left) Calcite sta- 
lactites colored by traces of iron. 
Quartz is often colored by the pres- 
ence of transition metals such as Mn, 
Fe, and Ni. Wulfenite contains 
PbMoO,. Rhodochrosite is a mineral 
containing MnCOs. 





(from left to right) Aqueous solutions 
containing the metal ions Co?*, Mn?*, 
Gr", Fe" andiNic*. 


Paul Silverman/Fundamental Photographs 


Photograph © Cengage Learning. All rights reserved 





used for filaments in light bulbs; in contrast, mercury is a liquid at 25°C. Some 
transition metals such as iron and titanium are hard and strong and therefore 
make very useful structural materials; others such as copper, gold, and silver 
are relatively soft. The chemical reactivity of the transition metals also varies 
significantly. Some react readily with oxygen to form oxides. Of these metals, 
some, such as chromium, nickel, and cobalt, form oxides that adhere tightly to 
the metallic surface, thereby protecting the metal from further oxidation. Oth- 
ers, such as iron, form oxides that scale off, constantly exposing new metal to 
the corrosion process. On the other hand, the noble metals—primarily gold, 
silver, platinum, and palladium—do not readily form oxides. 

In forming ionic compounds with nonmetals, the transition metals exhibit 
several typical characteristics: 


More than one oxidation state is often found. For example, iron combines 
with chlorine to form FeCl, and FeCl;. 

The cations are often complex ions, species in which the transition metal ion is 
surrounded by a certain number of ligands (molecules or ions that behave as 
Lewis bases). For example, the compound [Co(NH3)¢]Cl; contains Co(NH3)¢3* 
cations and Cl- anions: 


3+ 


NH, ) e 
Ne NH; a 63 af i 
NH, a NB i <b * 
. @ Z ad 
Ni id 


es 














The Co(NH;),** ion 
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Selected Properties of the First-Row Transition Metals 

















Property Scandium Titanium Vanadium Chromium Manganese _ Iron Cobalt Nickel Copper Zinc 
Atomic number 21 22, 23 24 25 26 Oy, 28 WY) 30 
Electron 4s*3d! 4s°*3.d? 43°3d5 4s!3d° 4s°3d° Ast3d® 4s*3d’ —45*3d® 4513. q10' 4543 g10 
configuration* 

Atomic 162 147 134 130 135 126 125 124 128 138 


radius! (pm) 


Ionization energies 


(eV/atom) 
First 6.54 
Second 12.80 
Third 24.76 
Reduction —2.08 
potential+ (V) 
Common +3 
oxidation states 
Melting 1397 
point (°C) 
Density (g/cm?) AY, 
Electrical — 


conductivity 


6.74 6.77 7.44 TEM 7.86 7.64 Ald 9.39 
14.65 16.50 15.64 TGS 1 706 18.07. 20.29 17-96 
2241 30.96 33.67, 3U;65-9" 33.50" 2735.17 936,83" 39572 
salle?) =O) = lilt =—(.44 (0.200 = 0.25 ot U.54m OG 

ore or oad. Dea Sy hoarse) aes +2 = le 2 

+4,+5 +6 pair 
1710 1900 1244 1530 1495 1455 1083 419 
5.96 720 7.43 7.86 8.9 8.90 8.92 7.14 
3 10 2 Li 24 24 a7 PG 





*Each atom has an argon inner-core configuration. 


TCovalent atomic radii. 


*For the reduction process M?* + 2e~7 ——> M (except for scandium, where the ion is Sc"). 
SCompared with an arbitrarily assigned value of 100 for silver. 


Chromium has the electron configura- 


tion [Ar]4s'3d°. 


Most compounds are colored because the typical transition metal ion in a com- 
plex ion can absorb visible light of specific wavelengths. 
Many compounds are paramagnetic (they contain unpaired electrons). 


In this chapter we will concentrate on the first-row transition metals (scan- 
dium through zinc) because they are representative of the other transition se- 
ries and because they have great practical significance. Some important proper- 
ties of these elements are summarized in Table 19.2 and are discussed below. 


Electron Configurations 


The electron configurations of the first-row transition metals were discussed in 
Section 12.13. The 3d orbitals begin to fill after the 4s orbital is complete—that 
is, after calcium ([Ar]4s*). The first transition metal, scandium, has one elec- 
tron in the 3d orbitals; the second, titanium, has two; and the third, vanadium, 
has three. We would expect chromium, the fourth transition metal, to have the 
electron configuration [Ar]4s*3d*. However, the actual configuration is 
[Ar]4s!3d5; it has a half-filled 4s orbital and a half-filled set of 3d orbitals (one 
electron in each of the five 3d orbitals). It is tempting to say that the configura- 
tion results because half-filled “shells” are especially stable. Although there are 
some reasons to think that this explanation might be valid, it is an oversimpli- 
fication. For instance, tungsten, which is in the same vertical group as chro- 
mium, has the configuration [Xe]6s*4f!*5d*, where half-filled s and d shells are 
not found. There are several similar cases that dispute the importance of half- 
filled shells. 

The rigorous explanation of the electron configuration of chromium, 
which requires knowledge that is beyond the scope of an introductory course, 
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Figure 19.2 

Plots of the first (red dots) and third 
(blue dots) ionization energies for the 
first-row transition metals. 


involves the details of the electron interactions. It turns out that orbital ener- 
gies are not constant for a given atom but depend on the way that the other 
orbitals in the atom are occupied. Thus there is no simple explanation for why 
chromium has the 4s!3d° configuration rather than the 4s*3d* configuration. 
Suffice it to say that for all the first-row transition metals, because the 4s and 
3d orbitals have similar energies, the 4s*3d” and the 4s'3d"*' configurations 
have similar energies. For most elements, 4s?3d” is lower in energy, but for 
chromium and for copper ({Ar]4s!3d"°), the 4s'3d"*! configuration is more 
stable. 

In contrast to the neutral transition metals, where the 3d and 4s orbitals 
have very similar energies, the energy of the 3d orbitals in transition metal ions 
is significantly less than that of the 4s orbital. This means that the electrons 
remaining after the ion is formed occupy the 3d orbitals, since they are lower 
in energy. First-row transition metal ions do not have 4s electrons. For exam- 
ple, manganese has the configuration [Ar]4s*3d°, but that of Mn** is [Ar]3d°. 
The neutral titanium atom has the configuration [Ar]4s*3d7, but that of Ti? is 
[Ar]3d'. 


Oxidation States and lonization Energies 


The transition metals can form a variety of ions by losing one or more elec- 
trons. The common oxidation states of these elements are shown in Table 
19.2. Note that for the first five metals the maximum possible oxidation state 
corresponds to the loss of all the 4s and 3d electrons. For example, the maxi- 
mum oxidation state of chromium ([Ar]4s!3d>) is +6. Toward the right end 
of the period, the maximum oxidation states are not observed; in fact, the 
2+ ions are the most common. The higher oxidation states are not seen for 
these metals because the 3d orbitals become lower in energy as the nuclear 
charge increases, making the electrons increasingly difficult to remove. From 
Table 19.2 we see that ionization energy increases gradually from left to right 
across the period. However, the third ionization energy (corresponding to the 
removal of an electron from a 3d orbital) increases faster than the first ioniza- 
tion energy, clear evidence of the significant decrease in the energy of the 3d 
orbitals in going across the period (Fig. 19.2). 


Standard Reduction Potentials 


When a metal acts as a reducing agent, the half-reaction is 


M — M”* + ne7 





Ionization energy (eV/atom) 





CaP Ligh WG sMiniromaC ome Nie CiumeZn 


i 
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Figure 19.3 
Atomic radii of the 3d, 4d, and 5d 
transition series. 
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Table 19.3 — 


Relative Reducing Abilities of the First-Row 
Transition Metals in Aqueous Solution 


Reaction Potential (V) 
Soi=>Sc +. 36> 2.08 
Ta Ti 4s 2e- 1.63 
Ve ee ie fa 
Mn > Mn?+ + 2e- 1.18 = 
Ce Cre” Ze 0.91 = 
fy 2" + Jen 0.76 & 
Fe > Fe?* + 2e- ea 
Co Cott + 2é- 0.28 we 
Ni Ni2* + 2e7 0.23 
Cu = Cut +267 —0.34 





This is the reverse of the conventional listing of half-reactions in tables. Thus, 
when we rank the transition metals in order of reducing ability, it is most con- 
venient to reverse the reactions and the signs given in Table 19.2. The metal 
with the most positive potential is thus the best reducing agent. The transition 
metals are listed in order of reducing ability in Table 19.3. 

Recall that €° is zero by definition for the process 


2H*t + 2e° ——> H, 


Therefore, all the metals except copper can reduce H* ions in 1 M aqueous 
solutions of strong acid to hydrogen gas: 


M(s) + 2H*(aq) —~ Hp(g) + M**(aq) 


As Table 19.3 shows, the reducing abilities of the first-row transition metals 
generally decrease going from left to right across the period. Only chromium 
and zinc do not follow this trend. 


The 4d and 5d Transition Series 


In comparing the 3d, 4d, and Sd transition series, it is instructive to consider the 
atomic radii of these elements (Fig. 19.3). Note that there is a general, although 
not regular, decrease in size going from left to right across each of the series. 
Also note that although there is a significant increase in radius in going from the 
3d to the 4d metals, the 4d and Sd metals are remarkably similar in size. This 


Atomic radii (nm) 





Atomic number 
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Niobium was originally called colum- 
bium and is still occasionally referred to 


by that name. 





A titanium watch. 


latter phenomenon is the result of the lanthanide contraction. In the lanthanide 
series, which consists of the elements between lanthanum and hafnium (Fig. 
19.1), electrons are filling the 4f orbitals. Since the 4f orbitals are buried in the 
interior of these atoms, the additional electrons do not add to the atomic size. 
In fact, the increasing nuclear charge (remember that a proton is added to the 
nucleus with the addition of each electron) causes the radii of the lanthanide ele- 
ments to decrease significantly going from left to right. This lanthanide contrac- 
tion just offsets the normal increase in size due to changing from one principal 
quantum level to another. Thus the Sd elements, instead of being significantly 
larger than the 4d elements, are almost identical to them in size. This leads to a 
great similarity in the chemistry of the 4d and Sd elements in a given vertical 
group. For example, the chemical properties of hafnium and zirconium are re- 
markably similar, and they always occur together in nature. Their separation, 
which is probably more difficult than the separation of any other pair of ele- 
ments, often requires fractional distillation of their compounds. 

In general, the differences between the 4d and Sd elements in a group in- 
crease gradually going from left to right. For example, niobium and tantalum 
are also quite similar, but less so than zirconium and hafnium. 

Although generally less well known than the 3d elements, the 4d and Sd 
transition metals have certain very useful properties. For example, zirconium 
and zirconium oxide (ZrO ) are quite resistant to high temperatures and are 
used, along with niobium and molybdenum alloys, for space vehicle parts that 
are exposed to high temperatures during reentry into the earth’s atmosphere. 
Niobium and molybdenum are also important alloying materials for certain 
types of steel. Tantalum, which has a high resistance to attack by body fluids, 
is often used for surgical clips. The platinum group metals—ruthenium, os- 
mium, rhodium, iridium, palladium, and platinum—are all quite similar and 
are widely used as catalysts for many types of industrial processes. 





19.2 


The First-Row Transition Metals 


We have seen that while the transition metals are similar in many ways, they 
also show important differences. We will now explore some of the specific 
properties of each of the 3d transition metals. 

Scandium is a rare element that exists in compounds mainly in the +3 oxi- 
dation state—for example, in ScCl3, Sc.O3, and Sc2(SOx4)3. The chemistry of 
scandium strongly resembles that of the lanthanides, with most of its com- 
pounds being colorless and diamagnetic. This is not surprising, since Sc?* has 
no d electrons. As we will see in Section 19.6, the color and magnetism of tran- 
sition metal compounds usually arise from the d electrons on the metal ion. 
Scandium metal, which can be prepared by electrolysis of molten ScCl;, is not 
widely used because of its rarity. However, it is found in some electronic de- 
vices, such as high-intensity lamps. 

Titanium is widely distributed in the earth’s crust (0.6% by mass). Because 
of its relatively low density and high strength, titanium is an excellent struc- 
tural material, especially in jet engines, where light weight and stability at high 
temperatures are required. Nearly 5000 kg of titanium alloys are used in each 
engine of a Boeing 747 jetliner. In addition, the resistance of titanium to chemi- 
cal attack makes it a useful material for pipes, pumps, and reaction vessels in 
the chemical industry. 

The most familiar compound of titanium is no doubt responsible for the 
white color of this paper. Titanium dioxide, or more correctly, titanium(IV) 
oxide (TiO2), is a highly opaque substance used as the white pigment in paper, 
paint, linoleum, plastics, synthetic fibers, whitewall tires, and cosmetics (sun- 
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Liquid titanium(IV) chloride being added 
to water, forming a cloud of solid tita- 
nium oxide and hydrochloric acid. 


The manufacture of sulfuric acid was 
discussed in Section 3.8. 


The most common oxidation state for 
vanadium is +5. 


Table 19.4 


Oxidation States and Species 
for Vanadium in Aqueous Solution 








Oxidation 
State of Species in Aqueous 
Vanadium Solution 
+5 VO,* (yellow) 
+4 VO?* (blue) 
+3 V>* (aq) (blue-green) 
+2 V?* (aq) (violet) 
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screens, for example). About 700,000 tons of TiO; are used annually in these 
and similar products. Titanium(IV) oxide is widely dispersed in nature, but the 
main ores are rutile (impure TiO) and ilmenite (FeTiO3;). Rutile is processed 
by treatment with chlorine to form volatile TiCl4, which is then separated from 
the impurities and burned to form TiO): 


TiCl4(g) + O2(g) ——> TiO,(s) + 2Ch(g) 
Ilmenite is treated with sulfuric acid to form a soluble sulfate, 


FeTi0O3(s) + 2H,SO,4(aq) —> 
Fe?*(aq) + TiO?*(aq) + 2SO,?-(aq) + 2H,O()) 


When this aqueous mixture is allowed to stand under vacuum, solid 
FeSO, + 7H2O forms and is removed. The mixture remaining is then heated, 
and the insoluble titanium(IV) oxide hydrate (TiO - H)O) forms. The water of 
hydration is driven off by heating to form pure TiO): 
TOs HELO LON eer Ol.) 

In its compounds titanium most often exists in the +4 oxidation state. 
Examples are TiO, and TiCly, the latter a colorless liquid (bp = 137°C) that 
fumes in moist air to produce TiO): 


TiCl4(/) + 2H,O(J) —> TiO.(s) + 4HCl(g) 


Titanium(III) compounds can be produced by reduction of compounds con- 
taining titanium in the +4 state. In aqueous solution Ti** exists as the purple 
Ti(H2O),3* ion, which is slowly oxidized to titanium(IV) by air. Titanium(II) 
is not stable in aqueous solution but does exist in the solid state in compounds 
such as TiO and dihalides of the type TiX). 

Vanadium is widely dispersed throughout the earth’s crust (0.02% by 
mass). It is used mostly in alloys with other metals such as iron (80% of vana- 
dium is used in steel) and titanium. Vanadium(V) oxide (V2Os) is used as an 
industrial catalyst in the production of materials such as sulfuric acid. 

Pure vanadium can be obtained from the electrolytic reduction of fused 
salts, such as VCl,, to produce a metal similar to titanium that is steel gray, 
hard, and corrosion-resistant. Often the pure element is not required for alloy- 
ing. For example, ferrovanadium, produced by reducing a mixture of V,O; 
and Fe,O 3 with aluminum, is added to iron to form vanadium steel, a hard 
steel used for engine parts and axles. 

The principal oxidation state of vanadium is +5, found in compounds such 
as the orange V2O; (mp = 650°C) and the colorless VF; (mp = 19.5°C). The 
oxidation states ranging from +5 to +2 all exist in aqueous solution (Table 
19.4). The higher oxidation states, +5 and +4, do not exist as hydrated ions of 
the type V"*(aq) because these highly charged ions cause the attached water 
molecules to be very acidic. The H* ions are lost to give the oxycations VO,* 
and VO?*. The hydrated V** and V** ions are easily oxidized and thus can 
function as reducing agents in aqueous solution. 

Although chromium is relatively rare, it is a very important industrial ma- 
terial. The chief ore of chromium, chromite (FeCr)O,4), can be reduced by car- 
bon to give ferrochrome, 


FeCr,O,4(s) + 4C(s) —— Fe(s) + 2Cr(s) + 4CO(g) 





Ferrochrome 


which can be added directly to iron in the steelmaking process. Chromium 
metal, which is often used to plate steel, is hard and brittle. It maintains a 
bright surface by developing a tough, invisible oxide coating. 


Chapter 19 Transition Metals and Coordination Chemistry 








OYsietleVebecseditni | Titanium Makes Great Bicycles 








One of the most interesting characteristics of the 
world of bicycling is the competition among 
various frame materials. Bicycle frames are now 
built from steel, aluminum, carbon fiber compos- 
ites, and titanium, with each material having 
advantages and disadvantages. Steel is strong, 
economical, adaptable, and (unfortunately) “rust- 
able.” Aluminum is light and stiff but has rela- 
tively low fatigue limits (resistance to repeated 
stresses). Carbon fiber composites have amazing 
strength-to-mass ratios and have shock- and vibra- 
tion-dampening properties superior to any metal; 
however, they are very expensive. Titanium has a 
density approximately 43% less than that of steel, 
a yield strength (when alloyed with metals such as 
aluminum and tin) that is 30% greater than that of 
steel, an extraordinary resistance to fatigue, and a 
high resistance to corrosion but is expensive and 
difficult to work. 

Of all these materials, titanium gives the bicycle 
that fanatics seem to love the most (Fig. 19.4). 
After their first ride on a bicycle with a titanium 
frame, most experienced cyclists find themselves 
shaking their heads and searching hard for the right 
words to describe the experience. Typically, the 
word magic is used a great deal in the ensuing 
description. 





Jodi Jacobson/Peter Arnold, Inc./PhotoLibrary 


Figure 19.4 
A bicycle with a titanium frame. 





The magic of titanium results from its combi- 
nation of toughness, stretchability, and resilience. 
A bicycle that is built stiff to resist pedaling loads 
usually responds by giving a harsh, uncomfortable 
ride. A titanium bike is very stiff against high ped- 
aling torques, but it seems to transmit much less 
road shock than bikes made of competitive mate- 
rials. Why titanium excels in dampening vibra- 
tions is not entirely clear. Despite titanium’s sig- 
nificantly lower density than steel, shock waves 
travel more slowly in titanium than steel. What- 
ever the explanation for its shock-absorbing abili- 
ties, titanium provides three things that cyclists 
find crucial: light weight, stiffness, and a smooth 
ride—magic. 

Titanium is quite abundant in the earth’s crust, 
ranking ninth of all the elements and second 
among the transition elements. The metallurgy of 
titanium presents special challenges. Carbon, the 
reducing agent most commonly used to obtain 
metals from their oxide ores, cannot be used 
because it forms intractable interstitial carbides 
with titanium. These carbides are extraordinarily 
hard and have melting points above 3000°C. 
However, if chlorine gas is used in conjunction 
with carbon to treat the ore, volatile TiCl, is 
formed, which can be distilled off and then 
reduced with magnesium or sodium at approxi- 
mately 1000°C to form a titanium “sponge.” This 
sponge is then ground up, cleaned with aqua regia 
(a 1:3 mixture of concentrated HNO; and concen- 
trated HCl), melted under a blanket of inert gas (to 
prevent reaction with oxygen), and cast into 
ingots. Titanium, a lustrous, silvery metal with a 
high melting point (1667°C), crystallizes in a hex- 
agonal closest packed structure. Because titanium 
tends to become quite brittle when trace impurities 
such as C, N, and O are present, it must be fabri- 
cated with great care. 

Titanium’s unusual ability to stretch makes it 
hard to machine. It tends to push away even from 
a very sharp cutting blade, giving a rather unpre- 
dictable final dimension. Also, because titanium is 
embrittled by reaction with oxygen, all welding 
operations must be carried out under a shielding 
gas such as argon. 

However, the bicycle that results is worth all 
these difficulties. One woman described a titanium 
bicycle as “the one God rides on Sunday.” 
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Table 19.5 


Typical Chromium Compounds 








Oxidation Examples of 
State of Compounds 
Chromium (X = halogen) 
2D, CrX, 
sr) CrX3 
Cr2O3 (green) 
Cr(OH); (blue-green) 
+6 K;Cr2O07 (orange) 


Na2CrOy, (yellow) 
CrO; (red) 





Manganese nodules on the sea floor. 


Figure 19.5 

The structures of the chromium(V1) 
anions: (a) Cr2O7*~, which exists in 
acidic solution; and (b) CrO.2~, which 
exists in basic solution. 
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Chromium commonly forms compounds in which it has an oxidation state 
of +2, +3, or +6, as shown in Table 19.5. The Cr?* (chromous) ion is a pow- 
erful reducing agent in aqueous solution. In fact, traces of O, in other gases can 
be removed from those gases by bubbling the gaseous mixture through a Cr* 
solution: 


4Cr?* (aq) + Or(g) + 4H* (aq) ——> 4Cr3*(aq) + 2H,O()) 


The chromium(VI) species are excellent oxidizing agents, especially in 
acidic solution, where chromium(VI) as the dichromate ion (Cr,O7*~) is re- 
duced to the Cr?* ion: 


Cr,077 (aq) + 14H*(aqg) + 6e- —> 2Cr?*(aq) + 7H20()) C= 1:33-V; 


The oxidizing ability of the dichromate ion is strongly pH-dependent; it increases 
as [H*] increases, as predicted by Le Chatelier’s principle. In basic solution 
chromium(VI) exists as the chromate ion, a much less powerful oxidizing agent: 


CrO.2-(aq) + 4H,O(1) + 3e- ——> Cr(OH);(s) + SOH™-(aq) 
€° = -0.13 V 


The structures of the Cr,O7*~ and CrO4?~ ions are shown in Fig. 19.5. 
Red chromium(VI) oxide (CrO3) dissolves in water to give a strongly 
acidic, red-orange solution: 


2CrO3(s) Ar H,O(I) —> 2H* (aq) a Cr.07* (aq) 


It is possible to precipitate bright orange dichromate salts, such as K,Cr2O7, 
from these solutions. When made basic, the solution turns yellow and chro- 
mate salts such as Na»CrO, can be obtained. A mixture of chromium(VI) ox- 
ide and concentrated sulfuric acid, commonly called cleaning solution, is a 
powerful oxidizing medium that can remove organic materials from analytical 
glassware, yielding a very clean surface. 

Manganese is relatively abundant (0.1% of the earth’s crust), although no 
significant sources are found in the United States. The most common use of 
manganese is in the production of an especially hard steel used for rock crush- 
ers, bank vaults, and armor plate. One interesting source of manganese is man- 
ganese nodules found on the ocean floor. These roughly spherical “rocks” 
contain mixtures of manganese and iron oxides as well as smaller amounts of 
other metals such as cobalt, nickel, and copper. Apparently, the nodules were 
formed at least partly by the action of marine organisms. Because of the abun- 
dance of these nodules, there is much interest in developing economical meth- 
ods for their recovery and processing. 

Manganese can exist in all oxidation states from +2 to +7, although +2 
and +7 are the most common. Manganese(II) forms an extensive series of salts 
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Table 19.6 


Some Compounds of Manganese 
in Its Most Common Oxidation States 


Oxidation 
State of Examples of 
Manganese Compounds 


+2 Mn(OH), (pink) 
MnS (salmon) 
MnSO,j (reddish) 


MnCl, (pink) 
+4 MnO, (dark brown) 
aril KMn0O,j (purple) 





Table 19.7 


Typical Compounds of Iron 


and Coordination Chemistry 

with all the common anions. In aqueous solution Mn2* forms Mn(H2O),?*, 
which has a light pink color. Manganese(VII) is found in the intensely purple 
permanganate ion (MnO,~). Widely used as an analytical reagent in acidic 
solution, the MnO,~ ion behaves as a strong oxidizing agent, producing Mn’*: 


MnO," (aq) + 8H*(aq) + Se~ —> Mn**(aq) + 4H20(/) ot oe 


Several typical compounds of manganese are listed in Table 19.6. 

Iron is the most abundant heavy metal (constituting 4.7% of the earth’s 
crust) and the most important to our civilization. It is a white, lustrous, not 
particularly hard metal that is very reactive toward oxidizing agents. For ex- 
ample, in moist air it is rapidly oxidized by oxygen to form rust, a mixture of 
iron oxides. 

The chemistry of iron mainly involves its +2 and +3 oxidation states. 
Typical compounds are shown in Table 19.7. In aqueous solutions, iron(II) 
salts are generally light green because of the presence of Fe(H2O),**. Although 
the Fe(H,O),?* ion is colorless, aqueous solutions of iron(II) salts are usually 
yellow to brown in color because of the presence of Fe(OH)(H2O);**. This lat- 
ter ion results from the acidity of Fe(H2O),* (K, = 6 X 107°): 


Fe(H,O).3*+(aq) === Fe(OH)(H20);**(aq) + H*(aq) 





Although cobalt is relatively rare, it is found in ores such as smaltite 
(CoAs) and cobaltite (CoAsS) in large enough concentrations to make its pro- 
duction economically feasible. Cobalt is a hard, bluish white metal mainly used 
in alloys such as stainless steel and stellite, which is an alloy of iron, copper, 
and tungsten used in surgical instruments. 

The chemistry of cobalt involves mainly its +2 and +3 oxidation states, 
although compounds containing cobalt in the 0, +1, and +4 oxidation states 
are known. Aqueous solutions of cobalt(II) salts contain the Co(H2O),** ion, 
which has a characteristic rose color. Cobalt forms a wide variety of coordina- 
tion compounds, many of which will be discussed in later sections of this chap- 
ter. Some typical cobalt compounds are listed in Table 19.8. 

Nickel ranks twenty-fourth in elemental abundance in the earth’s crust. It 
is found in ores, where it is combined mainly with arsenic, antimony, and sul- 
fur. Nickel metal, a silver-white substance with high electrical and thermal con- 
ductivities, is quite resistant to corrosion and is often used for plating more ac- 
tive metals. Nickel is also widely used in the production of alloys such as steel. 

Nickel is found almost exclusively in the +2 oxidation state in its com- 
pounds. Aqueous solutions of nickel(II) salts contain the Ni(H,O),2* ion 


b) 


Table 19.8 
Typical Compounds of Cobalt 




















Oxidation Oxidation 
State of Iron Examples of Compounds State of 
ar - FeO (black) st ee __ Cobalt aes Examples of Compounds 
FeS (brownish black) +2 CoSO, (dark blue) 
FeSO, : 7H20O (green) [Co(H2O)¢]Cl, (pink) 
K4Fe(CN)< (yellow) [Co(H2O)¢](NO3)2 (red) 
+3 FeCl; (brownish black) CoS (black) 
FeO 3 (reddish brown) CoO (greenish brown) 
K3Fe(CN)g (red) +3 CoF; (brown) 
Fe(SCN)3 (red) Co O03 (charcoal) 
spy aes Fe30,4 (black) K3[Co(CN)g] (yellow) 
(mixture) KFe[Fe(CN)¢] (deep blue, Prussian blue) 


[Co(NH3)¢]Cl; (yellow) 


Photograph © Cengage Learning. All rights reserved 





An aqueous solution containing the 
Ni? ion. 


Copper roofs and bronze statues 
such as the Statue of Liberty, turn 
green in air because Cu3(OH).SO 
Cuy4(OH).SO, form 


Table 19.10 
Alloys Containing Copper 





ana 
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Table 19.9 
Typical Compounds of Nickel 


Oxidation 


State of Nickel Examples of Compounds 





a2) NiCl, (yellow) 
[Ni(H2O).|Cl: (green) 
NiO (greenish black) 
NiS (black) 
[Ni(H20)¢]SO4 (green) 
[Ni(NH3 6 s(NO3 )o (blue) 





which has a characteristic emerald green color. Coordination compounds of 
nickel(II) will be discussed later in this chapter. Some typical nickel compounds 
are shown in Table 19.9. 

Copper, widely distributed in nature in ores containing sulfides, arsenides, 
chlorides, and carbonates, is valued for its high electrical conductivity and its 
resistance to corrosion. It is widely used for plumbing, and 50% of all copper 
produced annually is used for electrical applications. Copper is a major con- 
stituent in several well-known alloys (Table 19.10). 

Although copper is not highly reactive (it will not reduce H* to Hy, for 
example), this reddish colored metal does slowly corrode in air, producing the 
characteristic green patina consisting of basic copper sulfate, 


3Cu(s) + 2H,O(!) + SO2(g) + 202(g) —> Cu3(OH)4SOx(s) 


Basic copper sulfate 


and other similar compounds. 

The chemistry of copper principally involves the +2 oxidation state, but 
many compounds containing copper(I) are also known. Aqueous solutions of 
copper(II) salts are a characteristic bright blue color because of the presence of 
the Cu(H,O),2* ion. Table 19.11 lists some typical copper compounds. 

Although trace amounts of copper are essential for life, this substance is 
quite toxic in large amounts; copper salts are used to kill bacteria, fungi, and 
algae. For example, paints containing copper are used on ship hulls to prevent 
fouling by marine organisms. 

Widely dispersed in the earth’s crust, zinc is mainly refined from sphalerite 
[(ZnFe)S], which often occurs with galena (PbS). Zinc is a white, lustrous, very 
active metal that behaves as an excellent reducing agent and that tarnishes 


Table 19.11 
Typical COTO) of Copper 











Composition Orciton 
Alloy (% byt mass in parentheses) State of 
Pan )q ae ae Copper Examples of Compounds 
Brass Cu (20-97), Zn (2-80), Sn (0- ia . a a ene ee ae 
Pb (0-12), Mn (0-25) +1 Cu,0 (red) 
Bronze Cu (50-98), Sn (0-35), Zn (0-29), CuS (black) 
Pb (0-50), P (0-3) ; ae ee 
Sterling silver. Cu (7.5), Ag (92.5) * 2 a ae Sites 
Gold (18-karat) Cu (5-14), Au (75), Ag (10-20) CaCl c2EGO (areal 
Cu (12-28), Au u (58), Ag ( =o) [Cul (HO )el\ (NOs) 2 (blue) 


Gold (14-karat) 
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rapidly. About 90% of the zinc produced is used for galvanizing steel. Zinc 
forms colorless salts containing Zn* ions. 





19.3 | 





Alpine pennycress thrives on soils con- 
taining zinc and cadmium. The metals 
can be harvested by extracting them 
from the plant’s shoots. 


Coordination Compounds 


Transition metal ions characteristically form coordination compounds, which 
are usually colored and often paramagnetic. A coordination compound typi- 
cally consists of a complex ion, a transition metal ion with its attached ligands 
(see Section 8.10), and counter ions, anions or cations needed to produce a 
compound with no net charge. The substance [Co(NH3)sCl]Cl: is a typical 
coordination compound. The square brackets indicate the composition of the 
complex ion—in this case Co(NH3);Cl**—and the two Cl” counter ions are 
shown outside the brackets. Note that in this compound one Cl acts as a li- 
gand along with the five NH; molecules. In the solid state, this compound 
consists of the large Co(NH3);Cl** cations with twice as many Cl anions, all 
packed together as efficiently as possible. When dissolved in water, the solid 
behaves like any ionic solid; the cations and anions are assumed to separate 
and move about independently: 


H,O 
——_——_———> 


[Co(NH3);ClJCh(s) Co(NH3);Cl2*(aq) + 2Cl-(aq) 


Coordination compounds have been known since about 1700, but their 
true nature was not understood until the 1890s when a young Swiss chemist 
named Alfred Werner proposed that transition metal ions have two types of 
valence (combining ability). One type of valence, which Werner called the sec- 
ondary valence, refers to the ability of a metal ion to bind to Lewis bases (li- 
gands) to form complex ions. The other type, the primary valence, refers to the 
ability of the metal ion to form ionic bonds with oppositely charged ions. Thus 
Werner explained that the compound originally written as CoCl; - SNH; is 
actually [Co(NH3)sCl]Cl, in which the Co** ion has a primary valence of 3, 
satisfied by the three Cl~ ions, and a secondary valence of 6, satisfied by the six 
ligands (five NH; and one Cl”). We now call the primary valence the oxidation 
state and the secondary valence the coordination number. The latter reflects 
the number of bonds formed between the metal ion and the ligands in the com- 
plex ion. 


Coordination Number 


The number of bonds formed by metal ions to ligands in complex ions varies 
from two to eight, depending on the size, charge, and electron configuration of 
the transition metal ion. As shown in Table 19.12, 6 is the most common co- 


Table 19.12 


Typical Coordination Numbers for Some Common Metal lons 





Coordination Coordination Coordination 





M?* Numbers M?* Numbers M3* Numbers 
Cor Dea Mn? 4,6 Scr 6 
Ag’ 2 Fe? 6 Cr+ 6 
Au’ 2,4 Com 4,6 Gory 6 
Ni2* 4,6 Au3* 4 
Cue" 4,6 
4,6 





The Lewis definition of acids and bases 
also encompasses the Bronsted—Lowry 
definition. For example, 


H+ + :NH; ——> NH,* 





Coordination 
number 


Geometry 


Ye 


Linear 














Tetrahedral 











Octahedral 


Figure 19.6 
The ligand arrangements for coordina- 
tion numbers 2, 4, and 6. 
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ordination number, followed closely by 4, with a few metal ions showing a 
coordination number of 2. Many metal ions show more than one coordination 
number, and there is really no simple way to predict what the coordination 
number will be in a particular case. The typical geometries for the various com- 
mon coordination numbers are shown in Fig. 19.6. Note that six ligands pro- 
duce an octahedral arrangement around the metal ion. Four ligands can form 
either a tetrahedral or a square planar arrangement, and two ligands give a 
linear structure. 


Ligands 


A ligand is a neutral molecule or ion having a lone pair that can be used to 
form a bond to a metal ion. In the 1920s G. N. Lewis suggested a general defi- 
nition for acid—base behavior in terms of electron pairs. Lewis defined an acid 
as an electron-pair acceptor and a base as an electron-pair donor. Because a 
ligand donates an electron pair to an empty orbital on a metal ion, the forma- 
tion of a metal-ligand bond can be described as the interaction between a 
Lewis base (the ligand) and a Lewis acid (the metal ion). This is often called a 
coordinate covalent bond. 

A ligand that can form one bond to a metal ion is called a monodentate 
ligand, or a unidentate ligand (from root words meaning “one tooth”). Ex- 
amples of unidentate ligands are shown in Table 19.13. 


Table 19.13 


Some Common Ligands 




















Type Examples 
Unidentate/monodentate H,0 SCN7 (thiocyanate) 
NH; OH- 
CN7 X~ (halides) 
NO,” (nitrite) 
Bidentate Oxalate Ethylenediamine 
(en) 
O O 
Sent H,C—CH, 
woo ; vA N 
Ele ene: eS eae 
Vi M 
Polydentate Diethylenetriamine 
(dien) 
H,N—(CH),—NH—(CH)),>—NH> 


si aeeghl / 


Three coordinating atoms 


Ethylenediaminetetraacetate 
(EDTA) 


Sao oe 
Guce Sines oN j= C035) 

N—(CH3)2-N_ ; 
‘ee ena O + 
rae ono 
Six coordinating atoms 
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= iat HH 
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(a) 

(b) 

Figure 19.7 


(a) The bidentate ligand ethylenedi- 
amine can bond to the metal ion 
through the lone pair on each nitrogen 
atom, thus forming two coordinate 
covalent bonds. (bf) Ammonia is a 
monodentate ligand. 


2- 








Figure 19.8 
The coordination of EDTA with a 2+ 
metal ion. 


Some ligands have more than one atom with a lone pair that can be used 
to bond to a metal ion. Such ligands are said to be chelating ligands, or chelates 
(from the Greek word chela, meaning “claw”). A ligand that can form two 
bonds to a metal ion is called a bidentate ligand. A very common bidentate li- 
gand is ethylenediamine (abbreviated en), which is shown coordinating to a 
metal ion in Fig. 19.7(a). Note the relationship between this ligand and the 
unidentate ligand ammonia [Fig. 19.7(b)]. Oxalate, another typical bidentate 
ligand, is shown in Table 19.13. 

Ligands that can form more than two bonds to a metal ion are called poly- 
dentate ligands. Some ligands can form as many as six bonds to a metal ion. 
The best-known example of such a ligand is ethylenediaminetetraacetate (ab- 
breviated EDTA), which is shown in Table 19.13. This ligand virtually sur- 
rounds the metal ion (Fig. 19.8), coordinating through six atoms (a hexaden- 
tate ligand). As might be expected from the large number of coordination sites, 
EDTA forms very stable complex ions with most metal ions. It is therefore use- 
ful as a “scavenger” to remove toxic heavy metals such as lead from the human 
body. It is also used as a reagent to analyze solutions for their metal ion con- 
tent. EDTA is found in countless consumer products, including soda, beer, 
salad dressings, bar soaps, and most cleaners. In these products EDTA ties up 
trace metal ions that would otherwise catalyze decomposition and produce 
unwanted precipitates. 

Even more complicated ligands are found in biological systems, where 
metal ions play crucial roles in catalyzing reactions, transferring electrons, and 
transporting and storing oxygen. A discussion of these complex ligands will 
follow in Section 19.8. 


Nomenclature 


In Werner’s lifetime no system was used to name coordination compounds. 
Names of the compounds were commonly based on colors and names of dis- 
coverers. As the field expanded and more coordination compounds were iden- 
tified, an orderly system of nomenclature became necessary. A simplified ver- 
sion of this system is summarized by the following rules. 


Rules for Naming Coordination Compounds 





1. As with any ionic compound, the cation is named before the anion. 
2. In naming a complex ion, the ligands are named before the metal ion. 


3. In naming ligands, an 0 is added to the root name of an anion. For example, the 
halides as ligands are called fluoro, chloro, bromo, and iodo; hydroxide is hy- 
droxo; and cyanide is cyano. For a neutral ligand, the name of the molecule is 
used, with the exception of HO, NH3, CO, and NO, as illustrated in Table 19.14. 


4. The prefixes mono-, di-, tri-, tetra-, penta-, and hexa- are used to denote the num- 
ber of simple ligands. The prefixes bis-, tris-, tetrakis-, and so on are also used, 
especially for more complicated ligands or ones that already contain di-, tri-, and 
so on. 


5. The oxidation state of the central metal ion is designated by a Roman numeral in 
parentheses. 


6. When more than one type of ligand is present, ligands are named in alphabetical 
order.* Prefixes do not affect the order. 


7. If the complex ion has a negative charge, the suffix -ate is added to the name of 
the metal. Sometimes the Latin name is used to identify the metal (Table 19.15) 


. 





“In an older system, the negatively charged ligands were named first, followed by neutral ligands, 
with positively charged ligands named last. We will follow the newer convention in this text. 


PTMOWYZI AVES VSHgdys LEG Tiny. 


All rights reserved 


Photograph © Cengage Learning. All rights reserved 


Table 19.14 


Names of Some Common Unidentate Ligands 
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Table 19.15 


Latin Names Used for Some Metal 





Neutral Molecules 


lons in Anionic Complex lons 








Aqua H,O 
Ammine NH; 
Methylamine CH;NH, 
Carbonyl CO 
Nitrosyl NO 











(top) An aqueous solution of 
[Co(NHs3)sCl]Clo. 
(bottom) Solid KsFe(CN).. 








Anions Le oe Sram 
ayant tad tis Anionic Complex 

Fluoro Fo Metal Base Name 

Chloro Cle - ——_—_— —— 

Bromo Br- Iron Ferrate 

Iodo Te Copper Cuprate 

Hydroxo OH- Lead Plumbate 

Cyano GNF Silver Argentate 

—- oe” = aa Gold Aurate 


Tin Stannate 





These rules are applied in Example 19.1. 


WWL INTERACTIVE EXAMPLE 19.1 
Give the systematic name for each of the following coordination compounds. 


a. [Co(NH3);Cl]Cl, b. K3Fe(CN)¢ Cc. [Fe(en)2(NO2)2],SO4 


Solution 


a. To determine the oxidation state of the metal ion, we examine the charges 
of all ligands and counter ions. The ammonia molecules are neutral and 
each chloride ion has a 1— charge, so the cobalt ion must have a 3+ charge 
to produce a neutral compound. Since cobalt has the oxidation state +3, we 
use cobalt(III) in the name. 

The ligands include one Cl~ ion and five NH3 molecules. The chloride 
ion is designated as chloro, and each ammonia molecule is designated am- 
mine. The prefix penta- indicates that there are five NH; ligands present. 
The name of the complex cation is therefore pentaamminechlorocobalt(III). 
Note that the ligands are named alphabetically, disregarding the prefix. 
Since the counter ions are chloride ions, the compound is named as a chlo- 
ride salt: 


pentaamminechlorocobalt(III) chloride 





Cation Anion 


b. First, we determine the oxidation state of the iron by considering the other 
charged species. The compound contains three K* ions and six CN7 ions. 
Therefore, the iron must carry a charge of 3+, giving a total of six positive 
charges to balance the six negative charges. Thus the complex ion present is 
Fe(CN),3~. The cyanide ligands are each designated cyano, and the prefix 
hexa- indicates that six are present. Since the complex ion is an anion, we use 
the Latin name ferrate. The oxidation state is indicated by ferrate(III) in the 
name. The anion name is therefore hexacyanoferrate(III). The cations are K* 
ions, which are simply named potassium. Combining all this gives the name 


potassium hexacyanoferrate(III) 





Cation Anion 


(The common name of this compound is potassium ferricyanide.) 

c. We first determine the oxidation state of the iron by looking at the other 
charged species: four NO) ions and one SO,’ ion. The ethylenediamine is 
neutral. Thus the two iron ions must carry a total of six positive charges to 
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balance the six negative charges. This means that each iron has a +3 oxida- 
tion state and is designated as iron(II). 
Since the name ethylenediamine already contains di, we use bis- instead 
of di- to indicate the presence of two en ligands. The name for NO2 as a li- 
gand is nitro, and the prefix di- indicates the presence of two NO2~ ligands. 
The anion is sulfate. Therefore, the compound’s name is 
bis(ethylenediamine)dinitroiron(III) sulfate 


gees: 
Cation Anion 





Since the complex ion is a cation in this case, the Latin name for iron is not 
used. 


WWL INTERACTIVE EXAMPLE 19.2 


Given the following systematic names, predict the formula of each coordina- 
tion compound. 


a. triamminebromoplatinum(II) chloride 


b. potassium hexafluorocobaltate(III) 


Solution 


a. Triammine signifies three ammonia ligands, and bromo indicates one bro- 
mide ion as a ligand. The oxidation state of platinum is +2, as indicated 
by the Roman numeral II. Thus the complex ion is [Pt(NH3)3Br]~. One 
chloride ion is needed to balance the 1+ charge of this cation. The formula 
of the compound is [Pt(NH3)3Br]Cl. Note that square brackets enclose the 
complex ion. 


b. The complex ion contains six fluoride ligands attached to a Co** ion to give 
CoF,?-. Note the -ate ending that indicates that the complex ion is an anion. 
Three K* cations are required to balance the 3— charge on the complex ion. 
Thus the formula is K3[CoF¢]. 





19.4 | Isomerism 


When two or more species have the same formula but exhibit different proper- 
ties, they are said to be isomers. Although isomers contain exactly the same 
types and numbers of atoms, the arrangements of their atoms differ, and this 
leads to different properties. We will consider two main types of isomerism: 
structural isomerism, in which the isomers contain the same atoms but one or 
more bonds differ, and stereoisomerism, in which all of the bonds in the iso- 
mers are the same but the spatial arrangements of the atoms are different. Each 
of these classes also has subclasses (Fig. 19.9), which we will now consider. 


Structural lsomerism 


The first type of structural isomerism we will consider is coordination isomer- 
ism, in which the composition of the complex ion varies. For example, 
[Cr(NH3);SO,4|Br and [Cr(NH3);Br]SO,4 are coordination isomers. In the first 
case, SO,’ is coordinated to Cr>*, whereas Br~ acts as the counter ion; in the 
second case, the roles of these ions are reversed. 

Another example of coordination isomerism involves the [Co(en)s] 
[Cr(ox)3] and [Cr(en)3][Co(ox)3] pair, where ox represents the oxalate ion, a 
bidentate ligand shown in Table 19.13. 

In a second type of structural isomerism, linkage isomerism, the composi- 
tion of the complex ion is the same, but the point of attachment of at least one 


Figure 19.9 
Some classes of isomers. 

















Figure 19.10 

As a ligand, NO2~ can bond to a metal 
ion (a) through a lone pair on the nitro- 
gen atom or (b) through a lone pair on 
one of the oxygen atoms. 


Figure 19.11 


(a) The cis isomer of Pt(NHs3)2Clo (yellow). 


(b) The trans isomer of Pt(NHs3)2Clo (pale 
yellow). 
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of the ligands differs. Two ligands that can attach to metal ions in different 
ways are thiocyanate, SCN” (which can bond through lone pairs on the nitro- 
gen or the sulfur atom), and the nitrite ion, NO, (which can bond through 
lone pairs on the nitrogen or the oxygen atom). For example, the following 
two compounds are linkage isomers: 


[Co(NH3)4(NO,)CI}CI 
Tetraamminechloronitrocobalt(II]) chloride 
(yellow) 


[Co(NH3)4(ONO)CICI 
Tetraamminechloronitritocobalt(II]) chloride 
(red) 


In the first case, the NO.~ ligand is called nitro and is attached to Co** through 
the nitrogen atom; in the second case, the NO) ligand is called nitrito and is 
attached to Co** through an oxygen atom (Fig. 19.10). 


Stereoisomerism 


Stereoisomers have the same bonds, but they exhibit different spatial arrange- 
ments of their atoms. One type, geometrical isomerism, or cis—trans isomer- 
ism, occurs when atoms or groups of atoms can assume different positions 
around a rigid ring or bond. An important example is the compound 
Pt(NH3)2CbL, which has a square planar structure. The two possible arrange- 
ments of the ligands are shown in Fig. 19.11. In the cis isomer, the ammonia 
molecules are next (cis) to each other. In the trans isomer, the ammonia mol- 
ecules are across (trans) from each other. 

Geometrical isomerism also occurs in octahedral complex ions. For ex- 
ample, the compound [Co(NH3)4Cl)]Cl has cis and trans isomers (Fig. 19.12). 

A second type of stereoisomerism is called optical isomerism because the 
isomers have opposite effects on plane-polarized light. When light is emitted 
from a source such as a glowing filament, the oscillating electric fields of the 
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Alfred Werner: Coordination Chemist 








During the early and middle parts of the nineteenth 
century, chemists prepared a large number of 
colored compounds containing transition metals 
and other substances such as ammonia, chloride 
ion, cyanide ion, and water. These compounds were 
very interesting to chemists who were trying to 
understand the nature of bonding (Dalton’s atomic 
theory of 1808 was very new at this time), and 
many theories were suggested to explain these sub- 
stances. The most widely accepted early theory was 
the chain theory, championed by Sophus Mads 
Jorgensen (1837-1914), professor of chemistry at 
the University of Copenhagen. The chain theory got 
its name from the postulate that metal-ammine* 
complexes contain chains of NH; molecules. For 
example, Jorgensen proposed the structure 





y NaCl 
Co—NH;—NH;—NH;—NH3—Cl 
NH3—Cl 


for the compound Co(NH3)¢Cl;. In the late nine- 
teenth century, this theory was used in classrooms 
around the world to explain the nature of 
metal-ammine compounds. 

However, in 1890 a young Swiss chemist named 
Alfred Werner, who had just obtained a Ph.D. in the 
field of organic chemistry, became so interested in 
these compounds that he apparently even dreamed 
about them. In the middle of one night, Werner 
awoke realizing that he had discovered the correct 
explanation for the constitution of these compounds. 
Writing furiously the rest of that night and into the 





late afternoon of the following day, he constructed a 
scientific paper containing his now famous coordi- 
nation theory. This model postulates an octahedral 
arrangement of ligands around the Co** ion, leading 
to the Co(NH3),?* complex ion with three Cl~ 
ions as counter ions. Thus Werner’s picture of 
Co(NH3)¢Cl; differed greatly from the chain theory. 
In his paper on the coordination theory, Werner 
explained not only the metal-ammine compounds 
but also most of the other known transition metal 
compounds, and the importance of his contribution 
was recognized immediately. He was appointed 
professor at the University of Zurich, where he 
spent the rest of his life studying coordination com- 
pounds and refining his theory. Alfred Werner was 
a confident, impulsive man of seemingly boundless 
energy who was known for his inspiring lectures, 
his intolerance of incompetence (he once threw a 
chair at a student who performed poorly on an oral 
exam), and his intuitive scientific brilliance. For 
example, he was the first to show that stereochem- 
istry is a general phenomenon, not one exhibited 
only by carbon, as was previously thought. He also 
recognized and named many types of isomerism. 
For his work on coordination chemistry and 
stereochemistry, Werner became the fourteenth 
Nobel Prize winner in chemistry and the first Swiss 
chemist to be so honored. Werner’s work is even 
more remarkable when one realizes that his ideas 
preceded any real understanding of the nature of 
covalent bonds by many years. 





*Ammine is the name for NH; as a ligand. 





Figure 19.12 ; 
(a) The trans isomer of [Co(NHg)4Cla]*. cb 

2 b [ H,N Se ee ee NH, 
The chloride ligands are directly across aN | pee 
from each other. (b) The cis isomer of ane ne 
[Co(NHs)4Cl.]*. The chloride ligands in : re OUN 


this case share an edge of the octahe- 


dron. Because of their different struc- 
tures, the trans isomer of [Co(NHs)4Clo] 


Cl is green and the cis isomer is violet. 


(a) 


(b) 


Figure 19.13 

Unpolarized light consists of waves 
vibrating in many different planes (indi- 
cated by the arrows). The polarizing 
filter blocks all waves except those 
vibrating in a given plane. 


Unpolarized 
light 


Figure 19.14 

The rotation of the plane of polarized 
light by an optically active substance. 
The angle of rotation is called theta (6). 


Figure 19.15 

A human hand has a nonsuperimpos- 
able mirror image. Note that the mirror 
image of the right hand (while identical 
to the left hand) cannot be turned in 
any way to make it identical to (super- 
imposable on) the actual right hand. 


Martin Bough/Fundamental Photographs 
© Cengage Learning. All rights reserved 
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photons in the beam are oriented randomly, as shown in Fig. 19.13. If this light 
is passed through a polarizer, only the photons with electric fields oscillating in 
a single plane remain, constituting plane-polarized light. 

In 1815 French physicist Jean Biot discovered that certain crystals could 
rotate the plane of polarization of light. Later, scientists found that solutions of 
certain compounds could do the same thing (Fig. 19.14). Louis Pasteur was the 
first to understand this behavior. In 1848 he noted that solid sodium ammo- 
nium tartrate (NaNH4C4H4O,) existed as a mixture of two types of crystals, 
which he painstakingly separated with tweezers. Separate solutions of these two 
types of crystals rotated plane-polarized light in exactly opposite directions. 
This led to a connection between optical activity and molecular structure. 

We now realize that optical activity is exhibited by molecules that have 
nonsuperimposable mirror images. Your hands are nonsuperimposable mirror 
images (Fig. 19.15). That is, human hands are related like an object and its 
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Unpolarized 
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> polarized 
| light 
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The Importance of Being cis 





Some of the most important advancements of 
science are the results of accidental discoveries— 
for example, penicillin, Teflon, and the sugar sub- 
stitutes cyclamate and aspartame. Another impor- 
tant chance discovery occurred in 1964, when a 
group of scientists using platinum electrodes to 
apply an electric field to a colony of E. coli bacte- 
ria noticed that the bacteria failed to divide but 
continued to grow, forming long, fibrous cells. 
Further study revealed that cell division was inhib- 
ited by small concentrations of the compounds 
cis-Pt(NH3).Cl, and cis-Pt(NH3).Cly formed elec- 
trolytically in the solution. 

Cancerous cells multiply very rapidly because 
cell division is uncontrolled. Thus these and similar 
platinum complexes were evaluated as antitumor 
agents, which inhibit the division of cancer cells. 
The results showed that cis-Pt(NH3)2Cl was active 
against a wide variety of tumors, including testicu- 


/N#2 
Eee HC mS yo ENS 0 
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Figure 19.16 





lar and ovarian tumors, which are very resistant to 
treatment by more traditional methods. However, 
although the cis complex showed significant anti- 
tumor activity, the corresponding trans complex 
had no effect on tumors. This illustrates the impor- 
tance of isomerism in biological systems. When 
drugs are synthesized, great care must be taken to 
obtain the correct isomer. 

Unfortunately, although cis-Pt(NH3)2Cl has 
proved to be a valuable drug, it has some trouble- 
some side effects, the most serious being kidney 
damage. As a result, the search continues for even 
more effective antitumor agents. Promising candi- 
dates are shown in Fig. 19.16. Note that they are 
all cis complexes. 


Suggested Reading 
Ann M. Thayer, “Platinum ies Take Their Toll,” 
C@EN, June 28 (2010): 2 
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Some cis complexes of platinum and palladium that show significant antitumor activity. It is 





thought that the cis complexes work by losing two adjacent ligands and then forming coordi- 
nate covalent bonds to adjacent bases on a DNA molecule. 





mirror image, and one hand cannot be turned to make it identical to the other. 
Many molecules show this same feature—for example, the complex ion 
[Co(en)3]>* shown in Fig. 19.17. Objects that have nonsuperimposable mirror 
images are said to be chiral (from the Greek word for hand, cheir). 

The isomers of [Co(en)3]** (Fig. 19.17) are nonsuperimposable mirror im- 
ages called enantiomers; they rotate plane-polarized light in opposite direc- 
tions and are thus optical isomers. The isomer that rotates the plane of light to 
the right (when viewed down the beam of oncoming light) is said to be dextro- 
rotatory, designated by d. The isomer that rotates the plane of light to the left 
is levorotatory (/). An equal mixture of the d and / isomers in solution, called a 
racemic mixture, does not rotate the plane of the polarized light at all because 
the two opposite effects cancel. 

Geometrical isomers are not necessarily optical isomers. For instance, the 
trans isomer of [Co(en),Cl,]* shown in Fig. 19.18 is identical to its mirror 
image. Since this isomer is superimposable on its mirror image, it does not 
exhibit optical isomerism and is therefore not chiral. On the other hand, cis- 
[Co(en) Cl,]* is not superimposable on its mirror image; thus a pair of enan- 
tiomers exists for the complex ion, making the cis isomer chiral. 


Figure 19.17 

lsomers | and Il of [Co(en)s]8*+ are mirror 
images (the mirror image of | is identi- 
cal to Il) that cannot be superimposed. 
That is, there is no way that | can be 
turned in space so that it is the same 
as Il. 








(a) 


Figure 19.18 

(a) The trans isomer of [Co(en)2Cls] * 
and its mirror image are identical 
(superimposable). (b) The cis isomer of 
[Co(en)zCl.]* and its mirror image are 
not superimposable and are thus a pair 
of optical isomers. 


The trans isomer and 
its mirror image are 
identical. They are not 
isomers of each other. 
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Isomer II cannot be 
superimposed exactly 
on isomer I. They are 
not identical structures. 
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EXAMPLE 19.3 


Does the complex ion [Co(NH3)Br(en),] exhibit geometrical isomerism? Does 
it exhibit optical isomerism? 


Solution The complex ion exhibits geometrical isomerism, since the ethylene- 
diamine ligands can be across from or next to each other: 


ae ee 
| | NH; 


Br Br 
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Chirality: Why Is It Important? 





A molecule is said to be chiral if it can exist as 
isomers (called enantiomers) that are nonsuperim- 
posable mirror images of each other. We often say 
these molecules exhibit “handedness,” after our 
nonsuperimposable mirror image left and right 
hands. Enantiomers rotate plane-polarized light by 
the same angle but in opposite directions; however, 
the importance of this type of isomerism goes far 
beyond this rather curious behavior. In fact, many 
of the molecules produced by organisms exhibit a 
specific handedness. This is important because the 
response of an organism to a particular molecule 
often depends on how that molecule fits a particu- 
lar site on a receptor molecule in the organism. 
Just as a left hand requires a left-handed glove, a 
left-handed receptor requires a particular enantio- 
mer for a correct fit. Therefore, in designing phar- 
maceuticals, chemists must be concerned about 
which enantiomer is the active one—the one that 
fits the intended receptor. 

Ideally, the pharmaceutical should consist of 
the pure active isomer. One way to obtain the com- 
pound as a pure active isomer is to produce the 
chemical by using organisms, because the produc- 
tion of biomolecules in organisms is stereospecific 
(yields a specific stereoisomer). For example, amino 
acids, vitamins, and hormones are naturally pro- 
duced by yeast in the fermentation of sugar and can 
be harvested from the ferment. Biotechnology, in 
which the gene for a particular molecule is inserted 
into the DNA of a bacterium, provides another 
approach. Insulin is now produced in this way. 





In contrast to the synthesis of biomolecules by 
organisms where a specific isomer is produced, 
when chiral molecules are made by “normal” 
chemical procedures (reactants are mixed and 
allowed to react), a mixture of the enantiomers is 
obtained. For example, when one chiral center is 
present in a molecule, normal chemical synthesis 
gives an equal mixture of the two mirror image 
isomers—called a racemic mixture. How does one 
deal with a pharmaceutical produced as a racemic 
mixture? One possibility is to administer the drug 
in its racemic form, assuming that the inactive 
form (50% of the mixture) will have no effect, 
positive or negative. In fact, this procedure is being 
followed for many drugs now on the market. 
However, it is a procedure that is growing increas- 
ingly controversial as evidence mounts that the 
“inactive” form of the drug may actually produce 
detrimental effects often totally unrelated to the 
effect of the active isomer. In effect, a drug admin- 
istered as a racemic mixture contains a 50% impu- 
rity, the effects of which are not well understood. 

The alternative to using racemic mixtures is to 
find a way to produce the substance as a pure 
isomer Or a way to separate the isomers from the 
racemic mixtures. Both of these options are diffi- 
cult and thus expensive. However, it is becoming 
increasingly clear that many pharmaceuticals must 
be administered as pure isomers to produce the 
desired results with no side effects. Therefore, a 
great deal of effort is now being directed toward 
the synthesis and separation of chiral compounds. 
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opposite directions. 


Br 


The cis isomer of the complex ion also exhibits optical isomerism since its mir- 
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cannot be turned in any way to make them superimposable. Thus these two cis 
isomers are shown to be enantiomers that will rotate plane-polarized light in 


Most important, since biomolecules are chiral, their reactions are highly 
structure-dependent. For example, a drug might have a particular effect be- 
cause its molecules can bind to chiral molecules in the body. For the binding to 
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be correct, the correct optical isomer of the drug must be administered. Just as 
the right hand of one person requires the right hand of another to perform a 
handshake, a given isomer in the body requires a specific isomer of the drug for 
an interaction to occur. Consequently, the syntheses of drugs, which are usu- 
ally very complicated molecules, must be carried out in a way that produces 
the correct “handedness,” a requirement that greatly adds to the difficulties in 
bringing these substances to market. 





19.5 | 


Bonding in Complex Ions: The Localized 
Electron Model 


By this point in your study of chemistry, you no doubt recognize that the local- 
ized electron model, although very simple, is a very useful model for describing 
the bonding in molecules. Recall that a central feature of the model is the for- 
mation of hybrid atomic orbitals that are used for sharing electron pairs to 
form o bonds between atoms. This same model can be used to account for the 
bonding in complex ions, but there are two important points to keep in mind. 


1. The VSEPR model for predicting structure does not work for complex 
ions. However, we can safely assume that a complex ion with a coordina- 
tion number of 6 has an octahedral arrangement of ligands and that com- 
plexes with two ligands are linear. On the other hand, complex ions with 
a coordination number of 4 can be either tetrahedral or square planar; 
there is no reliable way to predict which will occur in a particular case. 


2. The interaction between a metal ion and a ligand can be viewed as a Lewis 
acid-base reaction, with the ligand donating a lone pair of electrons to an 
empty orbital on the metal ion to form a coordinate covalent bond: 


au HOES w CHD: 


Empty metal Lone pair on the Coordinate 
ion hybrid ligand in a hybrid covalent 
atomic orbital atomic orbital bond 


The hybrid orbitals used by the metal ion depend on the number and arrange- 
ment of the ligands. For example, accommodating the lone pair from each 
ammonia molecule in the octahedral Co(NH3),3* ion requires a set of six 
empty hybrid atomic orbitals with an octahedral arrangement. Recall that an 
octahedral set of orbitals is formed by the hybridization of two d, one s, and 
three p orbitals to give six d?sp° orbitals (Fig. 19.19). 

The hybrid orbitals predicted for the metal ion in four-coordinate com- 
plexes depend on whether the structure is tetrahedral or square planar. For a 
tetrahedral arrangement of ligands, an sp> hybrid set is required (Fig. 19.20). 
For example, in the tetrahedral CoCl,*~ ion, the Co** is described as sp? hy- 
bridized. A square planar arrangement of ligands requires a dsp hybrid orbital 
set on the metal ion (Fig. 19.20). For example, in square planar Ni(CN),4~, the 
Ni2* is described as dsp? hybridized. 

A linear complex requires two hybrid orbitals 180° from each other. This 
arrangement is given by an sp hybrid set (Fig. 19.20). Thus in the linear 
Ag(NHs3))* ion, the Ag* is described as sp hybridized. 

Although the localized electron model can account in a general way for 
metal-ligand bonds, it is rarely used today because it cannot predict important 
properties of complex ions, such as magnetism and color. Thus we will not 
pursue the model any further. 
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Tetrahedral ligand 
arrangement; sp? 
hybridization 





Square planar 
ligand arrangement; 
Figure 19.19 dsp” hybridization 
A set of six d2sp? hybrid orbitals on Co°* can accept an electron 


pair from each of six NHsg ligands to form the Co(NHs)¢2* ion. “i a 


Linear ligand 

arrangement; sp 

hybridization 
Figure 19.20 
The hybrid orbitals required for tetrahedral, 
square planar, and linear complex ions. The 
metal ion hybrid orbitals are empty, so the metal 
ion bonds to the ligands by accepting lone pairs. 





19.6 | The Crystal Field Model 


The main reason that the localized electron model cannot fully account for the 
properties of complex ions is that in its simplest form it gives no information 
about how the energies of the d orbitals are affected by complex ion formation. 
This is critical because, as we will see, the color and magnetism of complex 
ions result from changes in the energies of the metal ion d orbitals caused by 
the metal-ligand interactions. 

The crystal field model focuses on the energies of the d orbitals. In fact, 
this model is not so much a bonding model as it is an attempt to account for 
the colors and magnetic properties of complex ions. In its simplest form, the 
crystal field model assumes that the ligands can be approximated by negative 
point charges and that metal-ligand bonding is entirely ionic. 


Octahedral Complexes 


We will illustrate the fundamental principles of the crystal field model by ap- 
plying it to an octahedral complex. Figure 19.21 shows the orientation of the 
3d orbitals relative to an octahedral arrangement of point-charge ligands. The 


Figure 19.21 

An octahedral arrangement of point- 
charge ligands and the orientation of 
the 3d orbitals. 
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Figure 19.22 


The energies of the 3d orbitals for a 
metal ion in an octahedral complex. 
The 3d orbitals are degenerate (all have 
the same energy) in the free metal ion. 
In the octahedral complex, the orbitals 
are split into two sets as shown. The 
difference in energy between the two 
sets is designated as A (delta). 


Figure 19.23 

Possible electron arrangements in the 
split 3d orbitals of an octahedral 
complex of Co%* (electron configura- 
tion 3d°). (a) In a strong field (large 

A value), the electrons fill the tz, set 
first, giving a diamagnetic complex. 

(b) In a weak field (small A value), the 
electrons occupy all five orbitals before 
any pairing occurs. 
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important thing to note is that two of the orbitals, d» and d,»_y, point their 
lobes directly at the point-charge ligands, whereas three of the orbitals, d,., d,., 
and d,,, point their lobes between the point charges. 

To understand the effect of this difference, we need to consider which type 
of orbital is lower in energy. Because the negative point-charge ligands repel 
negatively charged electrons, the electrons will prefer the d orbitals farthest 
from the ligands. In other words, the d,., dy, and d,y orbitals (called the ty, set) 
are at a lower energy in the octahedral complex than are the dz and doy: or- 
bitals (the e, set). This is shown in Fig. 19.22. The negative point-charge li- 
gands increase the energies of all the d orbitals. However, the orbitals that 
point at the ligands are raised in energy more than those that point between the 
ligands. 

It is this splitting of the 3d orbital energies (symbolized by A) that explains 
the color and magnetism of complex ions of the first-row transition metal ions. 
For example, in an octahedral complex of Co** (a metal ion with six 3d elec- 
trons), there are two possible ways to place the electrons in the split 3d orbitals 
(Fig. 19.23). If the splitting produced by the ligands is very large, a situation 
called the strong-field case, the electrons will pair in the lower-energy th, orbit- 
als. This gives a diamagnetic complex in which all electrons are paired. On the 
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other hand, if the splitting is small (the weak-field case), the electrons will oc- 
cupy all five orbitals before pairing occurs. In this case the complex has four 
unpaired electrons and thus is paramagnetic. 


OWL INTERACTIVE EXAMPLE 19.4 


The Fe(CN),3 ion is known to have one unpaired electron. Does the CN™ li- 
gand produce a strong or weak field? 


Solution Since the ligand is CN~ and the overall complex ion charge is 3—, the 
metal ion must be Fe3*, which has a 3d° electron configuration. The two pos- 
sible arrangements of the five electrons in the d orbitals split by the octahe- 
drally arranged ligands are 





eg 


3 ' Large (s eg —t— \ Small 
A 
Ct ete ee le ; 


The strong-field case gives one unpaired electron, which agrees with the ex- 
perimental observation. The CN~ ion is a strong-field ligand toward the 
Fe?t ion. 





The crystal field model allows us to account for the differences in the mag- 
netic properties of Co(NH3).?* and CoF,?~. The Co(NH3),°* ion is known to 
be diamagnetic and thus corresponds to the strong-field case, also called the 
low-spin case, since it yields the minimum number of unpaired electrons. In 
contrast, the CoF,3~ ion, which is known to have four unpaired electrons, cor- 
responds to the weak-field case, also known as the high-spin case, since it gives 
the maximum number of unpaired electrons. 

From studies of many octahedral complexes, we can arrange ligands in 
order of their ability to produce d-orbital splitting. A partial listing of ligands 
in this so-called spectrochemical series is 


CN™ > NO, >.en,> NH; > .H50 > OHs = Fes Gl a irae 





Strong-field Weak-field 
ligands ligands 
(large A) (small A) 


The ligands are arranged in order of decreasing A values toward a given 
metal ion. 

It has also been observed that the magnitude of A for a given ligand in- 
creases as the charge on the metal ion increases. For example, NH; is a weak- 
field ligand toward Co** but acts as a strong-field ligand toward Co3*. This 
makes sense; as the metal ion charge increases, the ligands are drawn closer to 
the metal ion because of its increased charge density. As the ligands move 
closer, they cause greater splitting of the d orbitals, thereby producing a larger 
A value. 


WWL INTERACTIVE EXAMPLE 19.5 


Predict the number of unpaired electrons in the complex ion [Cr(CN)<]*~. 


Solution The net charge of 4— means that the metal ion present must be Cr2* 
(—6 + 2 = —4), which has a 3d* electron configuration. Since CN° is a strong- 


Figure 19.24 
The visible spectrum. 


Filter absorbs 
yellow-green 
light 





(a) 








(b) wT 


Figure 19.25 

(a) When white light shines on a filter 
that absorbs wavelengths in the yellow- 
green region, the emerging light is 
violet. (b) Because the complex ion 
Ti(H2O)¢8* absorbs yellow-green light, a 
solution of it is violet. 





19.6 The Crystal Field Model 967 





400 500 600 700 
Wavelength (nm) 


field ligand (see the spectrochemical series), the correct crystal field diagram 
for (Gr(CN)e|*— 1s 





eg 


Large 


gH 


The complex ion will have two unpaired electrons. Note that the CN~ ligand 
produces such a large splitting that two of the electrons will be paired in the 
same orbital rather than forcing one electron up through the large energy gap A. 


We have seen how the crystal field model accounts for the magnetic prop- 
erties of octahedral complexes. The same model also explains the colors of 
these complex ions. For example, consider Ti(H2O),?*, an octahedral complex 
of Ti3*, which has a 3d! electron configuration. This complex ion is violet be- 
cause it absorbs light in the middle of the visible region of the spectrum (Fig. 
19.24). When a substance absorbs certain wavelengths of light in the visible 
region, the color of that substance is determined by the wavelengths of visible 
light that remain. We say that the substance exhibits the color complementary 
to those absorbed. The Ti(H2O),3* ion is violet because it absorbs light in the 
yellow-green region, thus allowing red light and blue light to pass. The red and 
blue colors not absorbed produce the observed violet color. This effect is 
shown schematically in Fig. 19.25. Table 19.16 shows the general relationship 
between the wavelengths of visible light absorbed and the approximate color 
observed. 

The reason that the Ti(H)O),°* ion absorbs specific wavelengths of visible 
light can be traced to the transfer of the lone d electron between the split 


Table 19.16 


Approximate Relationship of Wavelength of Visible 
Light Absorbed to Color Observed 





Absorbed Wavelength 


in nm (color) 


Observed Color 





400 (violet) 

450 (blue) 

490 (blue-green) 
570 (yellow-green) 
580 (yellow) 

600 (orange) 

650 (red) 


Greenish yellow 
Yellow 

Red 

Violet 

Dark blue 

Blue 

Green 
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Figure 19.26 

The complex ion Ti(H20)¢2* can absorb 
visible light in the yellow-green region 
to transfer the lone d electron from the 
tog to the eg set. 


Table 19.17 


Several Octahedral Complexes 
of Cr’* and Their Colors 














Isomer Color 
[Cr(H O)ICl; Violet 
[Cr(H;0);C Cl Blue-green 
[Cr(H;0)4ChICl Green 
[Cr(NH3)6]Cl3 Yellow 
[Cr(NH3)sCl We Purple 
[Cr(N H3)4Cl 2]Cl Violet 
Figure 19.27 


(a) Tetrahedral and octahedral arrange- 
ments of ligands shown inscribed in 
cubes. Note that in the two types of 
arrangements, the point charges 
occupy opposite parts of the cube: 
The octahedral point charges are at the 
centers of the cube faces, whereas the 
tetrahedral point charges occupy 
opposite corners of the cube. (b) The 
orientations of the 3d orbitals relative to 
the tetrahedral set of point charges. 














te ta, 
Ground state of 
Ti(H,0),** 








Excited state of 
Ti(H,O),°* 


d orbitals (Fig. 19.26). A given photon of light can be absorbed by a molecule 
only if the wavelength of the light provides the exact amount of energy needed 
by the molecule. In other words, whether a wavelength is absorbed is deter- 
mined by the relationship 


where AE represents the energy spacing in the molecule (we have used simply 
A in this chapter) and A represents the wavelength of light needed to provide 
exactly that amount of energy. Because the d-orbital splitting in most octahe- 
dral complexes corresponds to the energies of photons in the visible region, 
octahedral complex ions are usually colored. 

Since the ligands coordinated to a given metal ion determine the size of the 
d-orbital splitting, the color changes as the ligands are changed. This occurs 
because a change in A means a change in the wavelength of light is needed to 
transfer electrons between the tp, and e, orbitals. Several octahedral complexes 
of Cr?+ and their colors are listed in Table 19.17. 


Other Coordination Geometries 


Using the same principles developed for octahedral complexes, we will now 
consider complexes with other geometries. For example, Fig. 19.27 shows a 
tetrahedral arrangement of point charges in relation to the 3d orbitals of a 
metal ion. There are two important facts to note. 


1. None of the 3d orbitals “points at the ligands” in the tetrahedral arrange- 
ment, as the d2_y» and dy orbitals do in the octahedral case. Thus the tet- 
rahedrally arranged ligands do not differentiate the d orbitals as much in 
the tetrahedral case as in the octahedral case. That is, the difference in 
energy between the split d orbitals is significantly less in tetrahedral com- 








Figure 19.28 

The crystal field diagrams for octahe- 
dral and tetrahedral complexes. The 
relative energies of the sets of d orbit- 
als are reversed. For a given type of 
ligand, the splitting is much larger for 
the octahedral complex (Age > Ate). 
This occurs because in the octahedral 
arrangement the dz2 and dy2_ye orbitals 
point their lobes directly at the point 
charges and are thus relatively high in 
energy. 
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plexes. Although we will not derive it here, the tetrahedral splitting is 3 
that of the octahedral splitting for a given ligand and metal ion: 


page| 
Met Ta GA\cet 


2. Although not exactly pointing at the ligands, the d,,, d,,, and d,, orbitals 
are closer to the point charges than are the dz and d,2_y: orbitals. This 
means that the d-orbital splitting is opposite to that for the octahedral ar- 
rangement. The two arrangements are contrasted in Fig. 19.28. Because the 
d-orbital splitting is relatively small for the tetrahedral case, the weak-field 
case (high-spin case) always applies. There are no known ligands powerful 
enough to produce the strong-field case in a tetrahedral complex. 


WWL INTERACTIVE EXAMPLE 19.6 


Give the crystal field diagram for the tetrahedral complex ion CoCl,?~. 


Solution The complex ion contains Co?*, which has a 3d’ electron configura- 
tion. The splitting of the d orbitals will be small since this is a tetrahedral 
complex, giving the high-spin case with three unpaired electrons. 


E Oey hep aye | Small 


Sh ain a 
dx Gey 


The crystal field model also applies to square planar and linear complexes. 
The crystal field diagrams for these cases are shown in Fig. 19.29. The ranking 
of orbitals in these diagrams can be explained by considering the relative ori- 
entations of the point charges and the orbitals. The diagram in Fig. 19.28 for 
the octahedral arrangement can be used to obtain these orientations. We can 
obtain the square planar complex by starting with an octahedral arrangement 
of six point charges and then removing the two point charges along the z axis. 
Removal of the two point charges on the z axis greatly lowers the energy of dz. 
Now only the four lobes of the d,2_,2 orbital point directly at the four remain- 
ing point charges. Therefore, d,2_,2 is the highest-energy orbital for the square 
planar case. The relative energies of the remaining orbitals depend on how 
close their lobes are to the four point charges. The ordering of d, and d,, is not 
entirely obvious because d, has a significant band of electron density centered 
in the xy plane. We will not deal with this issue here. We can obtain the linear 
complex from the octahedral arrangement by arbitrarily leaving the two li- 
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Figure 19.29 
(a) The crystal field diagram for a 














square planar complex oriented in the f! dy2— y2 
xy plane with ligands along the x and if 
y axes. The position of the dz orbital is i 
higher than those of the diz and yz / —— aed 
orbitals because of the “doughnut” of E / ye dry vi 
electron density in the xy plane. The v7. d,2 uf 
actual position of a2 is somewhat ve dyn dy, E Mi fa 7 
uncertain and varies in different square =a ie Cones Vv 
planar complexes. (b) The crystal field ick ‘dry dya— 2 
diagram for a linear complex where the = cae Ae Ceol 
ligands lie along the Z axis. 2. y 
i 
(a) (b) 


gands along the z axis and removing the four in the xy plane. This means that 
only the d, orbital points at the ligands and is highest in energy. 


19.7 | The Molecular Orbital Model 


Although quite successful in accounting for the magnetic and spectral (light 





L absorption) properties of complex ions, the crystal field model has limited use 
| other than explaining those properties dependent on the d-orbital splitting. For 
= Pa example, the model gives a very crude and misleading view of the nature of the 
I, L : ; 
~~ ay SH metal-ligand bonding. 
f — Of the various models in their simplest forms, the molecular orbital (MO) 
| : 


model gives the most realistic view of the bonding in complex ions. Recall from 

wl. our discussions in Chapter 14 that the MO model postulates that a new set of 
Dx. orbitals characteristic of the molecule is formed from the atomic orbitals of the 

: ¥ component atoms. To illustrate how this model can be applied to complex 
. ions, we will describe the MOs in an octahedral complex of general formula 

ML,"*. To keep things as simple as possible, we will focus only on those ligand 

orbitals having lone pairs that interact with the metal ion valence orbitals (3d, 

Figure 19.30 4s, and 4p). There are two important considerations in predicting how atomic 


An octahedral arrangement of ligands orbitals will interact to form MOs: 
showing their lone pair orbitals. ; \ s ; 
1. Extent of orbital overlap. Atomic orbitals must have a net overlap in space 


to form MOs. Figure 19.30 shows an octahedral arrangement of ligands 
with lone pair orbitals. Recall from our previous discussion that two of the 
metal ion’s 3d orbitals (dp and d,2-,2) point at the ligands and thus will 
form MOs with the ligand lone pair orbitals. On the other hand, the d..,, 
dy,, and d,, orbitals point between the ligands and thus will not be in- 
volved in the a bonding with the ligands. The spherical 4s orbital of the 
metal ion overlaps with all the ligand lone pair orbitals, and each of the 4p 
orbitals overlaps with pairs of ligand lone pair orbitals on the three coor- 
dinate axes. Thus the dz, d,2-,2, 4s, 4, , 4,, and 4, orbitals will be involved 
in the a MOs in the complex ion. 


2. Relative orbital energies. Atomic orbitals that are close in energy will in- 
teract more strongly than those widely separated in energy. 


Figure 19.31 


The MO energy-level diagram for an 
octahedral complex ion ML.»"*. The 
@,* MOs are essentially pure d,2 and 
d,z-ye Orbitals of the metal ion. Little 
mixing with the ligand orbitals occurs 
because of the large energy difference 
between the 3d and ligand orbitals. 


Free metal 
ion orbitals 
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Octahedral complex 
ion orbitals 





Ligand lone 
pair orbitals 


The MO model! was introduced in 
Section 14.2. 
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When we apply these principles to the general complex ML,”*, we obtain 
the energy-level diagram shown in Fig. 19.31. Note that the o,, ap, and ag MOs 
are bonding MOs; they are /ower in energy than the ligand orbitals and metal 
ion orbitals that mix to form them. Electrons in these MOs have lower energies 
than they do in either the isolated metal ion or the ligands. These bonding 
electrons are mainly responsible for the stability of the complex ion. 

Because the d,,, d),, and d,, orbitals (the t2, set) of the metal ion do not over- 
lap with the ligand orbitals, they remain unchanged. Thus they have the same 
energy in the complex ion as they had in the free metal ion and make no contri- 
bution to the stability of the complex. They are called nonbonding orbitals. 

The e,* MOs are antibonding orbitals, since they are higher in energy than 
the atomic orbitals that mix to form them. Since electrons in these orbitals have 
higher energies than they do in the free metal ion, they destabilize the complex 
ion relative to the separated metal ion and ligands. However, the most impor- 
tant characteristic of the e,* orbitals is that they are primarily composed of dz 

and d,2-y. atomic orbitals, with relatively little contribution from ligand orbit- 
als. This lack of mixing is caused by the large energy difference between the li- 
gand orbitals and the metal ion 3d orbitals. Thus we can see that the MO model 
predicts the same type of d-orbital splitting as the crystal field model, with the 
added advantage of giving a much more realistic picture of both the metal- 
ligand bonding interaction and the origin of the splitting. Because it is a more 
realistic physical model, we can use the MO model to explain why different li- 
gands produce different magnitudes of splitting. In particular, a ligand with a 
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(a) The MO energy-level diagram for 
CoF,2-, which yields the high-spin 
case. (6) The MO energy-level diagram 


for Co(NHz)62*, which results in the 
low-spin case. 


very electronegative donor atom will have lone pair orbitals of very low energy 
(the electrons are very firmly bound to the ligand); these orbitals do not mix 
very thoroughly with the metal ion orbitals. This will result in a small difference 
between the ty, (nonbonding) and e,* (antibonding) orbitals. In other words, in 
this case the e, orbitals are not much perturbed by the small amount of mixing 
that occurs. This means that the e, orbital energies are not changed much by 
complex ion formation. For example, in CoF,>~ [Fig. 19.32(a)] the low-energy 
orbitals of the very electronegative fluoride ion ligands mix only to a small ex- 


tent with the cobalt ion orbitals. A small amount of d-orbital splitting results, 
giving the high-spin case. 


On the other hand, in Co(NHs3),3* the ammonia lone pair orbitals are 


closer in energy to the metal ion orbitals, a situation that produces a larger 
degree of mixing between the two sets of orbitals. This in turn gives a relatively 
large amount of d-orbital splitting, and the low-spin case results [Fig. 19.32(b)]. 


We have seen that the MO model correctly predicts the d-orbital splitting 


in octahedral complexes, thereby accounting for the magnetic and spectral 
properties of these species. Moreover, it has a major advantage in that it ac- 
counts in a realistic way for metal-ligand bonding. However, it suffers from 
the disadvantage of being much more complicated to apply than the crystal 
field model. To take advantage of the relative strengths of the MO and crystal 


field models, the two have been combined to give the ligand field model. We 
will not consider the details of this model here. 


The MO model can be applied to all types of complex ions, although we 


will not extend the model to other cases here. In addition, note that in our use 
of the MO model to describe octahedral complexes, we considered only o bond- 


ing effects to keep the model as simple as possible. For a complete treatment of 
complex ions, 7 bonding interactions also would have to be considered. 


19.7. The Molecular Orbital Model 





Transition Metal Ions Lend Color to Gems 








The beautiful pure color of gems, so valued by cul- 
tures everywhere, arises from trace transition metal 
ion impurities in minerals that would otherwise be 
colorless. For example, the stunning red of a ruby, 
the most valuable of all gemstones, is caused by 
Cr3* ions, which replace about 1% of the Al5* 
ions in the mineral corundum, which is a form of 
aluminum oxide (Al,O3) that is nearly as hard as 
diamond. In the corundum structure, the Cr3* ions 
are surrounded by six oxide ions at the vertices of 
an octahedron. This leads to the characteristic 
octahedral splitting of chromium’s 3d orbitals, 
such that the Cr** ions absorb strongly in the blue- 
violet and yellow-green regions of the visible spec- 
trum but transmit red light to give the characteris- 
tic ruby color. (On the other hand, if some of the 
Al>* ions in corundum are replaced by a mixture 
of Fe?*, Fe>*, and Ti** ions, the gem is a sapphire 
with its brilliant blue color, or if some of the Al>* 
ions are replaced by Fe?* ions, the stone is a yellow 
topaz.) 

Emeralds are derived from the mineral beryl, 
which is a beryllium aluminum silicate (empirical 
formula 3BeO - Al,O; - 6SiO»). When some of the 
Al5* ions in beryl are replaced by Cr” ions, the 
characteristic green color of emerald results. In this 
environment the splitting of the Cr>* 3d orbitals 
causes it to strongly absorb yellow and blue-violet 
light and to transmit green light. 

A gem closely related to ruby and emerald is 
alexandrite, named after Alexander II of Russia. 
This gem is based on the mineral chrysoberyl, a 
beryllium aluminate with the empirical formula 
BeO - Al,O; in which approximately 1% of the 
Al* ions are replaced by Cr** ions. In the chryso- 
beryl environment, Cr?* absorbs strongly in the 
yellow region of the spectrum. Alexandrite has the 
interesting property of changing colors depending 








Photos Courtesy, International 
Colored Gemstone Association 


Alexandrite is a bluish color in sunlight and changes to 
red in incandescent light. 


on the light source. When the first alexandrite 
stone was discovered deep in a mine in the Russian 
Ural Mountains in 1831, it appeared to be a deep 
red color in the firelight of the miners’ lamps. 
However, when the stone was brought to the 
surface, its color was blue. This seemingly magical 
color change occurs because the firelight of a 
miner’s helmet is rich in the yellow and red wave- 
lengths of the visible spectrum but does not 
contain much blue. Absorption of the yellow by 
the stone produces a reddish color. However, day- 
light has much more intensity in the blue region 
than firelight. Thus the extra blue in the light 
transmitted by the stone gives it a bluish color in 
daylight. 

Once the structure of a natural gem is known, 
it is usually not very difficult to make the gem arti- 
ficially. For example, rubies and sapphires are 
made on a large scale by fusing Al(OH); with the 
appropriate transition metal salts at about 1200°C 
to make the “doped” corundum. With these tech- 
niques gems of astonishing size can be manufac- 
tured. Rubies as large as 10 lb and sapphires up to 
100 lb have been synthesized. Smaller synthetic 
stones produced for jewelry are virtually identical 
to the corresponding natural stones, and it takes 
great skill for a gemologist to tell the difference. 








Chemical Insights 





974 Chapter 19 Transition Metals and Coordination Chemistry 





19.8 | The Biological Importance 


A protein is a large molecule assem- 
bled from a-amino acids, which have 
the general structure 


where R varies. 


of Coordination Complexes 


The ability of metal ions to coordinate with and then release ligands and to 
easily undergo oxidation and reduction makes them ideal for use in biological 
systems. For example, metal ion complexes are used in humans for the trans- 
port and storage of oxygen, as electron transfer agents, as catalysts, and as 
drugs. Most of the first-row transition metals are essential for human health, 
as is summarized in Table 19.18. We will concentrate on iron’s role in biologi- 
cal systems, since several of its coordination complexes have been studied 
extensively. 

Iron plays a central role in almost all living cells. In mammals the principal 
source of energy comes from the oxidation of carbohydrates, proteins, and fats. 
Although oxygen is the oxidizing agent for these processes, it does not react 
directly with the nutrient molecules. Instead, the electrons from the breakdown 
of these nutrients are passed along a complex chain of molecules, called the res- 
piratory chain, eventually reaching the O molecule. The principal electron 
transfer molecules in the respiratory chain are iron-containing species called 
cytochromes, consisting of two main parts: an iron complex called heme and a 
protein. The structure of the heme complex is shown in Fig. 19.33. Note that it 
contains an iron ion (it can be either Fe** or Fe?*) coordinated to a rather com- 
plicated planar ligand called a porphyrin. As a class, porphyrins all contain the 
same central ring structure but have different substituent groups at the edges of 
the rings. The various porphyrin molecules act as tetradentate ligands for many 
metal ions, including iron, cobalt, and magnesium. In fact, chlorophyll, a sub- 
stance essential to the process of photosynthesis, is a magnesium—porphyrin 
complex of the type shown in Fig. 19.34. 

In addition to participating in the transfer of electrons from nutrients to 
oxygen, iron plays a principal role in the transport and storage of oxygen in 
mammalian blood and tissues. Oxygen is stored using a molecule called myo- 
globin, which consists of a heme complex and a protein in a structure very 


Table 19.18 


The First-Row Transition Metals and Their Biological Significance 








First-Row 

Transition Metal Biological Function(s) 

Scandium None known 

Titanium None known 

Vanadium None known in humans 

Chromium Assists insulin in the control of blood sugar; may also be 
involved in the control of cholesterol 

Manganese Necessary for a number of enzymatic reactions 

Iron Component of hemoglobin and myoglobin; involved in the 
electron transport chain 

Cobalt Component of vitamin B,, which is essential for the 
metabolism of carbohydrates, fats, and proteins 

Nickel Component of the enzymes urease and hydrogenase 

Copper Component of several enzymes; assists in iron storage; 
involved in the production of color pigments of hair, skin, 
and eyes 

Zinc Component of insulin and many enzymes 


———————— 


Figure 19.33 

The heme complex, in which an Fe2+ 
ion is coordinated to four nitrogen 
atoms of a planar porphyrin ligand. 


Figure 19.34 

Chlorophyll is a porphyrin complex of 
Mg?*. There are two similar forms of 
chlorophyll, one of which is shown here. 
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similar to that of the cytochromes. In myoglobin the Fe?* ion is coordinated to 
four nitrogen atoms of the porphyrin ring and to one nitrogen atom of the 
protein chain, as shown in Fig. 19.35. Since Fe** is normally six-coordinate, 
this leaves one position open for attachment of an O) molecule. 

One especially interesting feature of myoglobin is that it involves an O) 
molecule attaching directly to Fe**. However, if gaseous O, is bubbled into an 
aqueous solution containing “bare” heme (no protein attached), the Fe?* is im- 
mediately oxidized to Fe**. This oxidation of the Fe** in heme does not happen 
in myoglobin. This fact is of crucial importance because Fe** does not form a 
coordinate covalent bond with O;. Therefore, myoglobin would not function if 
the bound Fe?* could be oxidized. Since Fe** in the “bare” heme complex can 
be oxidized, it must be the protein that somehow prevents the oxidation. How? 








H \ CH, 
N—Mg—N | 
= ee ie | 
| 
CH,—CH—CH,—CH,—(CH,—CH—CH,—CH,),CH,—C=CH—CH,0—C—CH,CH, H C. N_ CH GH.CH: 
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Figure 19.35 

A representation of the myoglobin mol- 
ecule. The Fe?* ion is coordinated to 
four nitrogen atoms in the porphyrin of 
the heme (represented by the disk) and 
one nitrogen in the protein chain. This 
leaves a sixth coordination position 
(indicated by the W) available for an 
oxygen molecule. 





Research results indicate that the oxidation of Fe** to Fe** involves an oxygen 
bridge between two iron ions (the circles indicate the ligands): 


~@ 
The bulky protein around the heme group in myoglobin prevents two myoglo- 
bin molecules from getting close enough to form the oxygen bridge; therefore, 
oxidation of the Fe** is prevented. 

The transport of O, in the blood is carried out by hemoglobin, a molecule 
consisting of four myoglobin-like units, as shown in Fig. 19.36. Each hemoglo- 
bin can therefore bind four O2 molecules to form a bright red diamagnetic 
complex. The diamagnetism indicates that oxygen is a strong-field ligand to- 
ward Fe?*, which has a 3d° electron configuration. When the oxygen molecule 
is released, a water molecule occupies the sixth coordination position around 
each Fe?*, yielding a bluish paramagnetic complex (HO is a weak-field ligand 
toward Fe?*) that gives venous blood its characteristic bluish tint. 

Hemoglobin dramatically demonstrates how sensitive the function of a 
biomolecule is to its structure. In certain people, in the synthesis of the proteins 
needed for hemoglobin, an improper amino acid is inserted into the protein in 
two places. This may not seem very serious, since several hundred amino acids 
are present. However, because the incorrectly inserted amino acid has a non- 
polar substituent instead of the polar one found on the proper amino acid, the 
hemoglobin drastically changes its shape. The red blood cells are then sickle- 
shaped rather than disk-shaped, as shown in Fig. 19.37. The misshapen cells 
can aggregate, causing clogging of tiny capillaries. This condition, known as 
sickle cell anemia, is the subject of intense research. 

Our knowledge of the workings of hemoglobin allows us to understand 
the effects of high altitudes on humans. The reaction between hemoglobin and 
oxygen can be represented by the following equilibrium: 


Hb(aq) + 402(g) == Hb(O2)a(aq) 


Hemoglobin Oxyhemoglobin 


Ingram Publishing/PhotoLibrary 


Figure 19.36 

A representation of the hemoglobin 
structure. There are two slightly differ- 
ent types of protein chains (a and 8). 
Each hemoglobin has two a chains 
and two B chains, each with a heme 
complex near the center. Thus each 
hemoglobin molecule can complex 
with four O2 molecules. 








Figure 19.37 
A normal red blood cell (left) and a sickle 
cell, both magnified 18,000 times. 
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At high altitudes, where the oxygen content of the air is lower than at sea level, 
the position of this equilibrium will shift to the left, according to Le Chatelier’s 
principle. Because less oxyhemoglobin is formed, fatigue, dizziness, and even a 
serious illness called high-altitude sickness can result. One way to combat this 
problem is to use supplemental oxygen, as most high-altitude mountain climb- 
ers do. However, this is impractical for people who live at high elevations. In 
fact, the human body adapts to the lower oxygen concentrations by making 
more hemoglobin, causing the equilibrium to shift back to the right. Someone 
moving from Chicago to Boulder, Colorado (elevation 5300 feet), would 
notice the effects of the new altitude for a couple of weeks, but as the hemoglo- 
bin level increases, the effects disappear. This change is called high-altitude 
acclimatization, which explains why athletes who want to compete at high 
elevations should practice under such conditions for several weeks prior to the 
event. 

Our understanding of the biological role of iron also enables us to ex- 
plain the toxicities of substances such as carbon monoxide and the cyanide 
ion. Both CO and CN are very good ligands toward iron and so can inter- 
fere with the normal workings of the iron complexes in the body. For ex- 
ample, carbon monoxide has about 200 times the affinity for the Fe** in he- 
moglobin as oxygen does. The resulting stable complex, carboxyhemoglobin, 
prevents the normal uptake of Op, thus depriving the body of needed oxygen. 
Asphyxiation can result if enough carbon monoxide is present in the air. The 
mechanism for the toxicity of the cyanide ion is somewhat different. Cyanide 
coordinates strongly to cytochrome oxidase, an iron-containing cytochrome 
enzyme that catalyzes the oxidation—-reduction reactions of certain cyto- 
chromes. The coordinated cyanide thus prevents the electron transfer pro- 
cess, causing rapid death. Because of its behavior, cyanide is called a respira- 
tory inhibitor. 
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Key Terms For Review 
Section 19.1 OWL ana (SC EWE 


complex ion 

first-row transition metals 
lanthanide contraction 
lanthanide series 


Section 19.3 

coordination compound 

counter ion 

oxidation state 

coordination number 

ligand 

Lewis acid (electron-pair 
acceptor) 

Lewis base (electron-pair donor) 

coordinate covalent bond 

monodentate (unidentate) ligand 

chelating ligand (chelate) 

bidentate ligand 

polydentate ligand 


Section 19.4 

isomers 

structural isomerism 
stereoisomerism 
coordination isomerism 
linkage isomerism 
geometrical (cis—trans) isomerism 
cis isomer 

trans isomer 

optical isomerism 
chiral 

enantiomers 


Section 19.6 

crystal field model 
d-orbital splitting 
strong-field (low-spin) case 
weak-field (high-spin) case 
spectrochemical series 
Section 19.7 

ligand field model 


Section 19.8 
cytochromes 

heme 

porphyrin 
myoglobin 
hemoglobin 
carboxyhemoglobin 
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First-row transition metals (scandium-zinc) 

a All have one or more electrons in the 4s orbital and various numbers 
of 3d electrons 

a All exhibit metallic properties 

s A particular element often shows more than one oxidation state in 
its compounds 

Most compounds are colored, and many are paramagnetic 

Most commonly form coordination compounds containing a complex 

ion involving ligands (Lewis bases) attached to a central transition 

metal ion 

ws The number of attached ligands (called the coordination number) 
can vary from 2 to 8, with 4 and 6 being most common 

s Many transition metal ions have major biologic importance in mole- 
cules such as enzymes and those that transport and store oxygen 
a Chelating ligands form more than one bond to the transition metal 

ion 


Isomerism 
a Isomers: two or more compounds with the same formula but different 
properties 
= Coordination isomerism: the composition of the coordination sphere 
varies 
a Linkage isomerism: the point of attachment of one or more ligands 
varies 
m Stereoisomerism: isomers have identical bonds but different spatial 
arrangements 
= Geometric isomerism: ligands assume different relative positions 
in the coordination sphere; examples are cis and trans isomers 
= Optical isomerism: molecules with nonsuperimposable mirror im- 
ages rotate plane-polarized light in opposite directions 


Spectral and magnetic properties 

u Usually explained in terms of the crystal field model 

= Model assumes the ligands are point charges that split the energies of 
the 3d orbitals 

» Color and magnetism are explained in terms of how the 3d electrons 
occupy the split 3d energy levels 
= Strong-field case: relatively large orbital splitting 
a Weak-field case: relatively small orbital splitting 


Metallurgy 

a The processes connected with separating a metal from its ore 
a The minerals in ores are often converted to oxides (roasting) before 

being reduced to the metal (smelting) 

a The metallurgy of iron: most common method for reduction uses a 
blast furnace; process involves iron ore, coke, and limestone 
= Impure product (~90% iron) is called pig iron 

a Steel is manufactured by oxidizing the impurities in pig iron 
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These questions are designed to be considered by groups of 
students in class. Often these questions work well for intro- 
ducing a particular topic in class. 


1. 


You isolate a compound with the formula PtCl, - 2KCl. 
From electrical conductance tests of an aqueous solution 
of the compound, you find that three ions are present, and 
you also notice that the addition of AgNO; does not cause 
a precipitate. Give the formula for this compound that 
shows the complex ion present. Explain your findings, 
and name this compound. 


. Both Ni(NH3)4’* and Ni(CN),?~ have four ligands. The 


first is paramagnetic and the second is diamagnetic. Are 
the complex ions tetrahedral or square planar? Explain. 
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Which is more likely to be paramagnetic, Fe(CN)¢*~ or 
Fe(H,O),2*? Explain. 


A metal ion in a high-spin octahedral complex has two 
more unpaired electrons than the same ion does in a low- 
spin octahedral complex. Name some possible metal ions 
for which this arrangement would apply. 


Discuss the advantages and disadvantages of the molecu- 
lar orbital model and the crystal field model. Under which 
circumstances is it more useful to use the MO model? The 
crystal field model? 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Transition Metals 


6. 


10. 


Write electron configurations for each of the following. 
Sheed § Rat Wea Baas euibeviree. i 
b. Re, Re**, Re?* 


. Write electron configurations for each of the following. 


weer er Cr 
lag (un CUR IGE 
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. What two first-row transition metals have unexpected 


electron configurations? A statement in the text says that 
first-row transition metal ions do not have 4s electrons. 
Why not? Why do transition metal ions often have several 
oxidation states, whereas representative metals generally 
have only one? 


. What is the lanthanide contraction? How does the lantha- 


nide contraction affect the properties of the 4d and Sd 
transition metals? 
We expect the atomic radius to increase down a group in 


the periodic table. Can you suggest why the atomic radius 
of hafnium breaks this rule? (See the following data.) 





Atomic Atomic 
Element Radius (A) Element Radius (A) 
Sc Ike ai 1.477 
cy, 1.693 Zr 17393 
a TAS Hf 1.476 


. Molybdenum is obtained as a by-product of copper min- 


ing or is mined directly (primary deposits are in the Rocky 
Mountains in Colorado). In both cases it is obtained as 


MoS;, which is then converted to MoO3. The MoO; can 
be used directly in the production of stainless steel for 
high-speed tools (which accounts for about 85% of the 
molybdenum used). Molybdenum can be purified by dis- 
solving MoO; in aqueous ammonia and crystallizing am- 
monium molybdate. Depending on conditions, either 
(NH4)2Mo O07 or (NH4)sMo7O 4 - 4H2O is obtained. 

a. Give names for MoS) and MoQ3. 

b. What is the oxidation state of Mo in each of the com- 

pounds mentioned above? 


12. Titanium dioxide, the most widely used white pigment, 


occurs naturally but is often colored by the presence of 

impurities. The chloride process is often used in purifying 

rutile, a mineral form of titanium dioxide. 

a. Show that the unit cell for rutile, illustrated below, 
conforms to the formula TiO). (Hint: Recall the dis- 
cussion in Section 16.4.) 





"ae 
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b. The reactions for the chloride process are 


2TiO,(s) + 3C(s) + 4Ch(g) 
2*. 2TICh(g) + COx(g) + 2CO(g) 


1000-1400°C 
> 


TiCla(g) + O2(g) TiO2(s) + 2Ch(g) 


Assign oxidation states to the elements in both reac- 
tions. Which elements are being reduced, and which 
are being oxidized? Identify the oxidizing agent and 
the reducing agent in each reaction. 
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14. 


Photographs © Cengage Learning. 


All rights reserved 


. The melting and boiling points of the titanium tetrahalides 


are given below. 


bp (°C) mp (°C) 
TiF, 284 = 
rich; 24 136.5 
TiBr, 38 Dass 
Tile 155 377 


Rationalize these data in terms of the bonding in and the 
intermolecular forces among these compounds. 


Iron is present in the earth’s crust in many types of miner- 
als. The iron oxide minerals are hematite (FeyO3) and 
magnetite (Fe;0,4). What is the oxidation state of iron in 
each mineral? The iron ions in magnetite are a mixture of 
Fe?* and Fe?* ions. What is the ratio of Fe** to Fe** ions 
in magnetite? The formula for magnetite is usually written 
as FeO - Fe,O3. Does this make sense? Explain. 


. Chromium(VI) forms two different oxyanions, the orange 


dichromate ion (Cr,07*~) and the yellow chromate ion 
(CrO,2~). The equilibrium reaction between the two ions is 


Cr,07 (aq) HjO) ——= 2CrO 7 (ag) + 2H (ag) 


The following pictures show what happens when sodium 
hydroxide is added to a dichromate solution. 





Explain what happened. 


Coordination Compounds 


16 
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18. 


. Define each of the following terms. 


. coordination compound 
. complex ion 

. counter ions 

. coordination number 

. ligand 

. chelate 

g. bidentate 


moan dodp 


How would transition metal ions be classified using the 
Lewis definition of acids and bases? What must a ligand 
have to bond to a metal? What do we mean when we say 
that a bond is a “coordinate covalent bond”? 


When a metal ion has a coordination number of 2, 4, or 
6, what are the observed geometries and associated bond 
angles? For each of the following, give the correct formu- 
las for the complex ions. 

a. linear Ag* complex ions having CN™ ligands 

b. tetrahedral Cu* complex ions having HO ligands 

c. tetrahedral Mn?* complex ions having oxalate ligands 
d. square planar Pt** complex ions having NH; ligands 
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20. 


Dae 


Za 


Pa, 


e. octahedral Fe?+ complex ions having EDTA ligands 

f. octahedral Co2+ complex ions having Cl ligands 

g. octahedral Cr3* complex ions having ethylenediamine 
ligands 


. The compound cisplatin, Pt(NH3)2Ch, has been studied 


extensively as an antitumor agent. The reaction for the 
synthesis of cisplatin is: 


KPtCl4(aq) + 2NH3(aq) —> Pt(NH3)2Ch(s) + 2KCl(aq) 


Write the electron configuration for platinum ion in cis- 
platin. Most d® transition metal ions exhibit square planar 
geometry. With this and the name in mind, draw the 
structure of cisplatin. 


What is the electron configuration for the transition metal 
ion(s) in each of the following compounds? 
a. (NH4)2[Fe(H2O)2Cl,] 
b. [Co(NH3)2(NH2,CH,CH2NH2)2 | 
c. Na2[TaF7] 
d. [Pt(NH3)4lo][Ptl4] 
Pt forms +2 and +4 oxidation states in compounds. 


. Name the following complex ions: 


a. CN ue 








Name the following coordination compounds. 
[Co(NH3)6]Cly 

[Co(H20)¢]I3 

K,[PtCly] 

K4[PtCl¢] 

[Co(NHs3);Cl]ClL 

f. [Co(NH3)3(NO3)3] 

Name the following complex ions. 
a. Ru(NH;3);C?* 

b. Fe(CN)¢4~ 

c. Mn(NH,CH,CH,NH,)32* 

d. Co(NH3);NO,2* 


Name the following coordination compounds. 


@ [eee ents 


a. [Cr(H,O);Br]Br> 

b. Na3[Co(CN)¢] 

(Ss [Fe(NH;CH,CH3NH)>)2(NO>)>]Cl 
d. [Pt(NH3)4I5][Ptl4] 


25 


26. 


28. 


30. 
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Give formulas for the following. 

a. potassium tetrachlorocobaltate(II) 

b. aquatricarbonylplatinum(II) bromide 

c. sodium dicyanobis(oxalato)ferrate(III) 

d. triamminechloroethylenediaminechromium(III) iodide 


Give formulas for the following complex ions. 
a. tetrachloroferrate(III) ion 

b, pentaammineaquaruthenium(III) ion 

c. tetracarbonyldihydroxochromium(III) ion 
d. amminetrichloroplatinate(II) ion 


. Acoordination compound of cobalt(III) contains four am- 


monia molecules, one sulfate ion, and one chloride ion. 
Addition of aqueous BaCl, solution to an aqueous solu- 
tion of the compound gives no precipitate. Addition of 
aqueous AgNO; to an aqueous solution of the compound 
produces a white precipitate. Propose a structure for this 
coordination compound. 


When an aqueous solution of KCN is added to a solution 
containing Ni?* ions, a precipitate forms, which redissolves 
upon addition of more KCN solution. No precipitate forms 
when H)S is bubbled into this solution. Write reactions de- 
scribing what happens in this solution. [Hint: CN~ is a 
Bronsted—Lowry base (K, ~ 107°) and a Lewis base.] 


. Consider aqueous solutions of the following coordination 


compounds: Co(NH3)¢I3, Pt(NH3)4I4, Na2PtIk, and 
Cr(NHs3)4I;. If aqueous AgNO; is added to separate bea- 
kers containing solutions of each coordination compound, 
how many moles of AgI will precipitate per mole of transi- 
tion metal present? Assume that each transition metal ion 
forms an octahedral complex. 


A series of chemicals was added to some AgNO;(aq). 
NaCl(aq) was added first to the silver nitrate solution 
with the end result shown below in test tube 1, NH3(aq) 
was then added with the end result shown in test tube 2, 
was added last with the end result shown 




















and HNO;3(aq 

in test tube 3. 

=> =>» => 

, wW , 
1 2 5 


Explain the results shown in each test tube. Include a bal- 
anced equation for the reaction(s) taking place. 


Define each of the following, and give examples. 
a. isomers e. linkage isomers 

b. structural isomers f. geometric isomers 
c. stereoisomers g. optical isomers 

d. coordination isomers 


How many bonds could each of the following chelating 
ligands form with a metal ion? 
a. acetylacetone (acacH) 
Tel 
Gh -@-_Cr, © Ci; 
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b. diethylenetriamine 


NH,—CH,—CH,—NH—CH,—CH,—NH, 


cu salen 
=—=N N== 
OH HO 
d. porphine 


33. Draw geometrical isomers of each of the following com- 
plex ions. 
a. [Co(C,04)2(H20)2]~ c. [Ir(NH3)3Cls] 
b. [Pt(NH3)4I2]?* d. [Cr(en)(NH3)2h]* 


34. Draw structures for each of the following. 
cis-dichloroethylenediamineplatinum(II) 
trans-dichlorobis(ethylenediamine)cobalt(II) 
cis-tetraamminechloronitrocobalt(III) ion 
trans-tetraamminechloronitritocobalt(III) ion 
trans-diaquabis(ethylenediamine)copper(II) ion 


@ Soe eri 
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5. Figure 19.18 shows that the cis isomer of Co(en) Cl)” is 
optically active, whereas the trans isomer is not optically 
active. Is the same true for Co(NH3)4Cl.*? Explain. 


36. For the process 
Co(NH3);Cl?+ + Cl> —— Co(NH3)4Cl,* + NH3 


What would be the expected ratio of cis to trans isomers 
in the product? 


7. Amino acids can act as ligands toward transition metal 
ions. The simplest amino acid is glycine (NH,;CH2CO>H). 
Draw a structure of the glycinate anion (NH,CH2COQ, ), 
acting as a bidentate ligand. Draw the structural isomers 
of the square planar complex Cu(NH,CH2COy)). 


es) 


38. The carbonate ion (CO;3?7) can act as either a monoden- 
tate or a bidentate ligand. Draw a picture of CO3*~ coor- 
dinating to a metal ion as a bidentate and as a mono- 
dentate ligand. The carbonate ion can also act as a bridge 
between two metal ions. Draw a picture of a CO;?~ ion 
bridging between two metal ions. 


os) 


39. Which of the following ligands are capable of linkage 
isomerism? Explain your answer. 


SCN-, N3-, NO,~, NH,CH,CH,NH,, OCN°, I- 


40. Draw all geometrical 
Co(NH3)4(NOz)2. 


and linkage isomers of 
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41. 


42. 


43. 
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Acetylacetone, abbreviated acacH, is a bidentate ligand. It 
loses a proton and coordinates as acac”, as shown below, 
where M is a transition metal: 


JH 
ae 
Mee 
Once 
CH, 


Which of the following complexes are optically active: cis- 
Cr(acac)2(H,O),, trans-Cr(acac))(H,O)2, and Cr(acac)3? 
Draw all geometrical isomers of Pt(CN)2Br2(H20)2. Which 
of these isomers have an optical isomer? Draw the various 
optical isomers. 

Draw all the geometrical isomers of [Cr(en)(NH3)2BrCl]*. 
Which of these isomers also have an optical isomer? Draw 
the various isomers. 


Bonding, Color, and Magnetism in Coordination Compounds 


44, 


45. 


46. 


47. 


48. 


For the following crystal field diagrams, label each as low 
spin, high spin, or cannot tell. Explain your answers. 








a BE He HE 


C$ 


Define each of the following. 
a. weak-field ligand c. low-spin complex 
b. strong-field ligand dd. high-spin complex 


Compounds of copper(II) are generally colored, but com- 
pounds of copper(I) are not. Explain. Would you expect 
Cd(NH3)4Cl, to be colored? Explain. 


Compounds of Sc** are not colored, but those of Ti?* and 
V3* are. Why? 


Match the crystal field diagrams given below with the fol- 
lowing complex ions. 


[Cr(NH3)sCl]** — [Co(NH3)4Br2]* [Fe(H,0)6]?* 
(assume strong field) (assume weak field) 


+ 
a fp 


b. +. 4 
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52. 


53% 


54, 


56. 


Match the crystal field diagrams given below with the fol- 
lowing complex ions. 


[Fe(CN)6]>- [Mn(H20)¢}** 
ae 
ee 





b. HN 


Consider the complex ions Co(NH3)¢?*, Co(CN)«?~, and 
CoF,3-. The wavelengths of absorbed electromagnetic ra- 
diation for these compounds are (in no specific order) 
770 nm, 440 nm, and 290 nm. Match the complex ion to 
the wavelength of absorbed electromagnetic radiation. 


Draw the d-orbital splitting diagrams for the octahedral 
complex ions of each of the following. 

a. Fe** (high and low spin) 

b. Fe?* (high spin) 

ca Ne 

die Zils 

e. Co** (high and low spin) 

The Co(NH3),2* ion is diamagnetic, but Fe(H,O),* is 
paramagnetic. Explain. 

How many unpaired electrons are in the following com- 
plex ions? 

a. Ru(NH3)¢2* (low-spin case) 

b. Ni(H,O),2+ 

c. V(en)33* 

Rank the following complex ions in order of increasing 
wavelength of light absorbed. 


Co(H20),3*+, Co(CN)¢3-, Col,3-, Co(en)3?* 


. The complex ion [Cu(H20)<¢]?* has an absorption maxi- 


mum at around 800 nm. When four ammonias replace 
water, [Cu(NH3)4(H2O),]**, the absorption maximum 
shifts to around 600 nm. What do these results signify in 
terms of the relative field splittings of NH; and H,O? 
Explain. 


The complex ion Fe(CN),?~ is paramagnetic with one un- 
paired electron. The complex ion Fe(SCN),3~ has five un- 
paired electrons. Where does SCN™ lie in the spectro- 
chemical series with respect to CN7? 


. The following test tubes each contain a different chro- 


mium complex ion. 
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For each compound, predict the predominant color of 
light absorbed. If the complex ions are Cr(NH3),°*, 
Cr(H2O)¢?*, and Cr(H,O)4Cly*, what is the identity of the 
complex ion in each test tube? (Hint: Reference the spec- 
trochemical series.) 


Would it be better to use octahedral Ni2+ complexes or 
octahedral Cr?* complexes to determine whether a ligand 
is a strong-field or a weak-field ligand by determining ex- 
perimentally the number of unpaired electrons? How else 
could the relative ligand field strengths be determined? 


The complex ion Ru(phen);?* has been used as a probe 

for the structure of DNA. (Phen is a bidentate ligand.) 

a. What type of isomerism is found in Ru(phen)3?*? 

b. Ru(phen);?* is diamagnetic (as are all complex ions of 
Ru**). Draw the crystal field diagram for the d orbit- 
als in this complex ion. 


phen = 1,10-phenanthroline = & & 
N N 
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When aqueous KI is added gradually to mercury(II) ni- 
trate, an orange precipitate forms. Continued addition of 
KI causes the precipitate to dissolve. Write balanced equa- 
tions to explain these observations. (Hint: Hg?* reacts 
with I- to form Hgl,?~.) Would you expect Hgl,?~ to 
form colored solutions? Explain. 


A certain first-row transition metal ion forms many differ- 
ent colored solutions. When four coordination com- 
pounds of this metal, each having the same coordination 
number, are dissolved in water, the colors of the solutions 
are red, yellow, green, and blue. Further experiments re- 
veal that two of the complex ions are paramagnetic with 
four unpaired electrons and the other two are diamag- 
netic. What can be deduced from this information about 
the four coordination compounds? 


?, Nickel can be purified by producing the volatile com- 


pound nickel tetracarbonyl [Ni(CO)4]. Nickel is the only 
metal that reacts directly with CO at room temperature. 
What is the oxidation state of nickel in Ni(CO),4? 


. Why are CN and CO toxic to humans? 
69. 


What causes high-altitude sickness, and what is high- 
altitude acclimatization? 

Acetylacetone (see Exercise 32, part a), abbreviated 
acacH, is a bidentate ligand. It loses a proton and coordi- 
nates as acac~, as shown below: 


ibys 
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M CH 
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Tetrahedral complexes of Co?* are quite common. Use a 
d-orbital splitting diagram to rationalize the stability of 
Co** tetrahedral complex ions. 


Why do tetrahedral complex ions have a different crystal 
field diagram than octahedral complex ions? Why are vir- 
tually all tetrahedral complex ions “high spin”? 


When concentrated hydrochloric acid is added to a red 
solution containing the Co(H,O),?* complex ion, the so- 
lution turns blue as the tetrahedral CoCl,*~ complex ion 
forms. Explain this color change. 


The wavelength of absorbed electromagnetic radiation for 
CoBr4?~ is 3.4 X 10~® m. Will the complex ion CoBr¢*- 
absorb electromagnetic radiation having a wavelength 
longer or shorter than 3.4 X 107° m? Explain. 


The complex ion PdCl,*~ is diamagnetic. Propose a struc- 
ture for PdCl,?-. 


Acetylacetone reacts with an ethanol solution containing 
a salt of europium to give a compound that is 40.1% C 
and 4.71% H by mass. Combustion of 0.286 g of the 
compound gives 0.112 g Eu.O3. Assuming the compound 
contains only C, H, O, and Eu, determine the formula of 
the compound formed from the reaction of acetylacetone 
and the europium salt. (Assume that the compound con- 
tains one europium ion.) 


Ammonia and potassium iodide solutions were added to 

an aqueous solution of Cr(NO3)3. A solid was isolated 

(compound A), and the following data were collected: 

i. When 0.105 g of compound A was strongly heated in 

excess O2, 0.0203 g of CrO;3 was formed. 

ii. In a second experiment, it took 32.93 mL of 0.100 M 
HCI to titrate completely the NH; present in 0.341 g 
of compound A. 

iii. Compound A was found to contain 73.53% iodine 
by mass. 

iv. The freezing point of water was lowered by 0.64°C 
when 0.601 g of compound A was dissolved in 
10.00 g of H,O (K; = 1.86°C kg/mol). 

What is the formula of the compound? What is the struc- 

ture of the complex ion present? [Hints: Cr** is expected 

to be six-coordinate with NH; and (possibly) I~ acting as 

ligands. The I~ ions will be the counter ions if needed.] 


In the production of printed circuit boards for the elec- 
tronics industry, a 0.60-mm layer of copper is laminated 
onto an insulating plastic board. Next, a circuit pattern 
made of a chemically resistant polymer is printed on the 
board. The unwanted copper is removed by chemical 
etching, and the protective polymer is finally removed by 
solvents. One etching reaction is 


[Cu(NH3)4]Cly(aq) + 4NH3(aq) + Cu(s) —> 
2[Cu(NH3)4]Cl(aq) 
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a. Is this reaction an oxidation—reduction process? 
Explain. 

b. A plant needs to manufacture 10,000 printed circuit 
boards, each 8.0 cm X 16.0 cm in area. An average of 
80.% of the copper is removed from each board 
(density of copper = 8.96 g/cm). What masses of 
[Cu(NH3)4]Cl, and NH; are needed to accomplish 
this task? Assume 100% yield. 


. BAL is a chelating agent used in treating heavy metal poi- 


soning. It acts as a bidentate ligand. What types of linkage 
isomers are possible when BAL coordinates to a metal ion? 


Cr—sii 

€H=SH 

CH,—OH 
BAL 


Until the discoveries of Werner, it was thought that the 
presence of carbon in a compound was required for it to 
be optically active. Werner prepared the following com- 
pound containing OH™ ions as bridging groups and then 
separated the optical isomers. 


Cl 








H 3 


a. Draw structures of the two optically active isomers of 
this compound. 

b. What are the oxidation states of the cobalt ions? 

c. How many unpaired electrons are present if the 
complex is the low-spin case? 


Chelating ligands often form more stable complex ions 
than the corresponding monodentate ligands form with 
the same donor atoms. For example, 


Ni?*(aq) + 6NH3(4q) == Ni(NHs3).**(aq) 
K; = 3.2 X 108 


Ni** (aq) + 3en(aq) == Ni(en)3** (aq) 
K,= 1.6 x 10% 


Ni**(aq) + penten(aq) = = Ni(penten)** (aq) 
K; = 2.0 X 10” 


where en is ethylenediamine and penten is 


NH,CH,CH) CH,CH,NH) 
N-—GCHs—CE—N 


NH,CH,CH) CH,CH;NH) 


The increased stability that results is called the chelate ef- 
fect. From the bond energies, would you expect the en- 
thalpy changes for the preceding reactions to be very dif- 
ferent? What is the order (from least favorable to most 
favorable) of the entropy changes for the preceding reac- 
tions? How do the values of the formation constants cor- 
relate with AS°? How can this be used to explain the che- 
late effect? 
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There are three salts that contain octahedral complex 
ions of chromium and have the molecular formula 
CrCl; -6H,O. Treating 0.27 g of the first salt with a 
strong dehydrating agent resulted in a mass loss of 
0.036 g. Treating 270 mg of the second salt with the 
same dehydrating agent resulted in a mass loss of 18 mg. 
The third salt did not lose any mass when treated with 
the same dehydrating agent. Addition of excess aqueous 
silver nitrate to 100.0-mL portions of 0.100 M solutions 
of each salt resulted in the formation of different masses 
of silver chloride; one solution yielded 1430 mg AgCl; 
another, 2870 mg AgCl; the third, 4300 mg AgCl. Two 
of the salts are green and one is violet. Suggest probable 
structural formulas for these salts, defending your answer 
on the basis of the preceding observations. State which 
salt is most likely to be violet. 


. Henry Taube, the 1983 Nobel Prize winner in chemistry, 


has studied the mechanisms of oxidation-reduction reac- 
tions involving transition metal complexes. In one experi- 
ment he and his students studied the following reaction: 


Cr(H,O),2* (aq) + Co(NH3)sCl?* (aq) —> 
Cr(III) complexes + Co(II) complexes 


Chromium(III) and cobalt(III) complexes are substitution- 
ally inert (no exchange of ligands) under conditions of the 
experiment. However, chromium(II) and cobalt(II) com- 
plexes can exchange ligands very rapidly. One of the 
products of the reaction is Cr(H,O);Cl**. Is this consis- 
tent with the reaction proceeding through formation of 
(H,O);Cr—Cl—Co(NH3)5 as an intermediate? Explain 
your answer. 


A compound related to acetylacetone is 1,1,1-trifluoro- 
acetylacetone (abbreviated Htfa): 


eve ne 
CF3;CCH;CCH; 


Htfa forms complexes in a manner similar to acetylace- 

tone. (See Exercise 41.) Both Be2* and Cu2* form com- 

plexes with tfa~ having the formula M(tfa),. Two isomers 
are formed for each metal complex. 

a. The Be** complexes are tetrahedral. Draw the two 
isomers of Be(tfa),. What type of isomerism is exhib- 
ited by Be(tfa)»? 

b. The Cu?* complexes are square planar. Draw the two 
isomers of Cu(tfa).. What type of isomerism is exhib- 
ited by Cu(tfa)2? 


The equilibrium constant K, for the reaction 


Fe(H20).**(aq) + H,O(!) == 
Fe(H20)s(OH)?* (aq) + H30*(aq) 


is 6.0 X 1073. 

a. Calculate the pH of a 0.10 M solution of Fe(H,O),3*. 

b. Will a 1.0 M solution of iron(II) nitrate have a higher 
or lower pH than a 1.0 M solution of iron(II) nitrate? 
Explain. 

Ethylenediaminetetraacetate (EDTA‘~) is used as a com- 

plexing agent in chemical analysis with the structure 

shown in Fig. 19.8. Solutions of EDTA*~ are used to treat 
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heavy metal poisoning by removing the heavy metal in the 
form of a soluble complex ion. The complex ion virtually 
prevents the heavy metal ions from reacting with bio- 
chemical systems. The reaction of EDTA‘ with Pb2* is 


Pb?*(aq) + EDTA*"(aq) == PbEDTA2- (aq) 
K='1.1 x10" 


Consider a solution with 0.010 mole of Pb(NO3)3 added 
to 1.0 L of an aqueous solution buffered at pH = 13.00 
and containing 0.050 M NayEDTA. Does Pb(OH); pre- 
cipitate from this solution? [K,, for Pb(OH), = 1.2 x 
1075.) 

Hemoglobin (abbreviated Hb) is a protein that is respon- 
sible for the transport of oxygen in the blood of mam- 
mals. Each hemoglobin molecule contains four iron atoms 
that serve as the binding sites for O) molecules. The oxy- 
gen binding is pH dependent. The relevant equilibrium 
reaction is 


HbH,** (aq) + 402(g) == Hb(O2)4(aq) + 4H* (aq) 


Use Le Chatelier’s principle to answer the following. 
a. What form of hemoglobin, HbH,‘** or Hb(O )q, is 
favored in the lungs? What form is favored in the cells? 


Challenge Problems 
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Qualitatively draw the crystal field splitting of the d orbit- 
als in a trigonal planar complex ion. (Let the z axis be 
perpendicular to the plane of the complex.) 


Consider the following complex ion, where A and B rep- 
resent ligands. 
A 
B A 
B B 
B 


The complex is known to be diamagnetic. Do A and B pro- 
duce very similar or very different crystal fields? Explain. 


. Qualitatively draw the crystal field splitting for a trigonal 


bipyramidal complex ion. (Let the z axis be perpendicular 
to the trigonal plane.) 

Sketch and explain the most likely crystal field diagram 
for the following complex ion: 








Note: The CN ligand produces a much stronger crystal 
field than NH3. Assume the NH; ligands lie on the z axis. 
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b. When a person hyperventilates, the concentration of 
CO, in the blood decreases. How does this affect the 
oxygen-binding equilibrium? How does breathing 
into a paper bag help to counteract this effect? (Hint: 
CO) reacts with water to produce carbonic acid.) 

c. When a person has suffered a cardiac arrest, an injec- 
tion of a sodium bicarbonate solution is given. Why is 
this step necessary? (Hint: CO) blood levels increase 
during cardiac arrest.) 


Carbon monoxide is toxic because it binds more strongly 
to iron in hemoglobin (Hb) than does O,. Consider the 
following reactions and approximate standard free energy 
changes: 


Hb te O, ———— HbO, 
Hb + CO —> HbCO 


AG? = -70 kJ 
AG? = -80kJ 


Using these data, estimate the equilibrium constant value 
at 25°C for the following reaction: 


HbO, 1 @Ol———s Ib GO O, 





’. Consider the following data: 


Co** +e ==> Co** $= 1.82 V 
Co(en)32* Kp= 1.56 1022 
Co(en)33* K; = 2.0 X 1047 


where en = ethylenediamine. 
a. Calculate €° for the half-reaction 


Co(en)33*+ + e~ —— Co(en)3?* 


b. Based on your answer to part a, which is the stronger 
oxidizing agent, Co** or Co(en);°*? 

c. Use the crystal field model to rationalize the result in 
part b. 


Consider the following complex ion where A and B repre- 
sent neutral ligands, and A produces a stronger crystal 
field than B. 


a. Draw an appropriate crystal field diagram for this 
complex ion (include the electrons). Assume the A 
ligands lie on the z axis. 

b. Draw an approximate molecular orbital diagram for 
this complex ion, assuming only sigma bonding. 

c. The two diagrams (parts a and b) should be slightly 
different with respect to d-orbital energies. How 
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could the assumptions used in constructing the dia- 
grams be modified to achieve agreement between the 
two? 


. Calculate the molar solubility of AgBr in pure water. 


Kyy for AgBr is 5.0 X 10733, 


. Calculate the molar solubility of AgBr in 3.0 M NH3. 


The overall formation constant for Ag(NH3),° is 
ia < AO" 


. Compare the calculated solubilities from parts a 


and b., Explain any differences. 


d. What mass of AgBr will dissolve in 250.0 mL of 
3.0 M NH3? 

e. What effect does adding HNO; have on the solubili- 
ties calculated in parts a and b? 


90. Sketch a d-orbital energy diagram for the following: 
a. a linear complex ion with ligands on the x axis 
b. a linear complex ion with ligands on the y axis 
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ince the chemistry of an atom is determined by the number and arrange- 

ment of its electrons, the properties of the nucleus are not of primary 

importance to chemists. In the simplest view, the nucleus provides the 

positive charge to bind the electrons in atoms and molecules. However, 
a quick reading of any daily newspaper will show you that the nucleus and its 
properties have an important impact on our society. This chapter considers 
those aspects of the nucleus about which everyone should have some knowl- 
edge. 

Several aspects of the nucleus are immediately impressive: its very small 
size, its very large density, and the magnitude of the energy that holds it to- 
gether. The radius of a typical nucleus appears to be about 10713 cm. This can 
be compared with the radius of a typical atom, which is on the order of 
10-8 cm. A visualization will help you appreciate the small size of the nucleus: 
If the nucleus of the hydrogen atom were the size of a Ping-Pong ball, the elec- 
tron in the 1s orbital would be, on average, 0.5 kilometer (0.3 mile) away. The 
density of the nucleus is equally impressive—about 1.6 X 101* g/cm?. A sphere 
of nuclear material the size of a Ping-Pong ball would have a mass of 2.5 bil- 
lion tons! In addition, the energies involved in nuclear processes are typically 
millions of times larger than those associated with normal chemical reactions. 
This fact makes nuclear processes very attractive for feeding the voracious en- 
ergy appetite for our civilization. 

Atomos, the Greek root of the word atom, means “indivisible.” It was 
originally believed that the atom was the ultimate indivisible particle of which 
all matter was composed. However, as we discussed in Chapter 2, Lord Ruth- 
erford showed in 1911 that the atom is not homogeneous but instead has a 
dense, positively charged center surrounded by electrons. Subsequently, scien- 
tists learned that the nucleus of the atom can be described as containing neu- 
trons and protons. In fact, in the past three decades, it has become widely ac- 
cepted that even the protons and neutrons are composed of smaller particles 
called quarks. 

For most purposes, the nucleus can be regarded as a collection of nucleons 
(neutrons and protons), and the internal structures of these particles can be 
ignored. Recall that the number of protons in a particular nucleus is the atomic 
number (Z) and that the sum of the neutrons and protons is the mass number 
(A). Atoms that have identical atomic numbers but different mass number val- 
ues are called isotopes. The general term nuclide is applied to each unique 
atom and is represented by 7X, where X represents the symbol for a particular 
element. 


« 
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Nuclear Stability and Radioactive Decay 


Nuclear stability is the central topic of this chapter and forms the basis for all 
the important applications related to nuclear processes. Nuclear stability can 
be considered from both a kinetic and a thermodynamic point of view. Ther- 
modynamic stability, as we use the term here, refers to the potential energy of 
a particular nucleus as compared with the sum of the potential energies of its 
component protons and neutrons. We will use the term kinetic stability to de- 
scribe the probability that a nucleus will undergo decomposition to form a 
different nucleus—a process called radioactive decay. We will consider radio- 
activity in this section. 

Many nuclei are radioactive; that is, they decompose, forming another 
nucleus and producing one or more particles. An example is carbon-14, which 
decays as follows: 
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Figure 20.1 160 
The known nuclides. The red dots indi- 
cate the nuclides that do not undergo 
radioactive decay. Note that as the 
number of protons (Z) in a nuclide 
increases, the neutron/proton ratio 
required for stability also increases. 
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where _‘e represents an electron, which is called a beta particle, or B particle, 
in nuclear terminology. This equation is typical of those representing radioac- 
tive decay in that both A and Z must be conserved. That is, the Z values must 
give the same sum on both sides of the equation (6 = 7 — 1), as must the A 
values (14 = 14 + 0). 

Of the approximately 2000 known nuclides, only 279 are stable with re- 
spect to radioactive decay. Tin has the largest number of stable isotopes—10. 

It is instructive to examine how the numbers of neutrons and protons in a 
nucleus are related to its stability with respect to radioactive decay. Figure 20.1 
shows a plot of the positions of the known nuclides as a function of the num- 
ber of protons (Z) and the number of neutrons (A — Z). The stable nuclides are 
said to reside in the zone of stability. 

The following are some important observations concerning radioactive 
decay: 


All nuclides with 84 or more protons are unstable with respect to radioactive 
decay. 

Light nuclides are stable when Z equals A — Z, that is, when the neutron/ 
proton ratio is 1. However, for heavier elements, the neutron/proton ratio 
required for stability is greater than 1 and increases with Z. 

Certain combinations of protons and neutrons seem to confer special stability. 
For example, nuclides with even numbers of protons and neutrons are more 
often stable than those with odd numbers, as shown by the data in Table 
20; 1% 
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a-Particle production involves a change 
in A for the decaying nucleus; B-particle 
production has no effect on A. 


Table 20.1 


Number of Stable Nuclides Related to Numbers of Protons and Neutrons 











Number of Number of Number of 

Protons Neutrons Stable Nuclides Examples 
Even Even 168 oy Oa (©) 
Even Odd 57 te Grae 
Odd Even 50 E47 Na 
Odd Odd 4 ig baie, 





Note: Even numbers of protons and neutrons seem to favor stability. 


There are certain specific numbers of protons or neutrons that produce espe- 
cially stable nuclides. These so-called magic numbers are 2, 8, 20, 28, 50, 
82, and 126. This behavior is reminiscent of that for atoms, where certain 
numbers of electrons (2, 10, 18, 36, 54, and 86) produce special chemical 
stability (the noble gases). 


Types of Radioactive Decay 


Radioactive nuclei can undergo decomposition in various ways. These decay 
processes fall into two categories: those that involve a change in the mass num- 
ber of the decaying nucleus and those that do not. We will consider the former 
type of process first. 

An alpha particle, or @ particle, is a helium nucleus (3He). Alpha-particle 
production is a very common mode of decay for heavy radioactive nuclides. 
For example, *33U, the predominant isotope of natural uranium (99.3%), de- 
cays by a-particle production: 


38 > tHe + Th 
Another a-particle producer is *3)Th: 
20, he ——> aie + Ra 


Another decay process in which the mass number of the decaying nucleus 
changes is spontaneous fission, the splitting of a heavy nuclide into two lighter 
nuclides with similar mass numbers. Although this process occurs at an ex- 
tremely slow rate for most nuclides, it is important in some cases. For instance, 
spontaneous fission is the predominant mode of decay for 73$Cf. 

The most common decay process in which the mass number of the decaying 
nucleus remains constant is beta-particle production. For example, the thorium- 
234 nuclide produces a B particle and is converted to protactinium-234: 


oe Thy —>78iPa + fe 
Iodine-131 is also a B-particle producer: 
i eeemteataee 


The £ particle is assigned the mass number 0, since its mass is tiny compared 
with that of a proton or neutron. Because the value of Z is —1 for the B particle, 
the atomic number for the new nuclide is greater by 1 than for the original nu- 
clide. Thus the net effect of B-particle production is to change a neutron to a 
proton. We therefore expect nuclides that lie above the zone of stability (those 
nuclides whose neutron/proton ratios are too high) to be B-particle producers. 

Although the B particle is an electron, the emitting nucleus does not con- 
tain electrons. As we shall see later in this chapter, a given quantity of energy 
(which is best regarded as a form of matter) can become a particle (another 
form of matter) under certain circumstances. The unstable nuclide creates an 


Table 20.2 


20.1 Nuclear Stability and Radioactive Decay 991 


electron as it releases energy in the decay process. The electron thus results 
from the decay process rather than being present before the decay occurs. 
Think of this process as being analogous to talking: Words are not stored in- 
side us but are formed as we speak. Later in this chapter we will discuss in 
more detail this very interesting phenomenon in which matter in the form of 
particles and matter in the form of energy can interchange. 

A gamma ray, or y ray, refers to a high-energy photon. Frequently, gamma- 
ray production accompanies nuclear decays and particle reactions, such as in 
the a-particle decay of *3$U: 


a Ue le ley 


in which two y rays of different energies are sometimes produced in addition 
to the a particle. The emission of y rays is one way a nucleus with excess en- 
ergy (in an excited nuclear state) can relax to its ground state. 

Positron production occurs for nuclides below the zone of stability (those 
nuclides whose neutron/proton ratios are too small). The positron is a particle 
with the same mass as the electron but opposite charge. An example of a nu- 
clide that decays by positron production is sodium-22: 


2 
stNa —> fe + #4Ne 


Note that the net effect of this process is to change a proton to a neutron, caus- 
ing the product nuclide to have a higher neutron/proton ratio than the original 
nuclide. 

Besides being oppositely charged, the positron shows an even more funda- 
mental difference from the electron: It is the antiparticle of the electron. When 
a positron collides with an electron, the particulate matter is changed to elec- 
tromagnetic radiation in the form of high-energy photons: 


Se + %e —> 2oy 


This process, which is characteristic of matter-antimatter collisions, is called 
annihilation and is another example of the interchange of the forms of 
matter. 
Electron capture is a process in which one of the inner-orbital electrons is 
captured by the nucleus, as illustrated by the process 
"Hig + Je —> Au + by 
t 


Inner-orbital electron 


This reaction would have been of great interest to the alchemists, but unfortu- 
nately, it does not occur at a rate that would make it a practical means for 
changing mercury to gold. The various types of radioactive decay are summa- 
rized in Table 20.2. 


Various Types of Radioactive Processes Showing the Changes That Take Place in the Nuclides 





Change Change in 








Change 
Process inA in Z Neutron/Proton Ratio Example 
B-Particle (electron) 0 sel Decrease oe) Newest Thy ve 
production 
Positron production 0 =i Increase PN ees Cee 
Electron capture 0 =| Increase BAS +e ——> Ge 
a-Particle production —4 =2) Increase 2109p —__5 206Ph + 4He 
y-Ray production 0 0 — Excited nucleus ——> ground-state nucleus + §y 


Spontaneous fission 





— — *34Cf —— lighter nuclides + neutrons 
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Does Antimatter Matter? 





Ever since its discovery in the early twentieth 
century scientists have been fascinated by antimat- 
ter, the “inverse” of matter. Individual antimatter 
particles are well known and have been studied 
extensively in particle accelerators. For example, 
the positron, the antiparticle for the electron, has 
the same mass as the electron but a positive 
charge, and the antiproton has the same mass as 
the proton but a negative charge. Antiparticles are 
tricky to study because they undergo immediate 
annihilation, releasing large quantities of energy, 
when they meet their corresponding matter 
particles. 

Although both the antiparticles for antihydro- 
gen (the antiproton and the positron) can be stored 
for a certain time in accelerators, no one had been 
able to create antihydrogen until recently. In Sep- 
tember 1995 at the European Laboratory for Parti- 
cle Physics (CERN) in Geneva, a team of research- 
ers led by Walter Oelert observed antihydrogen for 
the first time. Using the Low Energy Antiproton 
Ring (LEAR), the scientists sent a beam of antipro- 
tons at nearly the speed of light into a stream of 
xenon gas. Occasionally an antiproton interacted 
with a xenon atom to produce a positron and an 
electron. In the very rare cases in which the created 
positron had a velocity similar to that of the anti- 
proton beam, the positron would be captured by 
an antiproton to form antihydrogen. 

Physicists are very interested in comparing the 
properties of antihydrogen with those of hydrogen, 








CERN, the world’s largest particle accelerator, lies at the 
foot of the Jura Mountains near Geneva, Switzerland. 
This is a view of the CMS (compact muon solenoid). 


especially to determine antimatter’s response to 
gravity. However, these antiatoms, created in flight 
in the accelerator, lasted for a fleeting 40-billionths 
of a second, too short a time for the scientists to 
observe their properties. Physicists are now trying 
to find ways to make low-energy antihydrogen so 
that it can be stored long enough to study it more 
thoroughly. They hope that these experiments will 
provide answers to questions such as why there is 
so little antimatter in the universe relative to 
matter—present theory indicates that equal 
amounts of matter and antimatter would have 
been created in the early universe. 


CERN photo by Maximilien Brice 





Often a radioactive nucleus cannot reach a stable state through a single 
decay process. In such a case, a decay series occurs until a stable nuclide is 
formed. A well-known example is the decay series that starts with 73$U and 
ends with *3§Pb, as shown in Fig. 20.2. Similar series exist for 235U: 


and for *33Th: 


26 Series of 
235 207 

92 decay Ss g2Pb 
232 Series of 208 
“39 Lh @9Pb 


decays 





20.2 | 


The Kinetics of Radioactive Decay 


In a sample consisting of radioactive nuclides of a given type, each nuclide has 
a certain probability of undergoing decay. Suppose that a sample containing 
1000 atoms of a certain nuclide produces 10 decay events per hour. This means 


Figure 20.2 

The decay series from 788U to °98Pb. 
Each nuclide in the series except °88Pb 
is unstable, and the successive trans- 
formations (shown by the arrows) con- 
tinue until °88Pb is finally formed. Note 
that horizontal arrows indicate pro- 
cesses where A is unchanged, 
whereas diagonal arrows signify that 
both A and Z change. 


Rates of reaction are discussed in 
Chapter 15 
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that over the span of an hour, 1 out of every 100 nuclides will decay. Assuming 
that this probability of decay is characteristic for this type of nuclide, we could 
predict that a 2000-atom sample would give 20 decay events per hour. Thus, 
for radioactive nuclides, the rate of decay, which is the negative of the change 
in the number of nuclides per unit time (—AN/At), is directly proportional to 
the number of nuclides (N) in a given sample: 


Rate = BLY ao N 
At 


The negative sign is included because the number of nuclides is decreasing. We 
now insert a proportionality constant k to give 


Rate = ——_- = -—- = kN 


Recall from Chapter 15 that this is the rate law for a first-order process. The 
integrated first-order rate law is 


N 
in) - —kt 


where No represents the original number of nuclides (at t = 0) and N repre- 
sents the number of nuclides remaining at time t. 


Half-Life 


The half-life (t1;.) of a radioactive sample is defined as the time required for the 
number of nuclides to reach half of the original value (No/2). We can use this 
definition in connection with the integrated first-order rate law (see Section 
15.4) to produce the following expression for t;2: 


Owe KA 
2 = ear ee 
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Stellar Nucleosynthesis 





How did all the matter around us originate? The 
scientific answer to this question is a theory called 
stellar nucleosynthesis or, literally, the formation 
of nuclei in the stars. 

Many scientists believe that our universe origi- 
nated as a cloud of neutrons that became unstable 
and produced an immense explosion, giving this 
model its name—the big bang theory. The model 
postulates that following the initial explosion, neu- 
trons decomposed into protons and electrons, 


se Hee 


which recombined to form clouds containing 
hydrogen and helium as well as significant 
amounts of lithium and deuterium. Over eons, 
gravitational forces caused many of these clouds to 
contract and heat up sufficiently to reach tempera- 
tures where proton fusion was possible, releasing 
large quantities of energy. When the tendency to 
expand because of the heat from fusion and the 
tendency to contract because of the forces of 
gravity are balanced, a stable young star such as 
our sun can be formed. 

Eventually, when the supply of hydrogen is 
exhausted, the core of the star again contracts with 
further heating until temperatures are reached 
where fusion of helium nuclei can occur. This leads 
to the formation of '@C and '$O nuclei. In turn, 
when the supply of helium nuclei is depleted, 
further contraction and heating occur, until the 
fusion of heavier nuclei takes place. This process 
occurs repeatedly, forming heavier and heavier 
nuclei until iron nuclei are formed. Because the iron 
nucleus is the most stable of all, energy is required 
to fuse iron nuclei. This endothermic fusion process 
cannot furnish energy to sustain the star; therefore, 
it cools to a small, dense white dwarf. 

The evolution just described is characteristic of 
small and medium-sized stars. Much larger stars, 
however, become unstable during their evolution 
and undergo a supernova explosion. In the latter 
stages in this explosion, which is actually an 
extreme implosion that occurs when the fusion 
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Image of a portion of the Cygnus Loop 
supernova remnant, taken by the Hubble 
space telescope. 


heat source is exhausted, some medium-mass 
nuclei are fused to form heavy elements. Also, 
some light nuclei capture neutrons. These neutron- 
rich nuclei then produce B particles, increasing 
their atomic number with each event. This eventu- 
ally leads to nuclei with large atomic numbers. In 
fact, almost all nuclei beyond iron are thought to 
originate from supernova explosions. The debris of 
a supernova explosion thus contains a large variety 
of elements that are spread widely and become 
part of hydrogen clouds that eventually become 
stars, which in turn form solar systems. For 
example, our sun and solar system probably 
formed from materials that had been through two 
previous supernova explosions. 

Although other theories for the origin of matter 
have been suggested, there is much evidence to 
support the big bang theory. It continues to be 


widely accepted, although the details continue to 
be modified. 





Figure 20.3 

The decay of a 10.0-g sample of 
strontium-90 over time. Note that the 
half-life is a constant 28.8 years. 


The harmful effects of radiation will be 
discussed in Section 20.7. 


Figure 20.4 
The change in the amount of 33Mo with 
time (tye = 67 h). 
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Thus, if the half-life of a radioactive nuclide is known, the rate constant can be 
easily calculated, and vice versa. 

As we saw in Section 15.4, the half-life for a first-order process is constant. 
This is illustrated for the B-particle decay of strontium-90 in Fig. 20.3; it takes 
28.8 years for each halving of the amount of 3{Sr. Contamination of the envi- 
ronment with 3{Sr poses serious health hazards because of the similar chemis- 
try of strontium and calcium (both are in Group 2A). Strontium-90 in grass 
and hay is incorporated into cow’s milk along with calcium and is then passed 
on to humans, where it lodges in the bones. Because of its relatively long half- 
life, °°Sr persists for years in humans, causing radiation damage that may lead 
to cancer. 


| EXAMPLE 20.1 


The half-life of molybdenum-99 is 67.0 h. How much of a 1.000-mg sample of 
33Mo remains after 335 h? 


Solution The easiest way to solve this problem is to recognize that 335 h rep- 
resents five half-lives for 73Mo: 
335 = 5 X 67.0 


We can sketch the change that occurs, as shown in Fig. 20.4. Thus, after 335 h, 
0.031 mg of 33Mo remains. 


Mo (mg) 


99 
42 





Time (h) 





U.S. Department of Energy 
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A uranium “button” for use as a fuel in 
a nuclear reactor. 


Table 20.3 


The Half-Lives of Nuclides in the 73U Decay Series 














Nuclide Particle Produced | Half-Life 
Vitn @38u) a 4.51 X 10° years 
Thorium-234 (73)Th) B 24.1 days 
ie Rk (73{Pa) B 6.75 hours 
Uranium-234 (733U) a 2.48 X 10° years 
een G3) ch} a 8.0 X 104 years 
Radium-226 (*38Ra) a 1.62 < 10° years 
Radon-222 one, a 3.82 days 
Polonium-218 (7}%Po) a 3.1 minutes 
Lead-214 ae B 26.8 minutes 
Bismuth-214 (7}Bi) B 19.7 minutes 
Polonium-214 (734Po) a 1.6 X 1074 second 
Lead-210 en B 20.4 years 
fie erst (743Bi) B 5.0 days 
MSF (71°P0) a 138.4 days 
Lead-206 (72$Pb) — Stable 











The half-lives of radioactive nuclides vary over a tremendous range. For 
example, '35Nd has a half-life of 5 x 10!5 years, whereas 7}3Po has a half-life of 
2 X 10-4 second. To give perspective on this, the half-lives of the nuclides in 
the *35U decay series are given in Table 20.3. 





20.3 | Nuclear Transformations 


In 1919 Lord Rutherford observed the first nuclear transformation, the con- 
version of one element into another. He found that by bombarding '4N with 
a particles, the '{O nuclide could be produced: 


Nee He —— 40 +n 
Fourteen years later Irene Curie and her husband Frederick Joliot observed a 
similar transformation from aluminum to phosphorus, 

4ZAl + SHe — > 72P + dn 


where jn represents a neutron. 

Over the years, many other nuclear transformations have been achieved, 
mostly using particle accelerators, which, as the name reveals, are devices used 
to give particles very high velocities. Because of the electrostatic repulsion be- 
tween the target nucleus and a positive ion, accelerators are needed when posi- 


Photograph by Mindy Hapke, Courtesy Nordion 





A cyclotron at TRIUMF, Canada’s national 
laboratory of particle and nuclear physics. 
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Figure 20.5 


A schematic diagram of a cyclotron. The ion is introduced in the center and is 
then pulled back and forth between the hollow D-shaped electrodes by constant 
reversals of the electric field. Magnets above and below these electrodes produce 
a spiral path that expands as the particle velocity increases. When the particle has 
sufficient speed, it exits the accelerator and is directed at the target nucleus. 


tive ions are used as bombarding particles. The particle, accelerated to a very 
high velocity, can overcome the repulsion and penetrate the target nucleus, 
thus effecting the transformation. A schematic diagram of one type of particle 
accelerator, the cyclotron, is shown in Fig. 20.5. The ion is introduced at the 
center of the cyclotron and is accelerated in an expanding spiral path by use of 
alternating electric fields in the presence of a magnetic field. The linear accel- 
erator illustrated in Fig. 20.6 uses changing electric fields to achieve high ve- 
locities along a linear pathway. 

In addition to positive ions, neutrons are often used as bombarding parti- 
cles to effect nuclear transformations. Because neutrons are uncharged and 
thus not repelled electrostatically by a target nucleus, they are readily absorbed 
by many nuclei, leading to the formation of new nuclides. The most common 
source of neutrons for this purpose is a fission reactor (see Section 20.6). 

By using neutron and positive-ion bombardment, scientists have been able 
to extend the periodic table. Prior to 1940, the heaviest known element was 
uranium (Z = 92). However, in 1940 neptunium (Z = 93) was produced by 
neutron bombardment of *3$U. The process initially gives *33U, which then 


decays to 733Np by B-particle production: 


238 1 239 239 0 
99U + pn ——> “930 ———.—— “o3Np + -1e 


ty = 23 min 


Ion 
source 





Figure 20.6 

Schematic diagram of a linear accelerator, which uses a changing electric field to accelerate 
a positive ion along a linear path. As the ion leaves the source, the odd-numbered tubes are 
negatively charged, and the even-numbered tubes are positively charged. The positive ion is 
thus attracted into tube 1. As the ion leaves tube 1, the tube polarities are reversed. Now 
tube 1 is positive, repelling the positive ion, and tube 2 is negative, attracting the positive 
ion. This process continues, eventually producing high particle velocity. 
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Table 20.4 


Syntheses of Some of the Transuranium Elements 

















Element Neutron Bombardment Half-Life 
_d0=0- 

Neptunium (Z = 93) 2381) i ——> 737 ——> 7ggNp + Ere 2.35 days (733Np) 
Plutonium (Z = 94) 22ND Aas 237Pu ae _%e 24,400 years (734Pu) 
Americium (Z = 95) 239P i + Jin —> *41Pu —> *4iAm + 4c 458 years (*3;Am) 
Element Positive-lon Bombardment Half-Life 

Curium (Z = 96) 23°Pu + $3He ——> 742Cm + gn 163 days (7§2Cm) 
Californium (Z = 98) 7422Cm + sHe —— > 7s0Cr + in 44 minutes (745Cf) 


Rutherfordium (Z = 104) 
Dubnium (Z = 105) 
Seaborgium (Z = 106) 


or 733U + 26 —> 45Cf + 4)n 
we +20 ioaR + 4in 
24°Cf + SN —> 769Db + 44n 
Chr O45 59 Aah 
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Geiger counters are often called survey 
meters in industry. 


Figure 20.7 

A schematic representation of a Geiger- 
Muller counter. The high-energy radio- 
active particle enters the window and 
ionizes argon atoms along its path. The 
resulting ions and electrons produce a 
momentary current pulse, which is 
amplified and counted. 





In the years since 1940, the elements with atomic numbers 93 through 112 
and 114, 116, and 118, called the transuranium elements,* have been synthe- 
sized. Many of these elements have very short half-lives, as shown in Table 
20.4. As a result, only a few atoms of some of the transuranium elements have 
ever been formed. This, of course, makes the chemical characterization of these 
elements extremely difficult. 





Detection and Uses of Radioactivity 


Various instruments measure radioactivity levels, the most familiar being the 
Geiger-Miiller counter, or Geiger counter (Fig. 20.7). This instrument takes 
advantage of the fact that the high-energy particles from radioactive decay 
processes produce ions when they travel through matter. The probe of the 
Geiger counter is filled with argon gas, which can be ionized by a rapidly mov- 
ing particle: 


High-energy 


Ar(g) Art(g) +e7 


particle 


Normally, a sample of argon gas does not conduct a current when an electrical 
potential is applied. However, the formation of ions and electrons produced by 
the passage of the high-energy particle allows a momentary current to flow. 


Amplifier 
and counter 





Argon atoms 


“For an excellent article on the history of these elements, see G. B. Kauffman, “Beyond Uranium,” 
Chem. Eng. News, November 19, 1990, p. 18. 


University Museum/University of Pennsylvania Photo Archives 





Carbon-14 radioactivity is often used to 
date human skeletons found at archae- 
ological sites. 


The '4C/"2C ratio is the basis for 
carbon-14 dating. 
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Electronic devices detect this current flow, so the number of these events can 
be counted. Thus the decay rate of the radioactive sample can be determined. 

Another instrument often used to detect levels of radioactivity is a scintil- 
lation counter, which takes advantage of the fact that certain substances, such 
as zinc sulfide, give off light when they are struck by high-energy radiation. A 
photocell senses the flashes of light that occur as the radiation strikes and thus 
measures the number of decay events per unit time. 


Dating by Radioactivity 
Archaeologists, geologists, and others involved in reconstructing the ancient 
history of the earth rely heavily on radioactivity to provide accurate dates for 
artifacts and rocks. A method that has been very important for dating ancient 
articles made from wood or cloth is radiocarbon dating, or carbon-14 dating. 
This technique was originated in the 1940s by Willard Libby, an American 
chemist who received a Nobel Prize for his efforts in this field. 

Radiocarbon dating is based on the radioactivity of the nuclide $C, which 
decays via B-particle production: 


7m e LN 


Carbon-14 is produced in the atmosphere when high-energy neutrons from 
space collide with nitrogen-14: 


23 Nich oh —— oe 


Carbon-14 is continuously produced by this process, and it continuously de- 
composes through B-particle production. Over the years, the rates for these 
two processes have become equal. Like a participant in a chemical reaction at 
equilibrium, the amount of '{C that is present in the atmosphere remains about 
constant. 

Carbon-14 can be used to date wood and cloth artifacts because the '4C, 
along with the other carbon isotopes in the atmosphere, reacts with oxygen to 
form carbon dioxide. A living plant consumes carbon dioxide in the photo- 
synthesis process and incorporates the carbon, including ‘fC, into its mole- 
cules. As long as the plant lives, the '$C/'2C ratio in its molecules remains the 
same as that in the atmosphere because of the continuous uptake of carbon. 
However, as soon as a tree is cut to make a wooden bow! or a flax plant is 
harvested to make linen, the '$C/'2C ratio begins to decrease because of the 
radioactive decay of '4C (the 12C nuclide is stable). Since the half-life of '2C is 
5730 years, a wooden bowl found in an archaeological dig showing a '$C/'3C 
ratio half that found in currently living trees must be about 5730 years old. 
This reasoning assumes that the current '3C/'ZC ratio is the same as that found 
in ancient times. 

Dendrochronologists—scientists who date trees from annual growth 
rings—have used data collected from long-lived species of trees, such as bristle- 
cone pines and sequoias, to show that the 'fC content of the atmosphere has 
changed significantly over the ages. These data have been used to derive cor- 
rection factors that allow very accurate dates to be determined from the ob- 
served '4C/'ZC ratio in an artifact, especially for artifacts up to 10,000 years 
old. Recent measurements of uranium/thorium ratios in ancient coral have 
raised questions about the accuracy of '*C dates extending back 20,000 to 
30,000 years, suggesting that errors up to 3000 years may have occurred. Ef- 
forts are now being made to recalibrate the '*C dates over this period. 

One drawback of radiocarbon dating is that a fairly large piece of the ob- 
ject (up to several grams) must be burned to form carbon dioxide, which is 
then analyzed for radioactivity. Another method for counting '%C nuclides 
avoids destruction of a significant portion of a valuable artifact. This tech- 
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Because the half-life of *88U is very 
long compared with those of the other 
members of the decay series (Table 
20.3) to reach °88Pb, the number of 
nuclides in intermediate stages of 
decay is negligible. That is, once a 
238U nuclide starts to decay, it reaches 
2°6Pb relatively fast. 





nique, requiring only about 10? gram, uses a mass spectrometer (Chapter 3), 
in which the carbon atoms are ionized and accelerated through a magnetic 
field that deflects their paths. Because of their different masses, the various ions 
are deflected by different amounts and can be counted separately. This allows 
a very accurate determination of the '$C/"{C ratio in the sample. 

In their attempts to establish the geological history of the earth, geologists 
have made extensive use of radioactivity. For example, since *33U decays to the 
stable 2°SPb nuclide, the ratio of 78$Pb to 733U in a rock can, under favorable 
circumstances, be used to estimate the age of the rock. 


EXAMPLE 20.2 


A rock containing 738U and 7§SPb was examined to determine its approximate 
age. Analysis showed the ratio of *8§Pb atoms to *33U atoms to be 0.115. As- 
suming that no lead was originally present, that all the *3$Pb formed over the 
years has remained in the rock, and that the number of nuclides in the interme- 
diate stages of decay between *33U and 798Pb is negligible, calculate the age of 


the rock. The half-life of 738U is 4.5 * 10? yr. 


Solution The problem can be solved using the integrated first-order rate law: 


in( =) oi -( a) 
No 4.5 X 10? yr 


where N/Np represents the ratio of 733U atoms now found in the rock to the 


number present when the rock was formed. We are assuming that each 7{§Pb 


nuclide present must have come from decay of a *33U atom: 


20 > Pb 


Thus 


Number of 738U atoms number of 7$8Pb number of 738U 


originally present atoms now present atoms now present 





Atoms of *8$Pb now present 0.115 118 
=(O.115 =-——_—_ = 
1.000 1000 


Think carefully about what this means. For every 1115 *3$U atoms originally 


present in the rock, 115 have been changed to 78$Pb and 1000 remain as 738U. 
Thus 


Atoms of 735U now present 


Now present 








a 
N 2381) 1000 
Naor 2SePbti228U «1415 eee 
*35U originally present 
N 0.693 
nf = In(0.8969) = -(Goear) 
NEC, ) ASociu re) 


t= 7.1 X 108 yr 


This is the approximate age of the rock. It was formed sometime during the 
Cambrian Period. 


Medical Applications of Radioactivity 


Although the rapid advances of the medical sciences in recent decades are the 
result of many causes, one of the most important has been the discovery and 
use of radiotracers, which are radioactive nuclides that can be introduced into 
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Figure 20.8 
After consumption of Na‘*"|, the 
patient's thyroid is scanned for radio- 
activity levels to determine the efficiency 
of iodine absorption. (top) A normal 
thyroid. (bottom) An enlarged thyroid. 


The m in technetium-99m designates 
an excited nuclear state of “Tc that 


decays to the ground state by 
y production: 


99m 


he -——> “le + 
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organisms through food or drugs and whose pathways can be traced by moni- 
toring their radioactivity (Fig. 20.8). For example, the incorporation of nu- 
clides such as '2C and }{P into nutrients has produced important information 
about metabolic pathways. 

lodine-131 has proved very useful in the diagnosis and treatment of ill- 
nesses of the thyroid gland. Patients drink a solution containing small amounts 
of Na'*'I, and the uptake of the iodine by the thyroid gland is monitored with 
a scanner. 

Thallium-201 can be used to assess the damage to the heart muscle in a 
person who has suffered a heart attack because thallium is concentrated in 
healthy muscle tissue. Technetium-99m is also taken up by normal heart tissue 
and is used for damage assessment in a similar way. 

A relatively new technique that uses radioactivity to study body processes 
and diagnose malfunctions is commonly called positron emission tomography 
(PET). In this technique radionuclides that decay by positron emission are in- 
corporated into compounds. For example, brain function can be studied by 
incorporating '{C into glucose, which is the main source of energy for the 
brain. By studying how this labeled glucose is metabolized in the brain, doctors 
can discover abnormalities caused by diseases such as cancer, Parkinson’s dis- 
ease, and epilepsy. 

Radiotracers provide sensitive and noninvasive methods for learning about 
biological systems, for detection of disease, for monitoring the action and ef- 
fectiveness of drugs, and for early detection of pregnancy; their usefulness 
should continue to grow. Some useful radiotracers are listed in Table 20.5. 

In contrast to the use of radiotracers, where the patient is exposed to only 
very small quantities of radiation, radiation therapy uses larger radiation 
doses to kill cancer cells. Typically the radioactive nuclides used in radiation 
therapy emit high-energy y rays. The radiation can be administered external 
to the body or implanted in the cancerous tissue, depending on the location 
and nature of the cancer. For example, '42Ir pellets (covered by a platinum 
shell that stops a and B particles from entering the body but is easily pene- 
trated by y rays) are placed directly in the tumor to be destroyed. When im- 
plants are not practical, $°Co is often used externally to direct y rays at the 
target tissue. Because virtually all the iodine that enters the body ends up in 
the thyroid gland, large doses of '°'I can be ingested to treat thyroid cancer. 
Because y radiation is so highly penetrating, it is impossible to confine it to 
cancerous tissue in radiation therapy, and patients usually suffer nausea, hair 
loss, fatigue, and a weakened immune system. Despite its dangers and un- 
pleasant side effects, however, radiation therapy is a potent tool to fight many 
forms of cancer. 


Table 20.5 


Some Radioactive Nuclides, with Half-Lives and Medical 
Applications as Radiotracers 


Se Area of the Body Studied 


Nuclide Half-Life 








aa 8.1 days Thyroid 

Fe 45.1 days Red blood cells 

Mo 67 hours Metabolism 

ap 14.3 days Eyes, liver, tumors 

Gy 27.8 days Red blood cells 

2785 2.8 hours Bones 

27h e 6.0 hours Heart, bones, liver, lungs 
axe 5.3 days Lungs 


4Na 14.8 hours Circulatory system 
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20.5 | Thermodynamic Stability of the Nucleus 


Energy is a form of matter. 


The energy changes associated with 
normal chemical reactions are small 
enough that the corresponding mass 
changes are not detectable. 


We can determine the thermodynamic stability of a nucleus by calculating the 
change in potential energy that would occur if that nucleus were formed from its 
constituent protons and neutrons. As an example, let’s consider the hypothetical 
process of forming a '$O nucleus from eight neutrons and eight protons: 


8in + 81H —> 40 


The energy change associated with this process can be calculated by comparing 
the sum of the masses of eight protons and eight neutrons with the mass of the 
oxygen nucleus: 


Mass of (84n + SiH) = 8(1.67493 x 10~*4 g) + 8(1.67262 x 197%) 
ye ua 
Mass of jn Mass of jH 


= 2.67804 x 10-23 g 
Mass of '8O nucleus = 2.65535 X 10° g 
The difference in mass for one nucleus is 
Mass of '$O — mass of (84n + 8{H) = —2.269 X 10° g 
The difference in mass for the formation of 1 mole of '$O nuclei is therefore 
(—2.269 X 10~* g/nucleus)(6.022 10? nuclei/mol) = —0.1366 g/mol 


Thus 0.1366 gram of mass would be lost if 1 mole of oxygen-16 were formed 
from the constituent protons and neutrons. Why does the mass change, and 
how can this information be used to calculate the energy change that accompa- 
nies this process? 

The answers to these questions can be found in the work of Albert Ein- 
stein. As we discussed in Section 12.2, Einstein’s theory of relativity showed 
that energy should be considered a form of matter. His famous equation, 


E=mc 


where c is the speed of light, gives the relationship between a quantity of en- 
ergy and its mass. When a system gains or loses energy, it also gains or loses a 
quantity of mass, given by E/c?. Thus the mass of a nucleus is less than that of 
its component nucleons because the process is so exothermic. 

Einstein’s equation in the form 


Energy change = AE = Amc? 


where Am, the change in mass (the mass defect), can be used to calculate AE 
for the formation of a nucleus from its component nucleons. 

The thermodynamic stability of a particular nucleus is normally repre- 
sented as energy released per nucleon. To illustrate how this quantity is ob- 
tained, we will continue to consider '8O. First, we calculate AE for 1 mole of 
'8O nuclei from the equation 


AE = Ame? 
where c = 3.00 X 108 m/s 
and Am = —0.1366 g/mol = —1.366 X 10-4 kg/mol 


as calculated above. Thus 


AE = (—1.366 X 10~* kg/mol)(3.00 x 108 m/s)? = —1.23 x 1013 J/mol 
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Next, we calculate AE per nucleus by dividing the molar value by Avogadro’s 
number: 


=a x 10% Jmol | 
6.022 X 1073 nuclei/mol — 





AE per '8O nucleus = —2.04 x 107" J/nucleus 


In terms of a more convenient energy unit, the MeV (million electron-volts), 
where 


1 MeV = 1.60 x 10-8 J 


we have 


1 MeV 
AE per *$ —2.04 x sels (=e) 
per gO nucleus ( 2.04 x 10 nucleus /\1.60 X 1072] 


—1.28 X 10* MeV/nucleus 


Next, we can calculate the value of AE per nucleon by dividing by A, the 
sum of the numbers of neutrons and protons: 


—1.28 X 10* MeV/nucleus 
16 nucleons/nucleus 


—8.00 MeV/nucleon 


AE per nucleon for '$O 


lI 


This means that 8.00 MeV of energy per nucleon would be released if '$O were 
formed from free neutrons and protons. The energy required to decompose 
this nucleus into its components has the same numeric value but is positive. 
This is called the binding energy per nucleon for '{O. 

The values of the binding energy per nucleon for the various nuclides are 
shown in Fig. 20.9. Note that the most stable nuclei (those requiring the largest 
energy per nucleon to decompose the nucleus) occur at the top of the curve. 
The most stable nucleus known is 32Fe, which has a binding energy per nucleon 
of 8.79 MeV. 
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Figure 20.9 
The binding energy per nucleon as a function of mass number. The most stable nuclei are 
at the top of the curve. The most stable nucleus is 58Fe. 
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WL INTERACTIVE EXAMPLE 20.3 
Calculate the binding energy per nucleon for the 3He nucleus (atomic masses: 


4He = 4.0026 amu, ;H = 1.0078 amu). 


Solution First, we must calculate the mass defect (Am) for }He. Since atomic 
masses (which include the electrons) are given, we must decide how to account 
for the electron mass: 


4.0026 = mass of {He atom = mass of 3He nucleus + 2m, 
His 


Electron mass 
xv 


1.0078 = mass of 1H atom = mass of {H nucleus + m, 


Thus, since a He nucleus is “synthesized” from two protons and two neu- 
trons, we see that 


Am = (4.0026 — 2m.) — [2(1.0078 — m.) + 2(1.0087)] 





a a a ——S “Bae a 
Mass of Mass of };H Mass of 
He nucleus nucleus (proton) neutron 


= 4.0026 — 2m. — 2(1.0078) + 2m, — 2(1.0087) 
= 4.0026 — 2(1.0078) — 2(1.0087) 
= —0.0304 amu 


Note that in this case the electron mass cancels in taking the difference. This 
will always happen in this type of calculation if the atomic masses are used 
both for the nuclide of interest and for the {H. Thus 0.0304 amu of mass is Jost 
per 5He nucleus formed. 

The corresponding energy change can be calculated from 


AE = Amc? 


amu 


where Am = —0.0304 





nucleus 


(0.0304 ec (16 x 10727 =a) 
nucleus amu 


—5.05 X 10-* kg/nucleus 





3.00 X 10° m/s 


16 @ Ke my 
(-s.05 onal Sag am) reulds =) 
nucleus S 


= —4.55 x 10° J/nucleus 


i) 
3 
(aly 
coy 
II 


Thus AE 


This means that 4.55 X 107! J of energy is released per nucleus formed and 
that 4.55 X 10°! J would be required to decompose the nucleus into the con- 
stituent neutrons and protons. Thus the binding energy (BE) per nucleon is 


4.55 X 10°? J/nucleus 
4 nucleons/nucleus 


= 1.14 x 10° J/nucleon 


(1.14 x 19-24 )( Ly 
nucleon/\ 1.60 xX 10713 J 


= 7.13 MeV/nucleon 





BE per nucleon 


I| 





Figure 20.10 

Both fission and fusion produce 
more stable nuclides and are thus 
exothermic. 
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Figure 20.11 

Upon capturing a neutron, the 
nucleus undergoes fission to produce 
two lighter nuclides, free neutrons (typi- 
cally three), and a large amount of 
energy. 


aU 





Nuclear Fission and Nuclear Fusion 


The graph shown in Fig. 20.9 has very important implications for the use of 
nuclear processes as sources of energy. Recall that energy is released—that is, 
AE is negative—when a process goes from a less stable to a more stable state. 
The higher a nuclide is on the curve, the more stable it is. This means that two 
types of nuclear processes are exothermic (Fig. 20.10): 


1. Combining two light nuclei to form a heavier, more stable nucleus. This 
process is called fusion. 

2. Splitting a heavy nucleus into two nuclei with smaller mass numbers. This 
process is called fission. 


Because of the large binding energies involved in holding the nucleus together, 
both of these processes involve energy changes more than a million times larger 
than those associated with chemical reactions. 


Nuclear Fission 


Nuclear fission was discovered in the late 1930s when 733U nuclides bom- 
barded with neutrons were observed to split into lighter elements: 


jn + aU —s 17 Ba + ae + 3in 


This process shown schematically in Fig. 20.11, releases 3.5 X 107!" J of energy 
per event, which translates to 2.1 x 10!3 J per mole of *33U. Compare this figure 
with that for the combustion of methane, which releases only 8.0 X 10° J of 






<a> Qn + Energy 





(Unstable nucleus) 


Ba 
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energy per mole. The fission of 733U produces about 26 million times as much 
energy as the combustion of Pete 

The process previously shown is only one of the many fission processes 
that *33U can undergo. Another is 


sn oe le gg Z ne 2)n 


In fact, over 200 different isotopes of 35 different elements have been observed 
among the fission products of *33U 

In addition to the product nuclides, neutrons are produced in the fission reac- 
tions of *33U. This makes it possible to produce a self-sustaining fission process— 
a chain reaction (Fig. 20.12). For the fission process to be self-sustaining, at least 
one neutron from each fission event must go on to split another nucleus. If, on 
average, less than one neutron causes another fission event, the process dies out; 
the reaction is said to be subcritical. If exactly one neutron from each fission event 
causes another fission event, the process sustains itself at the same level and is said 
to be critical. If more than one neutron from each fission event causes another 
fission event, the process rapidly escalates, and the heat buildup causes a violent 
explosion. This situation is described as supercritical. 

The critical state requires a certain mass of fissionable material, called the 
critical mass. If the sample is too small, too many neutrons escape before they 
have a chance to cause a fission event; thus the process stops. This is illustrated 
in Fig. 20.13. 

During World War II an intense research effort (the Manhattan Project) 
was carried out by the United States to build a bomb based on the principles of 
nuclear fission. This program produced the fission bombs that were used with 
devastating effects on the cities of Hiroshima and Nagasaki in 1945. Basically, 
a fission bomb operates by suddenly combining two subcritical masses of fis- 
sionable material to form a supercritical mass, thereby producing an explosion 
of incredible intensity. 


Nuclear Reactors 


Because of the tremendous energies involved, it seemed desirable after World 
War II to develop the fission process as an energy source for producing electric- 
ity. Therefore, reactors were designed in which controlled fission can occur. 
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Figure 20.12 Figure 20.13 
Representation of a fission process in which each event pro- If the mass of fissionable material is too small, most of the 
duces two neutrons, which can go on to split other nuclei, neutrons escape before causing another fission event: thus 


leading to a self-sustaining chain reaction. 


the process dies out. 


Figure 20.14 
A schematic diagram of a nuclear 
power plant. 


35.) enrichment is described in 
Section 5.7. 
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Figure 20.15 

A schematic of a reactor core. The posi- 
tion of the control rods determines the 
level of energy production by regulating 
the amount of fission taking place. 
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The resulting energy is used to heat water to produce steam to run turbine 
generators, in much the same way that a coal-burning power plant generates 
energy. A schematic diagram of a nuclear power plant is shown in Fig. 20.14. 

In the reactor core, shown in Fig. 20.15, uranium that has been enriched 
to approximately 3% 733U (natural uranium contains only 0.7% *33U) is housed 
in cylinders. A moderator surrounds the cylinders to slow down the neutrons 
so that the uranium fuel can capture them more efficiently. Control rods, com- 
posed of substances that absorb neutrons, are used to regulate the power level 
of the reactor. The reactor is designed so that should a malfunction occur, the 
control rods are automatically inserted into the core to stop the reaction. A 
liquid (usually water) is circulated through the core to extract the heat gener- 
ated by the energy of fission; the energy is then passed on via a heat exchanger 
to water in the turbine system. 

Although the concentration of *33U in the fuel elements is not great enough 
to allow a supercritical mass to develop in the core, a failure of the cooling 
system can lead to temperatures high enough to melt the core. As a result, the 
building housing the core must be designed to contain the core even if a melt- 
down occurs. A great deal of controversy now exists about the efficiency of the 
safety systems in nuclear power plants. Accidents such as the one at the Three 
Mile Island facility in Pennsylvania in 1979 and the one in Chernobyl,* USSR, 
in 1986 have led many people to question the wisdom of continuing to build 
fission-based power plants. 


Breeder Reactors 


One potential problem facing the nuclear power industry is the supply of *33U. 
Some scientists have suggested that we have nearly depleted those uranium 
deposits rich enough in *33U to make production of fissionable fuel economi- 
cally feasible. Because of this possibility, breeder reactors have been developed, 
in which fissionable fuel is actually produced while the reactor runs. In a 





*Por a detailed account of this incident, see C. A. Atwood, “Chernobyl—What Happened?” J. 
Chem. Ed. 65 (1988): 1037. 
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A core of a nuclear reactor. 
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Figure 20.16 

A plot of energy versus the separation 
distance for two 7H nuclei. The nuclei 
must have sufficient velocities to get 
over the electrostatic repulsion “hill” 
and get close enough for the nuclear 
binding forces to become effective, 
thus “fusing” the particles into a new 
nucleus and releasing large quantities 
of energy. The binding force is at least 
100 times the electrostatic repulsion. 
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breeder reactor, the major component of natural uranium, nonfissionable red Gk 
is changed to fissionable *3;Pu. The reaction involves absorption of a neutron, 
followed by production of two B particles: 

in +20 — 20 
239 
92 


239 239 0 
93Np ——> “o4Pu + _1€ 


OSNews 


As the reactor runs and 733U is split, some of the excess neutrons are absorbed 
by 238U to produce 734Pu. The *34Pu is then separated out and used to fuel an- 
other reactor. Such a reactor thus “breeds” nuclear fuel as it operates. 

Although breeder reactors are now used in France, the United States is 
proceeding slowly with the reactors’ development because of their controver- 
sial nature. One problem involves the hazards in handling plutonium, which 
flames upon contact with air and is very toxic. 


Fusion 


Large quantities of energy are also produced by the fusion of two light nuclei. 
In fact, stars produce their energy through nuclear fusion. Our sun, which 
presently consists of 73% hydrogen, 26% helium, and 1% other elements, 
gives off vast quantities of energy from the fusion of protons to form helium: 


1H + !H —> 7H + Ye 
1H + 7H — > 3He 
3He + 3He ——> jHe + 21H 


3He + 1H — > 3He + %e 


Intense research is under way to develop a feasible fusion process because of 
the ready availability of many light nuclides (deuterium, {H, in seawater, for 
example) that can serve as fuel in fusion reactors. The major stumbling block is 
the high temperatures required to initiate fusion. The forces that bind nucleons 
together to form a nucleus are effective only at very small distances (~107!° cm). 
Thus, for two protons to bind together and thereby release energy, they must get 
very close together. But protons, because they are identically charged, repel each 
other electrostatically. This means that to get two protons (or two deuterons) 
close enough to bind together (the nuclear binding force is mot electrostatic), they 
must be “shot” at each other at speeds high enough to overcome the electrostatic 
repulsion. 

The electrostatic repulsion forces between two 7H nuclei are so great that 
a temperature of 4 X 10’ K is required to give them velocities large enough to 
cause them to collide with sufficient energy that the nuclear forces can bind the 
particles together and thus release the binding energy. This situation is repre- 
sented in Fig. 20.16. 

Currently, scientists are studying two types of systems to produce the ex- 
tremely high temperatures required: high-powered lasers and heating by elec- 
tric currents. At present, many technical problems remain to be solved, and it 
is not clear which method will prove more useful or when fusion might become 
a practical energy source. However, there is still hope that fusion will be a 
major energy source in the twenty-first century. 
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Effects of Radiation 


Everyone knows that being hit by a train is very serious. The problem is the 
energy transfer involved. In fact, any source of energy is potentially harmful to 
organisms. Energy transferred to cells can break chemical bonds and cause 


20.7 Effects of Radiation 





Nuclear Physics: An Introduction 


Chemical Insights 





Nuclear physics is concerned with the fundamental 
nature of matter. The central focuses of this area 
of study are the relationship between a quantity of 
energy and its mass, given by E = mc2, and the 
fact that matter can be converted from one form 
(energy) to another (particulate) in particle acceler- 
ators. Collisions between high-speed particles have 
produced a dazzling array of new particles— 
hundreds of them. These events can best be seen as 
conversions of kinetic energy into particles. For 
example, a collision of sufficient energy between a 
proton and a neutron can produce four particles: 
two protons, one antiproton, and a neutron: 


iH + on —> 23H +._tH +2n 


where _|H is the symbol for an antiproton, which 
has the same mass as a proton but the opposite 
charge. This process is a little like throwing one 
baseball at a very high speed into another and 
having the collision produce four baseballs. 

The results of such accelerator experiments have 
led scientists to postulate the existence of three types 
of forces important in the nucleus: the strong force, 
the weak force, and the electromagnetic force. 
Along with the gravitational force, these forces are 
thought to account for all types of interactions 
found in matter. These forces are believed to be gen- 
erated by the exchange of particles between the 
interacting pieces of matter. For example, gravita- 
tional force is thought to be carried by particles 
called gravitons. The electromagnetic force (the 
classical electrostatic force between charged parti- 
cles) is assumed to be exerted through the exchange 
of photons. The strong force, not charge-related and 
effective only at very short distances (~10~13 cm), is 
postulated to involve the exchange of particles 
called gluons. The weak force is 100 times weaker 
than the strong force and seems to be exerted by the 
exchange of two types of large particles, the W (has 
a mass 70 times the proton mass) and the Z (has a 
mass 90 times the proton mass). 

The particles discovered have been classified 
into several categories. Three of the most impor- 
tant classes are as follows: 


1. Hadrons are particles that respond to the strong 
force and have internal structure. 


2. Leptons are particles that do not respond to the 
strong force and have no internal structure. 


3. Quarks are particles with no internal structure 
that are thought to be the fundamental constitu- 








Courtesy, Fermilab Visual Media/Batavia, IL 


The accelerator tunnel at Fermilab, a high- 
energy particle accelerator in Batavia, Illinois. 


ents of hadrons. Neutrons and protons are 
hadrons that are thought to be composed of 
three quarks each. 


The world of particle physics appears mysteri- 
ous and complicated. For example, particle physi- 
cists have discovered new properties of matter they 
call “color,” “charm,” and “strangeness” and have 
postulated conservation laws involving these prop- 
erties. This area of science is extremely important 
because it should help us to understand the interac- 
tions of matter in a more elegant and unified way. 
For example, the classification of forces into four 
categories is probably necessary only because we do 
not understand the true nature of forces. All forces 
may be special cases of a single, all-pervading force 
field that governs all of nature. In fact, Einstein 
spent the last 30 years of his life looking for a way 
to unify gravitational and electromagnetic forces— 
without success. Physicists may now be on the verge 
of accomplishing what Einstein failed to do. 

Although the practical aspects of much of the 
work in nuclear physics are not yet totally appar- 
ent, a more fundamental understanding of the 
way nature operates could lead to presently 
undreamed-of devices for energy production, com- 
munication, and so on, which could revolutionize 
our lives. 
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malfunctioning of the cell systems. This fact is behind the concern about the 
ozone layer in the earth’s upper atmosphere, which screens out high-energy 
ultraviolet radiation from the sun. Radioactive elements, which are sources of 
high-energy particles, are also potentially hazardous, although the effects are 
usually quite subtle. The reason for the subtlety of radiation damage is that 
even though high-energy particles are involved, the quantity of energy actually 
deposited in tissues per event is quite small. However, the resulting damage is 
no less real, although the effects may not be apparent for years. 

The a particles, B particles, and y rays produced by radioactive nuclei have 
energies far greater than the bond energies and the ionization energies of bio- 
logical molecules. Therefore, nuclear radiation fragments and ionizes biomol- 
ecules, generating reactive species that can cause further damage. For example, 
y rays can knock an electron from a water molecule to form H,O* ions, which 
can react with another water molecule as follows: 


H,O* =I H,O a H3;07 Fe OH 


The OH fragment produced in this reaction is a free radical, a species with 
one or more unpaired electrons. Because it has an unpaired electron, the OH 
molecule readily attacks other molecules, forming more free radicals that in 
turn can react with additional molecules. Thus the formation of a single OH 
radical by a y ray can lead to extensive damage in a cell. 

Radiation damage to organisms can be classified as somatic or genetic 
damage. Somatic damage is damage to the organism itself, resulting in sickness 
or death. The effects may appear almost immediately if a massive dose of ra- 
diation is received; for smaller doses, damage may appear years later, usually 
in the form of cancer. Genetic damage is damage to the genetic machinery, 
which produces malfunctions in the offspring of the organism. 

The biological effects of a particular source of radiation depend on several 
factors: 


1. The energy of the radiation. The higher the energy content of the radia- 
tion, the more damage it can cause by formation of free radicals and ions. 
The official SI unit for radiation doses is the Gray (1 J of energy deposited 
per kg of tissue), although the rad (10~? J/kg tissue) is still commonly used. 


2. The penetrating ability of the radiation. The particles and rays produced in 
radioactive processes vary in their abilities to penetrate human tissue: 
y rays are highly penetrating; B particles can penetrate about 1 cm; and 
a particles are stopped by the skin. 


3. The chemical properties of the radiation source. When a radioactive nu- 
clide is ingested into the body, its effectiveness in causing damage depends 
on its residence time. For example, §2Kr and 3gSr are both B-particle pro- 
ducers. However, since krypton is chemically inert, it passes through the 
body quickly and does not have much time to do damage. Strontium, be- 
ing chemically similar to calcium, can collect in bones, where it may cause 
leukemia and bone cancer. 


Because of the differences in the behavior of the particles and rays pro- 
duced by radioactive decay, both the energy dose of the radiation and its ef- 
fectiveness in causing biological damage must be taken into account. The rem 
(which is short for roentgen equivalent for man) is defined as follows: 


Number of rems = (number of rads) X RBE 


where RBE represents the relative effectiveness of the radiation in causing bio- 
logical damage. 

Table 20.6 shows the physical effects of short-term exposure to various 
doses of radiation, and Table 20.7 gives the sources and amounts of radiation 


Table 20.7 


Typical Radiation Exposures for a 
Person Living in the United States 


(1 millirem = 107° rem) 
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Table 20.6 


Effects of Short-Term Exposures to Radiation 














Dose (rem) Clinical Effect 
0-25 Nondetectable 
25-50 Temporary decrease in white blood cell counts 
100-200 Strong decrease in white blood cell counts 
500 Death of half the exposed population within 30 days after exposure 








exposure for a typical person in the United States. Note that natural sources 
contribute four to five times as much as human activities to the total expo- 
sure. However, although the nuclear industry contributes only a small per- 
centage of the total exposure, the major controversy associated with nuclear 
power plants is the potential for radiation hazards. These arise mainly from 
two sources: accidents allowing the release of radioactive materials and im- 
proper disposal of the radioactive products in spent fuel elements. The radio- 
active products of the fission of *33U, although constituting only a small per- 
centage of the total products, have half-lives of several hundred years and 
remain dangerous for a long time. Various schemes have been advanced for 
the disposal of these wastes. The one that seems to hold the most promise is 
the incorporation of the wastes into ceramic blocks and the burial of these 
blocks in geologically stable formations. At present, however, no disposal 
method has been accepted, and nuclear wastes continue to accumulate in tem- 
porary storage facilities. 

Note from Table 20.7 that exposure to radon is by far the most significant 
source of natural radiation. *32Rn, a decay product of 738U (Table 20.3), is 
continuously generated in the earth’s crust. This gaseous radon emerges from 
the ground and is trapped in the basements of houses and other buildings, 
where it is circulated by heating and cooling systems. Because radon is an 
a-particle producer, 


Ru -——> “s4Po+ sHe 


with a short half-life of 3.82 days, it causes biological damage when inhaled. 
In addition, the 7{Po formed, a solid that can be trapped in lung tissue, is an 
even more potent a-particle producer (t1. = 3.11 min). Because a particles 
have a high RBE (because of their ability to produce a very high concentration 
of ions in affected tissue), radon is particularly dangerous and there is great 
concern that this exposure can lead to a significant incidence of lung cancer. 
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Exposure 

Source (millirems/year) 
Radon 200 
Cosmic radiation 27 
From the earth 28 
From building 3 
materials 
In human tissues 39 
Inhalation of air 5 
Total from natural 302 
sources 
X-ray diagnosis 50 
Radiotherapy 10 
Internal diagnosis/ 1 
therapy 
Nuclear power 0.2 
industry 
TV tubes, indus- 2 
trial wastes, etc. 
Radioactive fallout 4 
Total from human 67 
activities 
Total 369 

Key Terms 

Section 20.7 


beta (8) particle 
zone of stability 
magic numbers 
alpha (a) particle 


alpha-particle production 


spontaneous fission 


beta-particle production 


gamma (y) ray 
positron production 
antiparticle 





OWL and Ed chemistry 


Sign in at www.cengage.com/owl to: 

e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 
(or purchase them at www.cengagebrain.com) 


Radioactivity 
= Certain nuclei decay spontaneously into more stable nuclei 
= Types of radioactive decay: 

= a-particle ({He) production 

a £-particle (Se) production 


1012 Chapter 20 The Nucleus: A Chemist’s View 





electron capture 
decay series 


Section 20.2 
rate of decay 
nuclides 


half-life 


Section 20.3 

nuclear transformation 
particle accelerator 
cyclotron 

linear accelerator 
transuranium elements 


Section 20.4 

Geiger—Miller counter (Geiger 
counter) 

scintillation counter 

radiocarbon dating (carbon-14 
dating) 

radiotracers 

radiation therapy 


Section 20.5 
mass defect 
binding energy 
Section 20.6 
fusion 
fission 
chain reaction 

~ subcritical reaction 
critical reaction 
supercritical reaction 
critical mass 
reactor core 
moderator 
control rods 
breeder reactor 


Section 20.7 
somatic damage 
genetic damage 





= Positron (fe) production 
= y rays are usually produced in a radioactive decay event 

= A decay series involves several radioactive decays to finally reach a 
stable nuclide 

ws Radioactive decay follows first-order kinetics 
= Half-life of a radioactive sample: the time required for half of the 

nuclides to decay 

= The transuranium elements (those beyond uranium in the periodic 
table) can be synthesized by particle bombardment of uranium or 
heavier elements 

= Radiocarbon dating employs the '{C/'ZC ratio in an object to establish 
its date of origin 


Thermodynamic stability of a nucleus 

= Compares the mass of a nucleus to the sum of the masses of its compo- 
nent nucleons 

u When a system gains or loses energy, it also gains or loses mass as de- 
scribed by the relationship E = mc? 

a The difference between the sum of the masses of the component nucle- 
ons and the actual mass of a nucleus (called the mass defect) can be 
used to calculate the nuclear binding energy 


Nuclear energy production 
a Fusion: the process of combining two light nuclei to form a heavier, 
more stable nucleus 
# Fission: the process of splitting a heavy nucleus into two lighter, more 
stable nuclei 
a Current nuclear power reactors employ controlled fission to produce 
energy 


Radiation damage 

a Radiation can cause direct (somatic) damage to a living organism or 
genetic damage to the organism’s offspring 

a The biologic effects of radiation depend on the energy, the penetrating 
ability, the ionizing ability of the radiation, and the chemical properties 
of the nuclide producing the radiation 





rad 

rem 
Exercises 
OWL Interactive versions of these problems may be assigned in OWL. g. electron capture 
A blue exercise number indicates that the answer to that exer- h. y-ray emissions 


cise appears at the back of this book and a solution appears in 


the Solutions Guide. 


Radioactive Decay and Nuclear Transformations 


has the net effect of turning a proton into a neutron? 


|. Define or illustrate the following terms. each of the following nuclear processes. 


. thermodynamic stability 
. kinetic stability 

. radioactive decay 

. B-particle production 

. a-particle production 
positron production 


moon te 





2. Which type of radioactive decay has the net effect of 
changing a neutron into a proton? Which type of decay 


5. Supply the missing particle, and state the type of decay for 


nA 
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. Write an equation describing the radioactive decay of 


each of the following nuclides. (The particle produced is 
shown in parentheses, except for electron capture, where 
an electron is a reactant.) 

a. {H (B) 

b. SLi (6 followed by a) 

c. 4Be (electron capture) 

d. $B (positron) 


. Write balanced equations for each of the following 


processes. 

a. Chromium-51, which targets the spleen and is used as 
a tracer in studies of red blood cells, decays by elec- 
tron capture. 

b. Iodine-131, used to treat hyperactive thyroid glands, 
decays by producing a B particle. 

c. Phosphorus-32, which accumulates in the liver, 
decays by B-particle production. 


. In each of the following radioactive decay processes, sup- 


ply the missing particle. 
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. Write an equation describing the radioactive decay of 


each of the following nuclides. (The particle produced is 
shown in parentheses, except for electron capture, where 
an electron is a reactant.) 

a. °’Ga (electron capture) 

b. °Cu (positron) 

c. *Fr (a) 


J 22255 ip) 


. One type of commercial smoke detector contains a minute 


amount of radioactive americium-241 (*4'Am), which de- 

cays by a-particle production. The a particles ionize mol- 

ecules in the air, allowing it to conduct an electric current. 

When smoke particles enter, the conductivity of the air 

changes, and the alarm buzzes. 

a. Write the equation for the decay of *;Am by 
a-particle production. 

b. The complete decay of **'Am involves successively a, 
a, B, a, a, B, a, a, a, B, a, and B production. What is 
the final stable nucleus produced in this decay series? 

c. Identify the 11 intermediate nuclides. 


_ The radioactive isotope **”Bk decays by a series of a-particle 


and B-particle productions, taking **’Bk through many 
transformations to end up as 7°’Pb. In the complete decay 
series, how many a particles and B particles are produced? 


There are four stable isotopes of iron with mass numbers 
54, 56, 57, and 58. There are also two radioactive iso- 
topes: iron-53 and iron-59. Predict modes of decay for 


_these two isotopes, and write a nuclear reaction for each. 


(See Table 20.2.) 
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. The only stable isotope of fluorine is fluorine-19. Predict 


possible modes of decay for fluorine-21, fluorine-18, and 
fluorine-17. 


2. Predict whether each of the following nuclides is stable or 


unstable (radioactive). If the nuclide is unstable, predict 
the type of radioactivity you would expect it to exhibit. 
an ak c. 79Na 

b. 3°Fe robes erat 


. In 1994 it was proposed (and eventually accepted) that 


element 106 be named seaborgium (Sg) in honor of Glenn 

T. Seaborg, discoverer of the transuranium elements. 

a. *°Sg was produced by the bombardment of *4Cf 
with a beam of '8O nuclei. Complete and balance an 
equation for this reaction. 

b. *°Sg decays by a-particle emission. What is the other 
product resulting from the a decay of *°°Sg? 


Many elements have been synthesized by bombarding 
relatively heavy atoms with high-energy particles in par- 
ticle accelerators. Complete the following nuclear reac- 
tions, which have been used to synthesize elements. 

+ 3He — > 733Bk + jn 

prec Wlinets2C === + 6)n 

AG aa = 4D ber 4a 

dees ChB a ae 
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Kinetics of Radioactive Decay 


LS. 


16. 


18. 


Americium-241 is widely used in smoke detectors. The 
radiation released by this element ionizes particles that are 
then detected by a charged-particle collector. The half-life 
of **'Am is 433 years, and it decays by emitting alpha 
particles. How many alpha particles are emitted each sec- 
ond by a S.00-g sample of 7*!Am? 


Krypton consists of several radioactive isotopes, some of 
which are listed in the following table. 


Isotope Half-life 
Kr-73 WIS 

Kr-74 11.5 min 
Kr-76 14.8h 
Kr-81 Zot X 10° ye 


Which of these isotopes is most stable, and which isotope 
is “hottest”? How long does it take for 87.5% of each 
isotope to decay? 


7. Radioactive copper-64 decays with a half-life of 12.8 days. 


a. What is the value of k in s~!? 

b. A sample contains 28.0 mg °*Cu. How many decay 
events will be produced in the first second? Assume 
that the atomic mass of “Cu is 64.0. 

A chemist obtains a fresh sample of “*Cu and mea- 
sures its radioactivity. She then determines that to do 
an experiment, the radioactivity cannot fall below 
25% of the initial measured value. How long does she 
have to perform the experiment? 


oO 


The curie (Ci) is a commonly used unit for measuring 
nuclear radioactivity: 1 curie of radiation is equal to 3.7 X 
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10!° decay events per second (the number of decay events 

from 1 g of radium in 1 s). 

a. What mass of Nay**SO, has an activity of 10.0 mCi? 
Sulfur-38 has an atomic mass of 38.0 and a half-life 
of 2.87-h, 

b. How long does it take for 99.99% of a sample of 
sulfur-38 to decay? 


. The first atomic explosion was detonated in the desert 


north of Alamogordo, New Mexico, on July 16, 1945. 
What percentage of the strontium-90 (t). = 28.9 yr) orig- 
inally produced by that explosion still remains as of July 
NGse2 Ole 


Iodine-131 is used in the diagnosis and treatment of thy- 
roid disease and has a half-life of 8.0 days. If a patient 
with thyroid disease consumes a sample of Na’*'I contain- 
ing 10. wg of "1, how long will it take for the amount of 
'S1T to decrease to 1/100 of the original amount? 


Phosphorus-32 is a commonly used radioactive nuclide in 
biochemical research, particularly in studies of nucleic ac- 
ids. The half-life of phosphorus-32 is 14.3 days. What 
mass of phosphorus-32 is left from an original sample of 
175 mg of Na3;PO, after 35.0 days? Assume that the 
atomic mass of **P is 32.0. 


A chemist wishing to do an experiment requiring *7Ca** 
(half-life = 4.5 days) needs 5.0 wg of the nuclide. What 
mass of 47CaCO; must be ordered if it takes 48 h for de- 
livery from the supplier? Assume that the atomic mass of 
47Ca is 47.0. 


Explain the theory behind carbon-14 dating. What as- 
sumptions must be made and what problems arise when 
using carbon-14 dating? 


The decay of uranium-238 to lead-206 is also used to es- 
timate the age of objects. Specifically, *°°Pb-to-*°°U ratios 
allow dating of rocks. Why is the 7°°U decay to *°°Pb use- 
ful for dating rocks but useless for dating objects 10,000 
years old or younger? Similarly, why is carbon-14 dating 
useful for dating objects 10,000 years old or younger but 
useless for dating rocks? 


At a flea market you’ve found a very interesting painting 
done in the style of Rembrandt’s “Dark Period” (1642- 
1672). You suspect that you really do not have a genuine 
Rembrandt, so you take it to the local university for testing. 
Living wood shows a carbon-14 activity of 15.3 counts per 
minute per gram. Your painting showed a carbon-14 activ- 
ity of 15.1 counts per minute per gram. Could it be a genu- 
ine Rembrandt? (For '4C, ty. = 5730 years.) 


A living plant contains about the same fraction of 
carbon-14 as atmospheric carbon dioxide. The observed 
rate of decay of carbon-14 from a living plant is 15.3 counts 
per minute per gram of carbon. How many counts per min- 
ute per gram of carbon will be measured from a 15,000-year- 
old sample? Will radiocarbon dating work well for small 
samples of 10 mg or less? (For 4C, ty. = 5730 years.) 


During World War II, tritium (7H) was a component of 
fluorescent watch dials and hands. Assume you have such 
a watch that was made in January 1944. If 17% or more 
of the original tritium was needed to read the dial in dark 


28. 
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30. 


places, until what year could you read the time at night? 
(For °H, tip = 12.3 years.) 

A proposed system for storing nuclear wastes involves 
storing the radioactive material in caves or deep mine 
shafts. One of the most toxic nuclides that must be dis- 
posed of is plutonium-239, which is produced in breeder 
reactors and has a half-life of 24,100 years. A suitable stor- 
age place must be geologically stable long enough for the 
activity of plutonium-239 to decrease to 0.1% of its origi- 
nal value. How long is this period for plutonium-239? 


A rock contains 0.688 mg of 7°Pb for every 1.000 mg of 
38 present. Assuming that no lead was originally present, 
that all the *°°Pb formed over the years has remained in the 
rock, and that the number of nuclides in intermediate 
stages of decay between 7*°U and ***Pb is negligible, calcu- 
late the age of the rock. (For 7°*U, ty. = 4.5 X 10? years.) 


The mass ratios of *’Ar to *°K can also be used to date geo- 
logical materials. Potassium-40 decays by two processes: 


HK Se 5 Ar (107%) 
typ = 1.27 X 10? yr 
CK ——> ACd ct fe (89.576) 


a. Why are *°Ar/*°K ratios rather than *°Ca/*°K ratios 
used to date materials? 

b. What assumptions must be made in using this 
technique? 

c. A sedimentary rock has a *?Ar/*°K ratio of 0.95. Cal- 
culate the age of the rock. 

d. How will the measured age of a rock compare with 
the actual age if some *?Ar has escaped from the 
sample? 


Energy Changes in Nuclear Reactions 
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The sun radiates 3.9 X 1073 J of energy into space every 
second. What is the rate at which mass is lost from the sun? 


The earth receives 1.8 X 10!* kJ/s of solar energy. What 
mass of solar material is converted to energy over a 24-h 
period to provide the daily amount of solar energy to the 
earth? What mass of coal would have to be burned to 
provide the same amount of energy? Coal releases 32 kJ 
of energy per gram when burned. 


The most stable nucleus in terms of binding energy per 
nucleon is °°Fe. If the atomic mass of *°Fe is 55.9349 amu, 
calculate the binding energy per nucleon for **Fe. 


Calculate the binding energy per nucleon for 7H and 7H. 
The atomic masses are 7H, 2.01410 amu, and 3H, 3.01605 


amu. 


Calculate the binding energy in J/nucleon for carbon-12 
(atomic mass 12.00000) and uranium-235 (atomic mass 
235.0439). The atomic mass of {H is 1.00782 amu, and 
the mass of a neutron is 1.00866 amu. The most stable 
nucleus known is *°Fe (see Exercise 33). Would the bind- 
ing energy per nucleon for *°Fe be larger or smaller than 
that for °C or 7°°U? Explain. 


The mass defect for a lithium-6 nucleus is —0.03434 g/mol. 
Calculate the atomic mass of lithium-6. 


Oh 
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40. 


The binding energy per nucleon for magnesium-27 is 
1.326 X 10°! J/énucleon. Calculate the atomic mass of 
magnesium-27. 


A positron and an electron annihilate each other upon 
colliding, thereby producing energy: 


18h ad® 2 OY 
Assuming that both y rays have the same energy, calculate 


the wavelength of the electromagnetic radiation produced. 


The easiest fusion reaction to initiate is 
7H + 7H —-= $He + dn 


Calculate the energy released per nucleus of $He produced 
and per mole of 3He produced. The atomic masses are as 
follows: TH, 2.01410 amu; }H, 3.01605 amu; and 4He, 
4.00260 amu. The masses of the electron and neutron are 
5.4858 X 10~* amu and 1.00866 amu, respectively. 
Calculate the amount of energy released per gram of hy- 
drogen nuclei reacted for the following reaction. The 
atomic masses are {H, 1.00782 amu, and 7H, 2.01410 
amu. (Hint: Think carefully about how to account for the 
electron mass.) 
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Detection, Uses, and Health Effects of Radiation 


41. 


42. 
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The typical response of a Geiger-Miiller tube is shown be- 
low. Explain the shape of this curve. 


Counts/s 





Disintegrations/s from sample 


When using a Geiger-Miiller counter to measure radioac- 
tivity, one must maintain the same geometrical orienta- 
tion between the sample and the Geiger-Miiller tube to 
compare different measurements. Why? 

Define fission and fusion. Fusion processes are more likely 
to occur for lighter elements, whereas fission processes are 
more likely to occur for heavier elements. Explain. 


. Why are elevated temperatures necessary to initiate fusion 


reactions but not fission reactions? 


. What are the purposes of the moderator and control rods 


in a fission reactor? 


. Much of the research on controlled fusion focuses on the 


problem of how to contain the reacting material. Mag- 
netic fields appear to be the most promising mode of con- 
tainment. Why is containment such a problem? Why must 
one resort to magnetic fields for containment? 


During the research that led to production of the two 
atomic bombs used against Japan in World War II, differ- 
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ent mechanisms for obtaining a supercritical mass of fis- 
sionable material were investigated. In one type of bomb, 
a “gun” shot one piece of fissionable material into a cav- 
ity containing another piece of fissionable material. In the 
second type of bomb, the fissionable material was sur- 
rounded with a high explosive that, when detonated, 
compressed the fissionable material into a smaller volume. 
Discuss what is meant by critical mass, and explain why 
the ability to achieve a critical mass is essential to sustain- 
ing a nuclear reaction. 


There is a trend in the United States toward using coal- 
fired power plants to generate electricity rather than 
building new nuclear fission power plants. Is the use of 
coal-fired power plants without risk? Make a list of the 
risks to society from the use of each type of power plant. 


How could a radioactive nuclide be used to demonstrate 
that chemical equilibrium is a dynamic process? 


Consider the following reaction to produce methyl acetate: 
i 
CH3;0H + CH;COH ——~> CH3;COCH; + H,O 


Methyl 
acetate 





When this reaction is carried out with CH3;OH containing 
radioactive oxygen-18, the water produced is not radioac- 
tive. Explain. 


Photosynthesis in plants can be represented by the follow- 
ing overall reaction: 


6COs() 460 OLE COne 


Algae grown in water containing some radioactive '8O (in 
H,'8O) evolve oxygen gas with the same isotopic compo- 
sition as the oxygen in the water. When algae growing in 
water containing only '6O were furnished with carbon di- 
oxide containing 'SO, no '%O was found to be evolved 
from the oxygen gas produced. What conclusions about 
photosynthesis can be drawn from these experiments? 


Radiotracers are used in the medical sciences to learn 
about metabolic pathways. What are radiotracers? Ex- 
plain why '*C and *P radioactive nuclides would be very 
helpful in learning about metabolic pathways. 


The biological effects of a particular source of radiation 
depend on several factors. List some of these factors. Even 
though *°Kr and 7°Sr are both B-particle emitters, the dan- 
gers associated with the decay of *°Sr are much greater 
than those linked to **Kr. Why? 


Although y rays are far more penetrating than a particles, 
the latter are more likely to cause damage to an organism. 
Why? Which type of radiation is more effective at pro- 
moting the ionization of biomolecules? 


Consider the following information: 
i. The layer of dead skin on our bodies is sufficient to 
protect us from most a-particle radiation. 
ii. Plutonium is an a-particle producer. 
iii. The chemistry of Pu‘* is similar to that of Fe°*. 
iv. Pu oxidizes readily to Pu‘*. 


Why is plutonium one of the most toxic substances known? 
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56. Consider the following graph of binding energy per nu- 


perdi energy per nucleon (MeV) 


a 
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cleon as a function of mass number. 


20 40 60 80 100 120 140 160 180 200 220 240 260 
Mass number (A) 


a. What does this graph tell us about the relative half- 
lives of the nuclides? Explain your answer. 

b. Which nuclide shown is the most thermodynamically 
stable? Which is the least thermodynamically stable? 

c. What does this graph tell us about which nuclides 
undergo fusion and which undergo fission to become 
more stable? Support your answer. 


The mass percent of carbon in a typical human is 18%, 
and the mass percent of '*C in natural carbon is 1.6 X 
10-19%. Assuming a 180-lb person, how many decay 
events per second occur in this person due exclusively to 
the B-particle decay of '*C? (For '4C, ty. = 5730 years.) 


Using the kinetic molecular theory (Section 5.6), calculate 
the root mean square velocity and the average kinetic en- 
ergy of 7H nuclei at a temperature of 4 X 107 K. (See Ex- 
ercise 39 for the appropriate mass values.) 


A small atomic bomb releases energy equivalent to the 
detonation of 20,000 tons of TNT; a ton of TNT releases 
4 X 10° J of energy when exploded. Using 2 X 10! J/mol 
as the energy released by fission of 7°°U, about what mass 
of *?°U undergoes fission in this atomic bomb? 


When nuclei undergo nuclear transformations, y rays of 
characteristic frequencies are observed. How does this 
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fact, along with other information in the chapter on nu- 
clear stability, suggest that a model similar to the quan- 
tum mechanics used for atoms may apply to the nucleus? 


A chemist studied the reaction mechanism for the reaction 
2NO(g) + Ox(g) —> 2NOx(e) 
by reacting N'°O with '*O). If the reaction mechanism is 
NO + O, == NO; (fast equilibrium) 
NO; + NO —> 2N0O, (slow) 


what distribution of '8O would you expect in the NO»? 
Assume that N is the central atom in NO3, assume only 
N'6O0, forms, and assume stoichiometric amounts of 
reactants are combined. 


Define “third-life” in a similar way to “half-life,” and de- 
termine the “third-life” for a nuclide that has a half-life of 
31.4 years. 


A 0.10-cm? sample of a solution containing a radioactive 
nuclide (5.0 X 10? counts per minute per milliliter) is in- 
jected into a rat. Several minutes later, 1.0 cm? of blood is 
removed. The blood shows 48 counts of radioactivity per 
minute. What is the volume of blood in the rat? What as- 
sumptions must be made in performing this calculation? 


In addition to the process described in the text, a second 


process called the carbon-nitrogen cycle occurs in the sun: 
fH 2G Ss SN eee 

No Cree 

tH eC Nee 

1H + 4N —> 8 + Sy 

BO —> IN + fe 


1H + SN —> 2C + tHe + %y 


Overall reaction: 4 |H ——> 3He + 2 .°e 


a. What is the catalyst in the above scheme? 

b. What nucleons are intermediates? 

c. How much energy is released per mole of hydrogen 
nuclei reacted in the overall reaction? (See Exercises 
39 and 40 for the appropriate mass values.) 
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Naturally occurring uranium is composed mostly of *°°U 
and **5U, with relative abundances of 99.28% and 0.72%, 
respectively. The half-life for *°°U is 4.5 < 10° years, and 
the half-life for *°U is 7.1 X 108 years. Assuming that the 
earth was formed 4.5 billion years ago, calculate the rela- 
tive abundances of the **U and **°U isotopes when the 
earth was formed. 


The curie (Ci) is a commonly used unit for measuring 
nuclear radioactivity: 1 curie of radiation is equal to 3.7 X 
10!° decay events per second (the number of decay events 


from 1 g radium in 1 s). A 1.7-mL sample of water con- 
taining tritium was injected into a 150-lb person. The to- 
tal activity of radiation injected was 86.5 mCi. After some 
time to allow the tritium activity to equally distribute 
throughout the body, a sample of blood plasma contain- 
ing 2.0 mL water at an activity of 3.6 wCi was removed. 


From these data, calculate the mass percent of water in 
this 150-lb person. 


’. Estimate the temperature needed to achieve the fusion of 


deuterium to make an a particle. The energy required can 
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be estimated from Coulomb’s law [use the form E = 9.0 x 
10° (Q;Q)/r), using O = 1.6 X 10-!’ C fora proton and 
r = 2 X 10°' m for the helium nucleus; the unit for the 
proportionality constant in Coloumb’s law is J - m/C?]. 


Radioactive cobalt-60 is used to study defects in vitamin 
B,2 absorption because cobalt is the metallic atom at the 
center of the vitamin B;) molecule. The nuclear synthesis 
of this cobalt isotope involves a three-step process. The 
overall reaction is iron-58 reacting with two neutrons to 
produce cobalt-60 along with the emission of another 
particle. What particle is emitted in this nuclear synthesis? 
What is the binding energy in J per nucleon for the 
cobalt-60 nucleus (atomic masses °°Co = 59.9338 amu, 
'H = 1.00782 amu)? What is the de Broglie wavelength of 
the emitted particle if it has a velocity equal to 0.90c, 
where c is the speed of light? 

To determine the K,, value of HgyIb, a chemist obtained a 
solid sample of Hg»I, in which some of the iodine is pres- 
ent as radioactive ''I. The count rate of the Hg:I, sample 
is 5.0 X 10!' counts per minute per mole of I. An excess 
amount of Hg)I,(s) is placed in some water, and the solid 
is allowed to come to equilibrium with its respective ions. 
A 150.0-mL sample of the saturated solution is withdrawn 
and the radioactivity measured at 33 counts per minute. 
From this information, calculate the K,, value for Hgb. 


HgpI>(s) === Hg2**(aq) + 21 (aq) K,, = [Hg2**][I-? 


The most significant source of natural radiation is 
radon-222. ?’Rn, a decay product of 238), is continu- 
ously generated in the earth’s crust allowing gaseous Rn 
to seep into the basements of buildings. Because *?’Rn is 
an a-particle producer with a relatively short half-life of 
3.82 days, it can cause biological damage when inhaled. 
a. How many a particles and B particles are produced 
when **°U decays to ?’Rn? What nuclei is produced 
when ?”’Rn decays? 

b. Radon is a noble gas so one would expect it to pass 
through the body quickly. Why is there a concern 
over inhaling *??Rn? 

c. Another problem associated with *?’Rn is that the 
decay of *”’Rn produces a more potent a-particle pro- 
ducer (t)/2 = 3.11 min) that is a solid. What is the 
identity of the solid? Give the balanced equation of 
this species decaying by a-particle production. Why is 
the solid a more potent a-particle producer? 

d. The U.S. Environmental Protection Agency (EPA) rec- 
ommends that 7?’Rn levels not exceed 4 pCi per liter 
of air (1 Ci = 1 curie = 3.7 X 10'° decay events per 
second; 1 pCi = 1 X 10°? Ci). Convert 4.0 pCi per 
liter of air into concentration units of ***Rn atoms 
per liter of air and mole of *”*Rn per liter of air. 


For uranium to be useful as a nuclear fuel, the relative 
amount of 2U to *°8U must be increased from about 


We 
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0.7% **°U in naturally occurring uranium to about 3%. 

The process of gas diffusion enrichment utilizes the veloc- 

ity differences between **°UF, and **°UF, to accomplish 

the desired enrichment. Since the mass differences be- 
tween SUF, and ?*°UF, are relatively small, several steps 
are required in the diffusion process to enrich a natural 
uranium sample to the desired 3% 7°°U. (For a complete 

discussion of this process, see Section 5.7.) 

a. Which molecule, 7*°UF, or 7°°UF,, has the greater 
average velocity at a certain temperature? Explain. 

b. In theory, how many steps are required to enrich a 
uranium sample from 0.700% 7°°U to 3.00% 7>U 
using the UF, multistage diffusion process? The molar 
masses of 7°°UF, and 7°8UF, are 349.03 g/mol and 
352.05 g/mol, respectively. 

c. A certain sample of uranium is reacted with fluorine 
to form a mixture of 7*°UF,(g) and *°8UF,(g). After 
100 diffusion steps, the gas contains 1526 7°°UF, mol- 
ecules per 1.000 X 10° total number of molecules in 
the gas (SUF, + ?°8UF,). What is the ratio of 7°°U to 
*38U) atoms in the original sample of uranium? 


Zirconium is one of the few metals that retains its struc- 
tural integrity upon exposure to radiation. The fuel rods 
in most nuclear reactors therefore are often made of zirco- 
nium. Answer the following questions about the re- 
dox properties of zirconium based on the half-reaction 


ZrO): H,O + H,0 + 4e— —> Zr + 40H- 
S° = -2.36V 


a. Is zirconium metal capable of reducing water to form 
hydrogen gas at standard conditions? 

b. Write a balanced equation for the reduction of water 
by zirconium. 

c. Calculate €°, AG°, and K for the reduction of water 
by zirconium metal. 

d. The reduction of water by zirconium occurred during 
the accident at Three Mile Island in 1979. The hydro- 
gen produced was successfully vented and no chemi- 
cal explosion occurred. If 1.00 X 10° kg of Zr reacts, 
what mass of H) is produced? What volume of H) at 
1.0 atm and 1000.°C is produced? 

e. At Chernobyl in 1986, hydrogen was produced by the 
reaction of superheated steam with the graphite 
reactor core: 


C(s) + H,0(g) —> CO(g) + Ha(g) 


It was not possible to prevent a chemical explosion at 
Chernobyl. In light of this, do you think it was a 
correct decision to vent the hydrogen and other radio- 
active gases into the atmosphere at Three Mile Island? 
Explain. 
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OWL 


Sign in to OWL at www.cengage.com/owl 
to view tutorials and simulations, develop 
problem-solving skills, and complete online 
homework assigned by your professor. 


Fe) chemistry 


Download mini lecture videos for 
key concept review and exam prep 
from OWL or purchase them 

from www.cengagebrain.com. 


wo Group 4A elements, carbon and silicon, form the basis of most 

natural substances. Silicon, with its great affinity for oxygen, forms 

chains and rings containing Si—O—Si bridges to produce the silica 

and silicates that form the basis for most rocks, sands, and soils. 
What silicon is to the geological world, carbon is to the biological world. Car- 
bon has the unusual ability of bonding strongly to itself to form long chains or 
rings of carbon atoms. In addition, carbon forms strong bonds to other non- 
metals such as hydrogen, nitrogen, oxygen, sulfur, and the halogens. Because 
of these bonding properties, there are a myriad of carbon compounds; several 
million are now known, and the number continues to grow rapidly. Among 
these many compounds are the biomolecules, those responsible for maintain- 
ing and reproducing life. 

The study of carbon-containing compounds and their properties is called 
organic chemistry. Although a few compounds involving carbon, such as its 
oxides and carbonates, are considered to be inorganic substances, the vast ma- 
jority are organic compounds that typically contain chains or rings of carbon 
atoms. 

Originally, the distinction between inorganic and organic substances was 
based on whether a compound was produced by living systems. For example, 
until the early nineteenth century, it was believed that organic compounds had 
some sort of “life force” and could be synthesized only by living organisms. 
This view was dispelled in 1828 when German chemist Friedrich Wohler 
(1800-1882) prepared urea from the inorganic salt ammonium cyanate by 
simple heating: 


NH OCh = H.N—C—NH, 
O 
Ammonium cyanate Urea 


Urea is a component of urine, so it is clearly an organic material, yet here was 
clear evidence that it could be produced in the laboratory as well as by living 
things. 

Organic chemistry plays a vital role in our quest to understand living sys- 
tems. Beyond that, the synthetic fibers, plastics, artificial sweeteners, and drugs 
that are such an accepted part of modern life are products of industrial organic 
chemistry. In addition, the energy on which we rely so heavily to power our 
civilization is based mostly on the organic materials found in coal and 
petroleum. 

Because organic chemistry is such a vast subject, we can provide only a 
brief introduction to it in this book. We will begin with the simplest class of 
organic compounds, the hydrocarbons, and then show how most other organic 
compounds can be considered to be derivatives of hydrocarbons. 
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Alkanes: Saturated Hydrocarbons 


As the name indicates, hydrocarbons are compounds composed of carbon and 
hydrogen. Those compounds whose carbon-carbon bonds are all single bonds 
are said to be saturated because each carbon is bound to four atoms, the maxi- 
mum number. Hydrocarbons containing carbon-carbon multiple bonds are 
described as being unsaturated, since the carbon atoms involved in a multiple 





21.1 Alkanes: Saturated Hydrocarbons 





Chemistry in the Garden | Chemical Insights 





As we learn more about the biological world, we 
are finding that humble plants are often master 
chemists. For example, certain plants in the 
Amazon rain forests use chemistry in a very clever 
way to protect themselves. When attacked by her- 
bivores such as spider mites or caterpillars, these 
plants produce and release compounds into the air 
that attract certain mites that are natural enemies 
of the attacking herbivores. These “bodyguard” 
mites assist the plant in fending off the attackers. 
Although some plants can defend themselves 
using chemistry to attract “bodyguards,” most 
cannot do this. As a result, scientists are trying to 
modify important food plants such as tomato plants 
so that they will emit chemicals to attract protective 
mites. For example, scientists from the Netherlands 


and Israel have begun a joint venture to genetically nomenon to an evil forest spirit that prevents other 
engineer Arabidopis thaliava plants that produce types of trees from growing. However, scientists at 
mite-attracting chemicals [Science 309 (2005): 2070]. the University of Colorado, Denver, have found 

Another example of the cooperation of plants that colonies of ants that make nests in the stems 
and insects occurs in the so-called devil’s gardens, of the D. hirsute trees produce formic acid, which 
in which a single species of tree predominates prevents growth of other plants in the area. It is 
(D. hirsute) in large areas of the Amazon rain clear that plants and insects can team up to make 
forests. Local legend attributes this strange phe- great chemistry together. 





Michael Greene/University of Colorado, Denver 






A “bodyguard” mite (red) attacks a spider mite. 











Figure 21.1 
The C—H bonds in methane. 


bond can react with additional atoms, as shown by the addition of hydrogen 
to ethylene: 


H H isla 
N Ye bie 
oe el oy a 
H H Ho 
Unsaturated Saturated 


Note that each carbon in ethylene is bonded to three atoms (one carbon and 
two hydrogens) but that each can bond to one additional atom if one bond of 
the carbon-carbon double bond is broken. 

The simplest member of the saturated hydrocarbons, which are also called 
the alkanes, is methane (CH). As discussed in Section 14.1, methane has a 
tetrahedral structure and can be described in terms of a carbon atom using an 
sp> hybrid set of orbitals to bond to the four hydrogen atoms (Fig. 21.1). The 
next alkane, the one containing two carbon atoms, is ethane (C,H,¢), as shown 
in Fig. 21.2. Each carbon in ethane is surrounded by four atoms and thus 
adopts a tetrahedral arrangement and sp? hybridization, as predicted by the 
localized electron model. 


. 
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eal 
HC _C--H 
ey 
H H 


(a) 








(b) 
Figure 21.2 


(a) The Lewis structure of ethane (C2He). 


(ob) The molecular structure of ethane 
represented by space-filling and ball- 
and-stick models. 





(a) (b) 

Figure 21.3 

The structures of (a) propane (CH3CH2CHs) and (b) butane (CH3CH2CHzCHa). Each angle 
shown in red is 109.5°. 


The next two members of the series are propane (C3Hs) and butane 
(C4H1o), shown in Fig. 21.3. Again, each carbon is bonded to four atoms and 
is described as sp? hybridized. 

Alkanes in which the carbon atoms form long “strings” or chains are 
called normal, straight-chain, or unbranched hydrocarbons. As can be seen 
from Fig. 21.3, the chains in normal alkanes are not really straight but zig-zag, 
since the tetrahedral C—C—C angle is 109.5°. The normal alkanes can be 
represented by the structure 


Figieabiniatinen tt 
H—C+C+C—H 


where 7 is an integer. Note that each member is obtained from the previous 
one by inserting a methylene (CH) group. We can condense the structural 
formulas by omitting some of the C—H bonds. For example, the general for- 
mula for normal alkanes shown on the previous page can be condensed to 





CH;-{CH,}-CH; 


The first 10 normal alkanes and some of their properties are listed in Table 
21.1. Note that all alkanes can be represented by the general formula C,,H,,+>. 
For example, nonane, which has nine carbon atoms, is represented by 
CoH 2x9)+2, Or CoHy9. Also note from Table 21.1 that the melting points and 
boiling points increase as the molar masses increase, as we would expect. 


Table 21.1 


Selected Properties of the First 10 Normal Alkanes 








Number of 
Molar Melting Boiling Structural 
Name Formula Mass Point (°C) Point (°C) Isomers 
Methane CH, 16 =A? = 152 1 
Ethane C,H; 30 —183 Sy 1 
Propane C3Hg, 44 ls} 7/ hy il 
Butane C4Hio 58 Sage 0 ”, 
Pentane CsHy2 72: N30) 36 3 
Hexane CoHy4 86 =O) 68 5 
Heptane CrHi¢ 100 =i 98 9 
Octane CH 114 = 57 126 18 
Nonane CoH 128 —54 ila 35 
Decane CioH 22 142 eo) 174 TS 


See LLL LLL LOLS ODODE OSL LLL ILS S LLL L SDDS PPLE LEE ELL EY TCT ASRS 
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Figure 21.4 

(a) Normal butane (abbreviated n-butane). 
(0) The branched isomer of butane 
(called isobutane). 





Isomerism in Alkanes 


Butane and all succeeding members of the alkanes exhibit structural isomer- 
ism. Recall from Section 19.4 that structural isomerism occurs when two mol- 
ecules have the same atoms but different bonds. For example, butane can exist 
as a straight-chain molecule (normal butane, or m-butane) or with a branched- 
chain structure (called isobutane), as shown in Fig. 21.4. Because of their dif- 
ferent structures, these molecules exhibit different properties. For example, the 
boiling point of n-butane is —0.5°C, whereas that of isobutane is — 12°C. 











Draw the isomers of pentane. 
Solution Pentane (C;H)2) has the following isomeric structures: 
HE CH3;—CH,—CH,—CH,—CHs3 
n-Pentane 
2 CH; 
CH,—CH_—CH)_CH, 
Isopentane 
oe CH; 
Ci, —¢—cu, 
CH, 





Neopentane 
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Table 21.2 


The Most Common Alkyl Substituents 
and Their Names 


Structure* Namet 
T@)8 0 Methyl 
—CH,CH; Ethyl 
—CH,CH,CH3 Propyl 

| 
CH3;CHCH; Isopropyl 


—CH,CH,CH>CH, Butyl 


| 
CH3CHCH,CH; sec-Butyl 


H 
_CH,—C—cH, Isobutyl 
CH, 
CH; 
_¢_cH, tert-Butyl 
CH, 








*The bond with one end open shows the 
point of attachment of the substituent to 
the carbon chain. 

‘For the butyl groups, sec- indicates 
attachment to the chain through a sec- 
ondary carbon, a carbon atom attached 
to two other carbon atoms. The designa- 
tion tert- signifies attachment through a 
tertiary carbon, a carbon attached to 
three other carbon atoms. 


Note that the structures 








e 
CH, —GH= CH-GH. CHj CH CHs—CH; 
CH; 





CH= CI L—-G i—CH, 
CH; 


which might appear to be other isomers, are actually identical to structure 2. 


Nomenclature 

Because there are literally millions of organic compounds, it would be impos- 
sible to remember common names for all of them. We must have a systematic 
method for naming them. The following rules are used in naming alkanes. 


Rules for Naming Alkanes 


fe 


The names of the alkanes beyond butane are obtained by adding the suffix 
-ane to the Greek root for the number of carbon atoms (pent- for five, hex- 
for six, and so on). For a branched hydrocarbon, the longest continuous 
chain of carbon atoms determines the root name for the hydrocarbon. For 
example, in the alkane 


Six carbons 


CH;—CH,— CH=CH; CH; 


the longest chain contains six carbon atoms, and this compound is named 
as a hexane. 


When alkane groups appear as substituents, they are named by dropping 
the -ane and adding -yl. For example, —CH; is obtained by removing a 
hydrogen from methane and is called methyl, —C,Hs is called ethyl, 
—C3H; is called propyl, and so on. The compound above is therefore an 
ethylhexane (Table 21.2). 


The positions of substituent groups are specified by numbering the longest 
chain of carbon atoms sequentially, starting at the end closest to the 
branching. For example, the compound 


ee 

CH, —CH ener) =—GH--CH, 

| 2 3 + 5 6 Correct numbering 
6 5 4 3 2 1 Incorrect numbering 


is called 3-methylhexane. Note that the top set of numbers is correct be- 
cause the left end of the molecule is closest to the branching, and this gives 
the smallest number for the position of the substituent. Also note that a 
hyphen is placed between the number and the substituent name. 


The location and name of each substituent are followed by the root alkane 
name. The substituents are listed in alphabetical order, and the prefixes 
di-, tri-, and so on are used to indicate multiple, identical substituents. 
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EXAMPLE 21.2 _ 


Draw the structural isomers for the alkane C,Hj4, and give the systematic 
name for each one. 


Solution We will proceed systematically, starting with the longest chain and 
then rearranging the carbons to form the shorter, branched chains. 


1. CH;CH,CH,CH,CH,CH;3_ Hexane 
Note that although a structure such as 
CH; 
OH, CH,CH,CH, 
CH, 







Six carbon atoms 


may look different, it is still hexane, since the longest carbon chain has six 
atoms. 


2. We now take one carbon out of the chain and make it a methy] substituent. 


l Pleat) 4 5 
ee nemepen Se 2-Methylpentane 


CH, 


Since the longest chain consists of five carbons, this is a substituted pen- 
tane: 2-methylpentane. The 2 indicates the position of the methyl group on 
the chain. Note that if we numbered the chain from the right end, the 
methyl group would be on carbon 4. Because we want the smallest possi- 
ble number, the numbering shown is correct. 


3. The methyl substituent can also be on carbon 3 to give 


I wy) 3) 4 5 
eee elcils ian 3-Methylpentane 


Orr 


Note that we have now exhausted all possibilities for placing a single 
methyl group on pentane. 


4. Next, we can take two carbons out of the original six-member chain: 


| Z o. 24 
chee en 2,3-Dimethylbutane 
Che CH, 


Since the longest chain now has four carbons, the root name is butane. 
Since there are two methyl groups, we use the prefix di-. The numbers 
denote that the two methyl groups are positioned on the second and third 
carbons in the butane chain. Note that when two or more numbers are 
used, they are separated by a comma. 


5. The two methyl groups can also be attached to the same carbon atom as 
shown here: 

CH; 

1 yd or 4 

Che O-- Crp, 2,2-Dimethylbutane 


| 
CH; 
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We might also try ethyl-substituted butanes, such as 


CH;~CHCH,CH; 


va [roan 
Cre 


However, note that this is instead a pentane (3-methylpentane), since the 
longest chain has five carbon atoms. Thus this is not a new isomer. Trying 
to reduce the chain to three atoms provides no further isomers either. For 
example, the structure 


is actually 2,2-dimethylbutane. 


Thus there are only five distinct structural isomers of C,Hy,4: hexane, 
2-methylpentane, 3-methylpentane, 2,3-dimethylbutane, and 2,2-dimethylbutane. 


EXAMPLE 21.3 


Determine the structure for each of the following compounds. 


a. 4-ethyl-3,5-dimethylnonane b. 4-tert-butylheptane 


Solution 


a. The root name nonane signifies a nine-carbon chain. Thus we have 





1 2 3 4+ 33 6 7 8 9 
CH;CH.CH CH= CHCH, CEL CECE 
CH; CH, CH, 


| 
CH; 


b. Heptane signifies a seven-carbon chain, and the tert-butyl group is 
| 
cae 
CH, 


Thus we have 


| 2 3 4 $5 6 7, 





CH;CH,CH,CHCH,CH,CH; 
HyC—C—CH; 
CH; 


Reactions of Alkanes 


Because they are saturated compounds and because the C—C and C—H bonds 
are relatively strong, the alkanes are fairly unreactive. For example, at 25°C 
they do not react with acids, bases, or strong oxidizing agents. This chemical 


The hv above the arrow represents 
ultraviolet light. 


‘s 3 


(a) 
No “head-on” 
overlap of 
atomic orbitals 





(b) 


Figure 21.5 

(a) The molecular structure of cyclopro- 
pane (C3H.). (b) The overlap of the sp* 
orbitals that form the C—C bonds in 


cyclopropane. 
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inertness makes them valuable as lubricating materials and as the backbone for 
structural materials such as plastics. 

At a sufficiently high temperature, alkanes do react vigorously and exo- 
thermically with oxygen, and these combustion reactions are the basis for their 
widespread use as fuels. For example, the reaction of butane with oxygen is 


2C4Hi0(g) + 1302(g) —> 8COz(g) + 10H2O(g) 


The alkanes can also undergo substitution reactions, primarily where halo- 
gen atoms replace hydrogen atoms. For example, methane can be successively 
chlorinated as follows: 


hv 
CH, + CL, ——> CH;Cl + HCl 
Chloromethane 
By 
CH;Cl + Cl, ——> CH,Ch + HCl 
Dichloromethane 
iy 
CH,Cl, + Cl, —— CHCl; + HCl 
Trichloromethane 
(chloroform) 
By 
CHCL + CL —> Cer + HCl 
Tetrachloromethane 


(carbon tetrachloride) 


Note that the products of the last two reactions have two names; the system- 
atic name is given first, followed by the common name in parentheses. (This 
format will be used throughout this chapter for compounds that have common 
names.) Also note that ultraviolet light (/v) furnishes the energy to break the 
CI—Cl bond to produce chlorine atoms: 


Ch — Cl-+ Cl- 


A chlorine atom has an unpaired electron, as indicated by the dot, which makes 
it very reactive and able to attack the C—H bond. 

As we mentioned before, substituted methanes with the general formula 
CF,,Cl4_, containing both chlorine and fluorine as substituents are called chlo- 
rofluorocarbons (CFCs) and are also known as Freons. These substances are 
very unreactive and have been extensively used as coolant fluids in refrigera- 
tors and air conditioners. Unfortunately, their chemical inertness allows Fre- 
ons to remain in the atmosphere so long that they eventually reach altitudes 
where they are a threat to the protective ozone layer (see Section 15.9), and the 
use of these compounds is being rapidly phased out. 

Alkanes can also undergo dehydrogenation reactions in which hydrogen 
atoms are removed and the product is an unsaturated hydrocarbon. For ex- 
ample, in the presence of chromium(III) oxide at high temperatures, ethane can 
be dehydrogenated, yielding ethylene: 


Cr,O 


500°C > CI i5=—CI 1, + H, 


Ethylene 





CH3CH; 


Cyclic Alkanes 


Besides forming chains, carbon atoms also form rings. The simplest of the cy- 
clic alkanes (general formula C,,H;,) is cyclopropane (C3H,), shown in Fig. 
21.5(a). Since the carbon atoms in cyclopropane form an equilateral triangle 
with 60° bond angles, their sp* hybrid orbitals do not overlap head-on as in 
normal alkanes [Fig. 21.5(b)]. This results in unusually weak, or strained, 
C—C bonds; thus the cyclopropane molecule is much more reactive than 
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(a) 


These two H 
atoms repel 
each other 





(b) 


Figure 21.6 
The (a) chair and (b) boat forms of 
cyclohexane. 








straight-chain propane. The carbon atoms in cyclobutane (C4Hs) form a square 
with 90° bond angles, and cyclobutane is also quite reactive. 

The next two members of the series, cyclopentane (CsHj9) and cyclohex- 
ane (CsHj2), are quite stable because their rings have bond angles very close to 
tetrahedral angles, which allows the sp? hybrid orbitals on adjacent carbon 
atoms to overlap head-on and form normal C—C bonds, which are quite 
strong. To attain tetrahedral angles, the cyclohexane ring must “pucker”— 
that is, become nonplanar. Cyclohexane can exist in two forms, the chair and 
the boat forms, as shown in Fig. 21.6. The two hydrogen atoms above the ring 
in the boat form are quite close to each other, and the resulting repulsion be- 
tween these atoms causes the chair form to be preferred. At 25°C more than 
99% of cyclohexane exists in the chair form. 

For simplicity, the cyclic alkanes are often represented by the following 


structures: 
H 


Thus the structure CH; 














represents methylcyclopropane. 

The nomenclature for cycloalkanes follows the same rules as for the other 
alkanes except that the root name is preceded by the prefix cyclo-. The ring is 
numbered to yield the smallest substituent numbers possible. 


OWL INTERACTIVE EXAMPLE 21.4 
Name each of the following cyclic alkanes. 


a. GHe—CH— GH, b. CH,CH; 


ae CH,CH,CH; 


Solution 


a. The six-carbon cyclohexane ring is numbered as follows: 


GH Gh—cH, 


: ce 


There is an. isopropyl group at carbon 1 and a methyl group at carbon 3. 
The name is 1-isopropyl-3-methylcyclohexane, since the alkyl] groups are 
named in alphabetical order. 


b. This is a cyclobutane ring, which is numbered as follows: 


GHICH: 





CH,CH,CH, 


The name is 1-ethyl-2-propylcyclobutane. 
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Figure 21.7 
The bonding in ethylene. 


Figure 21.9 
The two stereoisomers of 2-butene: 


(a) cis-2-butene and (b) trans-2-butene. 


Multiple carbon-carbon bonds result when hydrogen atoms are removed from 
alkanes. Hydrocarbons that contain at least one carbon-carbon double bond 
are called alkenes and have the general formula C,,H>,. The simplest alkene 
(C,H4), commonly known as ethylene, has the Lewis structure 


As discussed in Section 14.1, each carbon in ethylene can be described as sp? 
hybridized. The C—C o bond is formed by sharing an electron pair between 
sp? orbitals, and the 7 bond is formed by sharing a pair of electrons between p 
orbitals (Fig. 21.7). 

The systematic nomenclature for alkenes is quite similar to that for alkanes. 


1. The root hydrocarbon name ends in -ene rather than -ane. Thus the sys- 
tematic name for C,H, is ethene and the name for C3H,g is propene. 

2. Inalkenes containing more than three carbon atoms, the location of the dou- 
ble bond is indicated by the lowest-numbered carbon atom involved in the 
bond. Thus CH;=CHCH>CH; is called 1-butene, and CH;CH==CHCH; is 
called 2-butene. 





Note from Fig. 21.7 that the p orbitals on the two carbon atoms in ethylene 
must be lined up (parallel) to allow formation of the 7 bond. This prevents rota- 
tion of the two CH) groups relative to each other at ordinary temperatures, in 
contrast to alkanes, where free rotation is possible (Fig. 21.8). The restricted 
rotation around doubly bonded carbon atoms means that alkenes exhibit 
cis-trans isomerism. For example, there are two stereoisomers of 2-butene 
(Fig. 21.9). Identical substituents on the same side of the double bond are des- 
ignated cis, and those on opposite sides are labeled trans. 

Alkynes are unsaturated hydrocarbons containing at least one triple 
carbon-carbon bond. The simplest alkyne is C,H, (commonly called acety- 





Figure 21.8 
The bonding in ethane. 


CH CH CH, H 
cack ‘eat 
Ve Mls ames 
H H H CH 
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Figure 21.10 
The bonding in acetylene. 











2p 

















2p 


























lene), which has the systematic name ethyne. As discussed in Section 14.1, the 
triple bond in acetylene can be described as one a bond between two sp hybrid 
orbitals on the two carbon atoms and two 7 bonds involving two 2p orbitals 
on each carbon atom (Fig. 21.10). 

The nomenclature for alkynes involves the use of -yne as a suffix to replace 
the -ane of the parent alkane. Thus the molecule CH;CH,C=CCH; has the 
name 2-pentyne. 

Like alkanes, unsaturated hydrocarbons can exist as ringed structures, for 


example, 
yeh 
| H,C CH 
For cyclic alkenes, number through the | | or 
double bond toward the substituent. 1s LON CH 
CH, 
Cyclohexene 
ee CH; 
AL 
H,C CH, or x 
‘S ‘a 
HC=CH 
4-Methyl-cyclopentene 
WWL INTERACTIVE EXAMPLE 21.5 
Name each of the following molecules. 
a. ER E43 b. i aaa aca 
yee CH) 
CH;CH>CH H | 
| CH; 
CH; 


Solution 


a. The longest chain, which contains six carbon atoms, is numbered as follows: 


ee | eae 
ee H 


CH: 
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Thus the hydrocarbon is a 2-hexene. Since the hydrogen atoms are located 
on opposite sides of the double bond, this molecule corresponds to the trans 
isomer. The name is 4-methyl-trans-2-hexene. 


b. The longest chain, consisting of seven carbon atoms, is numbered as shown 
(giving the triple bond the lowest possible number): 


I 73 sy 45 7 6 a 


CH;CH,C=CCHCH,CH, 


The hydrocarbon is a 3-heptyne. The full name is 5-ethyl-3-heptyne, where 
the position of the triple bond is indicated by the lower-numbered carbon 
atom involved in this bond. 


Reactions of Alkenes and Alkynes 


Because alkenes and alkynes are unsaturated, their most important reactions are 
addition reactions. In these reactions, 7 bonds, which are weaker than the C—C 
a bonds, are broken, and new o bonds are formed to the atoms being added. For 
example, hydrogenation reactions involve the addition of hydrogen atoms: 
Catalyst 
GHj>=—CHCH; la > CH3CH,CH; 


1-Propene Propane 


For this reaction to proceed rapidly at normal temperatures, a catalyst of plati- 
num, palladium, or nickel is used. The catalyst serves to help break the rela- 
tively strong H—H bond, as was discussed in Section 15.9. Hydrogenation of 
alkenes is an important industrial process, particularly in the manufacture of 
solid shortenings, where unsaturated fats (fats containing double bonds), 
which are generally liquid, are converted to solid saturated fats. 

Halogenation of unsaturated hydrocarbons involves addition of halogen 
atoms. For example, 





CH,—CHCH,CH,CH;3 ar Br> == CH,BrCI {BrCl 1,CI 1,CI 1; 


1-Pentene | ,2-Dibromopentane 


Another important reaction involving certain unsaturated hydrocarbons is 
polymerization, a process in which many small molecules are joined together 
to form a large molecule. Polymerization will be discussed in Section 21.5. 





21.3 | 


Aromatic Hydrocarbons 


A special class of cyclic unsaturated hydrocarbons is known as the aromatic 
hydrocarbons. The simplest of these is benzene (CsH¢), which has a planar ring 
structure, as shown in Fig. 21.11(a). In the localized electron model of the 
bonding in benzene, resonance structures of the type shown in Fig. 21.11(b) 
are used to account for the known equivalence of all the carbon-carbon bonds. 
But as we discussed in Section 14.5, the best description of the benzene mole- 
cule assumes that sp? hybrid orbitals on each carbon are used to form the C—C 
and C—H a bonds, whereas the remaining 2p orbital on each carbon is used 
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(a) 


(b) 


(c) 


Figure 21.11 

(a) The structure of benzene, a planar 
ring system in which all bond angles 
are 120°. (b) Two of the resonance 
structures of benzene. (c) The usual 
representation of benzene. The circle 
represents the electrons in the delocal- 
ized a system. All C—C bonds in 
benzene are equivalent. 
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to form 7 molecular orbitals. The delocalization of these 7 electrons is usually 
indicated by a circle inside the ring [Fig. 21.11(c)]. 

The delocalization of the 7 electrons makes the benzene ring behave quite 
differently from a typical unsaturated hydrocarbon. As we have seen previ- 
ously, unsaturated hydrocarbons generally undergo rapid addition reactions. 
However, benzene does not. Instead, it undergoes substitution reactions in 
which hydrogen atoms are replaced by other atoms. For example, 


oO yg pean o + HCl 


Chlorobenzene 


a on HO 


Nitrobenzene 


Cjrosa 22, Cm 


Toluene 


In each case the substance shown over the arrow is needed to catalyze these 
substitution reactions. 

Substitution reactions are characteristic of saturated hydrocarbons, and 
addition reactions are characteristic of unsaturated ones. The fact that benzene 
reacts more like a saturated hydrocarbon indicates the great stability of the 
delocalized 7 electron system. 

The nomenclature of benzene derivatives is similar to the nomenclature for 
saturated ring systems. If there is more than one substituent present, numbers 
are used to indicate substituent positions. For example, the compound 


ww 


is named 1,2-dichlorobenzene. Another nomenclature system uses the prefix 
ortho- (o-) for two adjacent substituents, meta- (m-) for two substituents with 
one carbon between them, and para- (p-) for two substituents opposite each 
other. When benzene is used as a substituent, it is called the phenyl group. 
Examples of some aromatic compounds are shown in Fig. 21.12. 

Benzene is the simplest aromatic molecule. More complex aromatic sys- 
tems can be viewed as consisting of a number of “fused” benzene rings. Some 
examples are given in Table 21.3. 


Figure 21.12 

Some selected substituted benzenes 
and their names. Common names are 
given in parentheses. 
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Br Br Br 
Br 
Br 

1,2-Dibromobenzene 1,3-Dibromobenzene 1,4-Dibromobenzene 
(o-dibromobenzene) (m-dibromobenzene) (p-dibromobenzene) 

Con NO; GH: 
O Br Cl 
Methylbenzene 3-Bromonitrobenzene 3-Chlorotoluene 
(toluene) (m-bromonitrobenzene) (m-chlorotoluene) 
é oO. 
Phenyl group — 4-Chloro-2-phenylhexane 

Table 21.3 

More Complex Aromatic Systems 





Structural Formula Name Use or Effect 


Naphthalene Formerly used in mothballs 
C ) OO Anthracene Dyes 


O Phenanthrene Dyes, explosives, and synthesis 








of drugs 


OG 3,4-Benzpyrene Active carcinogen found in 
OC Cl @ smoke and smog 











21.4 | Hydrocarbon Derivatives 


The vast majority of organic molecules contain elements in addition to carbon 
and hydrogen. However, most of these substances can be viewed as hydrocar- 
bon derivatives, molecules that are fundamentally hydrocarbons but that have 
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Compounds containing aromatic rings 
are often used in dyes, such as these 
for sale in a market in Nepal. 
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Table 21.4 


Class 


Halohydrocarbons 
Alcohols 


Ethers 


Aldehydes 


Ketones 


Carboxylic acids 


Esters 


Amines 


The Common Functional Groups 


Functional 
Group 


=X (BCI Bre 1) 


—Orn 


General 


Formula* 
R—X 
R—OH 
R—O—R’ 
T 
R—C—H 
rf 
R—C—R’ 
if 
R—C—OH 
| 
R—C—O—R’ 
R—NH, 





*R and R’ represent hydrocarbon fragments. 


Example 
CHI 
lodomethane 
(methyl iodide) 


CH;30H 
Methanol 
(methyl alcohol) 


CH;0CH; 
Dimethy] ether 


CH,0 
Methanal 
(formaldehyde) 


CH3COCH3 
Propanone 
(dimethyl ketone 
or acetone) 


CGH. GOOr 
Ethanoic acid 
(acetic acid) 


CH;COOCH>CH; 


Ethyl acetate 


CH;NH, 
Aminomethane 


(methylamine) 


additional atoms or groups of atoms called functional groups. The common 
functional groups are listed in Table 21.4. Because each functional group ex- 
hibits characteristic chemistry, we will consider the groups separately. 


Alcohols 


Alcohols are characterized by the presence of the hydroxyl group (—OH). 
Some common alcohols are shown in Table 21.5. The systematic name for an 
alcohol is obtained by replacing the final -e of the parent hydrocarbon with -ol. 
The position of the —OH group is specified by a number (where necessary) 
chosen so that it is the smallest of the substituent numbers. Alcohols are clas- 
sified according to the number of hydrocarbon fragments bonded to the car- 
bon where the —OH group is attached, 


R—CH,OH 


Primary alcohol 


(one R group) 


R R 
XN | 
/CHOH fae, 
R’ RZ 


Secondary alcohol 
(two R groups) 


Tertiary alcohol 
(three R groups) 
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Table 21.5 


Some Common Alcohols 





Formula Systematic Name Common Name 

CH;OH Methanol Methyl alcohol 

CH;CH,0H Ethanol Ethyl alcohol 

CH;CH,CH,0H 1-Propanol n-Propyl alcohol 

ets 2-Propanol Isopropyl alcohol 
OH 


where R, R’, and R” (which may be the same or different) represent hydrocar- 
bon fragments. 

Alcohols usually have much higher boiling points than might be expected 
from their molar masses. For example, both methanol and ethane have a molar 
mass of 30, but the boiling point for methanol is 65°C, whereas that for ethane 
is —89°C. This difference can be understood if we consider the types of inter- 
molecular attractions that occur in these liquids. Ethane molecules are nonpo- 
lar and exhibit only weak London dispersion interactions. However, the polar 
—OH group of methanol produces extensive hydrogen bonding similar to that 
found in water (see Section 16.1), which results in the relatively high boiling 
point. 

Although there are many important alcohols, the simplest ones, methanol 
and ethanol, have the greatest commercial value. Methanol, also known as 
wood alcohol because it was formerly obtained by heating wood in the absence 
of air, is prepared industrially (approximately 4 million tons annually in the 
United States) by the hydrogenation of carbon monoxide: 

400°C 
CO: 2 ee CHO 
ZnO/Cr30;3 
Methanol is used as a starting material for the synthesis of acetic acid and for 
many types of adhesives, fibers, and plastics. It is also used (and such use may 
increase) as a motor fuel. Methanol is highly toxic to humans and can lead to 
blindness and death if ingested. 

Ethanol is the alcohol found in beverages such as beer, wine, and whiskey; 

it is produced by the fermentation of glucose in corn, barley, grapes, and so on: 


Yeast 


CgH120¢ > GI 1,;CH,OH a 2CO, 


Glucose Ethanol 





The reaction is catalyzed by the enzymes found in yeast. This reaction can 
proceed only until the alcohol content reaches about 13% (the percentage 
found in most wines), at which point the yeast can no longer survive. Beverages 
with higher alcohol content are made by distilling the fermentation mixture. 
Ethanol, like methanol, can be burned in the internal combustion engines 
of automobiles and is now commonly added to gasoline to form gasohol (see 
Section 9.8). It is also used in industry as a solvent and for the preparation of 
acetic acid. The commercial production of ethanol (500,000 tons per year in 
the United States) is carried out by reaction of water with ethylene: 
Chs—CE FO — CH;CH,0H 


atalyst 
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A fuel consisting of 85% ethanol and 
15% gasoline is now widely available in 
the United States. 
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Many polyhydroxy! (more than one —OH group) alcohols are known, the 
most important being 1,2-ethanediol (ethylene glycol), 
AC—OH 
ELGZEOH 
a toxic substance that is the major constituent of most automobile antifreeze 


solutions. 
The simplest aromatic alcohol is 


OH 


which is commonly called phenol. Most of the 1 million tons of phenol pro- 
duced annually in the United States are used to make polymers for adhesives 
and plastics. 


OWL INTERACTIVE EXAMPLE 21.6 


For each of the following alcohols, give the systematic name, and specify 
whether the alcohol is primary, secondary, or tertiary. 


a. CH;CHCH,CH, CH; 

bn c. CH,CCH,CH)CH,CH,B« 
b. CICH,CH,CH,OH bu 
Solution 


a. The chain is numbered as follows: 


| 2 3 + 
CH3CHCH,CH; 


OH 


JL Varga/iStockphoto.com 





Cinnamaldehyde produces the charac- 
teristic odor of cinnamon. 
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The compound is called 2-butanol, since the —OH group is located at the 
number 2 position of a four-carbon chain. Note that the carbon to which 
the —OH is attached also has —CH; and —CH)CH; groups attached: 





| 
CH;3-C—{CH,CH, 
7 | K 
y O le % 
R R’ 


Therefore, this is a secondary alcohol. 
b. The chain is numbered as follows: 


2 | 


ClCH = Cr CH OH 





The name is 3-chloro-1-propanol. This is a primary alcohol: 
nial 
_CI—CH,CH,>-C—OH 
| 


One R group attached to the carbon with the —OH group 


c. The chain is numbered as follows: 








(CH) 
ly EAN sy i oie) a eee 6.5 ee. 
CHIC (CH,—CH,—CH,—CH Br 
OH 


The name is 6-bromo-2-methyl-2-hexanol. This is a tertiary alcohol since the 
carbon where the —OH is attached also has three other R groups attached. 


Aldehydes and Ketones 


Aldehydes and ketones contain the carbonyl group, 


In ketones this group is bonded to two carbon atoms, as in acetone, 
Geer io CH 
O 


In aldehydes the carbonyl group is bonded to at least one hydrogen atom, as in 
formaldehyde, 


or acetaldehyde, 
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Figure 21.13 


Some common ketones and alde- 
hydes. Note that since the aldehyde 
functional group always appears at the 
end of a carbon chain, carbon is 
assigned the number 1 when the com- 


pound is named. 


H O 
IE 
Cc Le 
(Oh 
Rie OCH; 
OH 
Vanillin 
ye 
CH=CH—C 
~ 


O H 


Cinnamaldehyde 
ye 
CH;CH2CH)C ‘ 
H 
Butyraldehyde 
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i i i i 
H-C_H  CH,-C=H CH;—C#CH, CH;—C—CH,CH,CH, 
Methanal Ethanal 2-Propanone 2-Pentanone 
(formaldehyde) (acetaldehyde) (acetone) 
O CGH 
ae a ee 
CH;CHCH,C—H G CH3CCH,CH; G 
Cl 
3-Chlorobutanal Benzaldehyde 2-Butanone Methyl! phenyl] 
(methyl! ethyl ketone, ketone 
or MEK) 


The systematic name for an aldehyde is obtained from the parent alkane 
by removing the final -e and adding -al. For ketones the final -e is replaced by 
-one, and a number indicates the position of the carbonyl group where neces- 
sary. Examples of common aldehydes and ketones are shown in Fig. 21.13. 
Note that since the aldehyde functional group always occurs at the end of the 
carbon chain, the aldehyde carbon is assigned the number 1 when substituent 
positions are listed in the name. 

Ketones often have useful solvent properties (acetone is found in nail pol- 
ish remover, for example) and are frequently used in industry for this purpose. 
Aldehydes typically have strong odors. Vanillin is responsible for the pleasant 
odor in vanilla beans; cinnamaldehyde produces the characteristic odor of cin- 
namon. On the other hand, the unpleasant odor in rancid butter arises from 
the presence of butyraldehyde. 

Aldehydes and ketones are most often produced commercially by the oxi- 
dation of alcohols. For example, oxidation of a primary alcohol yields the 
corresponding aldehyde: 


O 
Oxidation Ya 
CH,CH,OH > CHO 


H 





Oxidation of a secondary alcohol results in a ketone: 


Oxidation 


CH;CHCI 1; > Cl CCH 
OH O 





3 


Carboxylic Acids and Esters 


Carboxylic acids are characterized by the presence of the carboxyl group 


=G, 
OH 


that gives an acid of the general formula RCOOH. Typically, these molecules 
are weak acids in aqueous solution (see Section 7.5). Organic acids are named 
from the parent alkane by dropping the final -e and adding -oic. Thus 
CH3;COOH, commonly called acetic acid, has the systematic name ethanoic 


Laguna Design/Science Photo Library/ 


Photo Researchers, Inc. 


CH3CH»CH»COOH 
Butanoic acid 


COOH 


Benzoic acid 


eo 
Br 


4-Bromopentanoic acid 
‘a 
OD eaiasiee o 
Cl 


Trichloroethanoic acid 
(trichloroacetic acid) 


Figure 21.14 
Some carboxylic acids. 





Computer-generated space-filling 
model of acetylsalicylic acid (aspirin). 
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acid, since the parent alkane is ethane. Other examples of carboxylic acids are 
shown in Fig. 21.14. 

Many carboxylic acids are synthesized by oxidizing primary alcohols with 
a strong oxidizing agent. For example, ethanol can be oxidized to acetic acid 
by using potassium permanganate: 


KMnO,(aq 





CH,CH,OH !, CH,COOH 


A carboxylic acid reacts with an alcohol to form an ester and a water mol- 
ecule. For example, the reaction of acetic acid with ethanol produces ethyl ac- 
etate and water: 


0 
CH;C-++OH 


1 
SICH ©—OGH, CH aLL© 








H-+OCH,CH; 


React to 
form water 


Esters often have a sweet, fruity odor that is in contrast to the often pungent 
odors of the parent carboxylic acids. For example, the odor of bananas is 
caused by n-amy]l acetate, 


CGELG 
OCHIGLDCERGH IGE 


and that of oranges is caused by n-octyl acetate, 


iT Ge 17 
O 


The systematic name for an ester is formed by changing the -oic ending of the 
parent acid to -oate. The parent alcohol chain is named first with a -y/ ending. 
For example, the systematic name for -octyl acetate is n-octylethanoate (from 
ethanoic acid). 

A very important ester is formed from the reaction of salicylic acid and 
acetic acid: 





llevar , 
C= On 
OMe. (HOaCCHs => a EL © 
i O=CGH: 


| 
O 


Salicylic acid Acetic acid Acetylsalicylic acid 


The product is acetylsalicylic acid, commonly known as aspirin, which is used 
in huge quantities as an analgesic (painkiller). 


Amines 


Amines are probably best viewed as derivatives of ammonia in which one or 
more N—H bonds are replaced by N—C bonds. The resulting amines are clas- 
sified as primary if one N—C bond is present, secondary if two N—C bonds 
are present, and tertiary if all three N—H bonds in NH; have been replaced by 


AP Photo/Indianapolis Star/Karen 


Ducey 
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H R’ 
YA i 
R—N IRIN 
< \ 
lal H 
Primary amine Secondary amine 
R’ 
De 
R—N 
\ 
RG 


Tertiary amine 


Figure 21.15 

The general formulas for primary, sec- 
ondary, and tertiary amines. R, R’, and 
R” represent carbon-containing 
substituents. 


Table 21.6 


Some Common Amines 











Formula Common Name Type 
CH3NH) Methylamine Primary 
CH3CH,NH) Ethylamine Primary 
(CH3)2NH Dimethylamine Secondary 
(CH3)3N Trimethylamine Tertiary 
NH) Aniline Primary 
H Diphenylamine Secondary 
| 
N 





N—C bonds (Fig. 21.15). Examples of some common amines are given in 
Table 26. 

Common names are often used for simple amines; the systematic nomen- 
clature for more complex molecules uses the name amino- for the —NH), func- 
tional group. For example, the molecule 


CH;CHCH,CH; 
NH, 


is named 2-aminobutane. 

Many amines have unpleasant “fishlike” odors. For example, the 
odors associated with decaying animal and human tissues are caused 
by amines such as putrescine (H:NCH»CH2,CH2NH>2) and cadaverine 
(HyNCH2CH,CH;CH2CH;NH)). 

Aromatic amines are primarily used to make dyes. Since many of them are 
carcinogenic, they must be handled with great care. 





21.5 





The soybeans on the left are coated 
with a red acrylic polymer to delay 
soybean emergence. This allows 
farmers to plant their crops more 
efficiently. 


Polymers 


Polymers are large, usually chainlike molecules that are built from small mol- 
ecules called monomers. Polymers form the basis for synthetic fibers, rubbers, 
and plastics and have played a leading role in the revolution that has been 
brought about in daily life by chemistry during the past 50 years. It has been 
estimated that about 50% of the industrial chemists in the United States work 
in some area of polymer chemistry, a fact that illustrates just how important 
polymers are to our economy and standard of living. 


The Development and Properties of Polymers 


The development of the polymer industry provides a striking example of the 
importance of serendipity in the progress of science. Many discoveries in poly- 
mer chemistry arose from accidental observations that scientists followed up. 

The age of plastics might be traced to a day in 1846 when Christian 
Schoenbein, a chemistry professor at the University of Basel in Switzerland, 


Ron Boardman/Frank Lane Picture Agency, 


Phil Nelson 





A radio from the 1930s made of 
Bakelite. 





Nylon netting magnified 62 times. 
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spilled a flask containing nitric and sulfuric acids. In his hurry to clean up the 
spill, he grabbed his wife’s cotton apron, which he then rinsed out and hung up 
in front of a hot stove to dry. Instead of drying, the apron flared and burned. 

Very interested in this event, Schoenbein repeated the reaction under more 
controlled conditions and found that the new material, which he correctly con- 
cluded to be nitrated cellulose, had some surprising properties. As he had ex- 
perienced, nitrated cellulose is extremely flammable and, under certain circum- 
stances, highly explosive. In addition, he found that it could be molded at 
moderate temperatures to give objects that were, upon cooling, tough but elas- 
tic. Predictably, the explosive nature of the substance was initially of more in- 
terest than its other properties, and cellulose nitrate rapidly became the basis 
for smokeless gun powder. Although Schoenbein’s discovery cannot be de- 
scribed as a truly synthetic polymer (because he simply found a way to modify 
the natural polymer cellulose), it formed the basis for a large number of indus- 
tries that grew up to produce photographic films, artificial fibers, and molded 
objects of all types. 

The first synthetic polymers were produced as by-products of various or- 
ganic reactions and were regarded as unwanted contaminants. Thus the first 
preparations of many of the polymers now regarded as essential to our modern 
lifestyle were thrown away in disgust. One chemist who refused to be defeated 
by the “tarry” products obtained when he reacted phenol with formaldehyde 
was Belgian-American chemist Leo H. Baekeland (1863-1944). Baekeland’s 
work resulted in the first completely synthetic plastic (called Bakelite), a sub- 
stance that when molded to a certain shape under high pressure and tempera- 
ture cannot be softened again or dissolved. Bakelite is a thermoset polymer. In 
contrast, cellulose nitrate is a thermoplastic polymer; that is, it can be remelted 
after it has been molded. 

The discovery of Bakelite in 1907 spawned a large plastics industry, pro- 
ducing telephones, billiard balls, and insulators for electrical devices. During 
the early days of polymer chemistry, there was a great deal of controversy over 
the nature of these materials. Although the German chemist Hermann 
Staudinger speculated in 1920 that polymers were very large molecules held 
together by strong chemical bonds, most chemists of the time assumed that 
these materials were much like colloids, in which small molecules are aggre- 
gated into large units by forces weaker than chemical bonds. 

One chemist who contributed greatly to the understanding of polymers as 
giant molecules was Wallace H. Carothers of the DuPont Chemical Company. 
Among his accomplishments was the preparation of nylon. The nylon story 
further illustrates the importance of serendipity in scientific research. When 
nylon is first prepared, the resulting product is a sticky material with little 
structural integrity. Because of this, it was initially put aside as having no ap- 
parently useful characteristics. However, Julian Hill, a chemist in the Caroth- 
ers research group, one day put a small ball of this nylon on the end of a stir- 
ring rod and drew it away from the remaining sticky mass, forming a string. 
He noticed the silky appearance and strength of this thread and realized that 
nylon could be drawn into useful fibers. 

The reason for this behavior of nylon is now understood. When nylon is 
first formed, the individual polymer chains are oriented randomly, like 
cooked spaghetti, and the substance is highly amorphous. However, when 
drawn out into a thread, the chains tend to line up (the nylon becomes more 
crystalline), which leads to increased hydrogen bonding between adjacent 
chains. This increase in crystallinity, along with the resulting increase in hy- 
drogen-bonding interactions, leads to strong fibers and thus to a highly use- 
ful material. Commercially, nylon is produced by forcing the raw material 
through a spinneret, a plate containing small holes, which forces the polymer 
chains to line up. 


AP Photo/Elise Amendola 
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Charles Goodyear tried for many years 
to change natural rubber into a useful 
product. In 1839 he accidentally 
dropped some rubber containing sulfur 
on a hot stove. Noting that the rubber 
did not melt as expected, Goodyear 
pursued this lead and developed 
vulcanization. 





Colored water drops are shown 
beading on Kevlar fabric treated with a 
nanoscale water-resistant coating. 


Another property that adds strength to polymers is crosslinking, the exis- 
tence of covalent bonds between adjacent chains. The structure of Bakelite is 
highly crosslinked, which accounts for the strength and toughness of this poly- 
mer. Another example of crosslinking occurs in the manufacture of rubber. 
Raw natural rubber consists of chains of the type 











wena CHa — CH — CH CH= Gr cH=¢ CH nnn 
CH; CH. 


and is a soft, sticky material unsuitable for tires. However, in 1839 Charles 
Goodyear (1800-1860), an American chemist, accidentally found that if sulfur 
is added to rubber and the resulting mixture is heated (a process called vulca- 
nization), the resulting rubber is still elastic (reversibly stretchable) but is much 
stronger. This change in character occurs because sulfur atoms become bonded 
between carbon atoms on different chains. These sulfur atoms form bridges 
between the polymer chains, thus linking the chains together. 


Types of Polymers 


The simplest and one of the best-known polymers is polyethylene, which is 
constructed from ethylene monomers: 

Her 
Catalyst nae 
| x | 


nCH,—CH, 


where 7 represents a large number (usually several thousand). Polyethylene is 
a tough, flexible plastic used for piping, bottles, electrical insulation, packag- 
ing films, garbage bags, and many other purposes. Its properties can be varied 
by using substituted ethylene monomers. For example, when tetrafluoroethyl- 
ene is the monomer, the polymer Teflon is obtained: 


F F rei 
poset «|e elem 
—4 — 
MP r | 
li F | cael et 
Tetrafluoroethylene Teflon 


The discovery of Teflon, a very important substituted polyethylene, is an- 
other illustration of the role of chance in chemical research. In 1938 a DuPont 
chemist named Roy Plunkett was studying the chemistry of gaseous tetrafluo- 
roethylene. He synthesized about 100 pounds of the chemical and stored it in 
steel cylinders. When one of the cylinders failed to produce perfluoroethylene 
gas when the valve was opened, the cylinder was cut open to reveal a white 
powder. This powder turned out to be a polymer of perfluoroethylene, which 
was eventually developed into Teflon. Because of the resistance of the strong 
C—F bonds to chemical attack, Teflon is an inert, tough, and nonflammable 
material widely used for electrical insulation, nonstick coatings on cooking 
utensils, and bearings for low-temperature applications. 

Other polyethylene-type polymers are made from monomers containing 
chloro, methyl, cyano, and phenyl substituents, as summarized in Table 21.7. 
In each case the double carbon-carbon bond in the substituted ethylene mono- 
mer becomes a single bond in the polymer. The different substituents lead to a 
wide variety of properties. 
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Table 21.7 


Some Common Synthetic Polymers, Their Monomers, and Applications 


and styrene 





rubber 








Monomer Ppoleaies a 
Name Formula Name Formula (oe ae a 
Ethylene ip C=—-Giin Polyethylene —CH,—CH>}- Plastic piping, 
bottles, electrical 
insulation, toys 
Propylene H Polypropylene (Gli Chip Cll Chin Film for packaging, 
HC=C lee Ley carpets, lab wares, 
. : toys 
CH; 
Vinyl H Polyvinyl chloride |» —~CH,—CH}- Piping, siding, floor 
chloride HbC= (PVC) A tile, clothing, toys 
cl 
Acrylonitrile i Polyacrylonitrile acne: Carpets, fabrics 
HC fai EON CN 
CN 
Tetrafluoro- F,C=CF, Teflon —CF,—CF7}- Cooking utensils, 
ethylene electrical insulation, 
bearings 
Styrene H Polystyrene = (CEO El Containers, thermal 
“S insulation, toys 
Butadiene " x Polybutadiene —{CH,CH=CHCH>}- Tire tread, coating 
H,C=C—C=CH, eye 
Butadiene (See above.) Styrene-butadiene {CH—CH;— CH,—_CH=CH—CH3), ‘Synthetic rubber 


The polyethylene polymers illustrate one of the major types of polymer- 
ization reactions, called addition polymerization, in which the monomers sim- 
ply “add together” to produce the polymer. No other products are formed. 
The polymerization process is initiated by a free radical (a species with an 
unpaired electron) such as the hydroxyl radical (HO - ). The free radical at- 
tacks and breaks the 7 bond of an ethylene molecule to form a new free 


radical, 
H H HH 
~ wh [heyret 
C=C ea 
vA | 
H | H HoH 


Charles D. Winters/Photo Researchers, Inc. 
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Figure 21.16 

The reaction to form nylon can be 
carried out at the interface of two 
immiscible liquid layers in a beaker. 
The bottom layer contains adipoyl 
chloride, 


CCC ee 4 
i | 
dissolved in CCl,, and the top layer 
contains hexamethylenediamine, 
H2N+CH,)—-NHo 


dissolved in water. A molecule of HCI is 
formed as each C—N bond forms. 
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which is then available to attack another ethylene molecule: 


ca. 
YS a aml yh 
H i HO H H sh 
lef Jel 
oes 
te H 


Repetition of this process thousands of times creates a long-chain polymer. 
Termination of the growth of the chain occurs when two radicals react to form 
a bond, a process that consumes two radicals without producing any others. 
Another common type of polymerization is condensation polymerization, 
in which a small molecule, such as water, is formed for each extension of the 
polymer chain. The most familiar polymer produced by condensation is nylon. 
Nylon is a copolymer, since two different types of monomers combine to form 
the chain; a homopolymer is the result of polymerizing a single type of mono- 
mer. One common form of nylon is produced when hexamethylenediamine 
and adipic acid react by splitting out a water molecule to form a C—N bond: 





H O 
a 4 Nc CH ra > 
—CH3,N e——-= —(CHisiz < 
H He 2h ©) OTH 
Hexamethylenediamine w Adipic acid 
li tO 
=~ | ve 
yp {CHa N—C (CHa +H,O 
H OH 


The molecule formed, called a dimer (two monomers joined), can undergo 
further condensation reactions since it has an amino group at one end and a 
carboxyl group at the other. Thus both ends are free to react with another 
monomer. Repetition of this process leads to a long chain of the type 


O 
| — | 
N-+{CH3,N—CHCH3}C¢ 


which is the basic structure of nylon. The reaction to form nylon occurs quite 
readily and is often used as a lecture demonstration (Fig. 21.16). The proper- 
ties of nylon can be varied by changing the number of carbon atoms in the 
chain of the acid or amine monomer. 

More than 1 million tons of nylon are produced annually in the United 
States for use in clothing, carpets, rope, and so on. Many other types of con- 
densation polymers are also produced. For example, Dacron is a copolymer 
formed from the condensation reaction of ethylene glycol (a dialcohol) and 
p-terephthalic acid (a dicarboxylic acid): 


(ieee vg 
HOCH,CH,O H HO 


| p-Terephthalic 


Ethylene 
‘ H,0 acid 


glycol 


psi is the abbreviation for pounds per 
square inch: 15 psi ~ 1 atm 


Molecular weight (not molar mass) is 
the common terminology in the 
polymer industry. 
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The repeating unit of Dacron is 


1 1 
OCH,CH,—0—C () @ 


n 





Note that this polymerization involves a carboxylic acid and an alcohol form- 
ing an ester group: 


O 


| 
REO CR 


Thus Dacron is called a polyester. By itself or blended with cotton, Dacron is 
widely used in fibers for the manufacture of clothing. 


Polymers Based on Ethylene 


A large section of the polymer industry involves the production of macromol- 
ecules from ethylene or substituted ethylenes. As discussed previously, ethylene 
molecules polymerize by addition after the double bond has been broken by 
some initiator: 


as es 
se a ea 
Nagel a ge kl to lg ete Ee! 


This process continues by adding new ethylene molecules to eventually give 
polyethylene, a thermoplastic material. 

There are two forms of polyethylene: low-density polyethylene (LDPE) 
and high-density polyethylene (HDPE). The chains in LDPE contain many 
branches and thus do not pack as tightly as those in HDPE, which consist of 
mostly straight-chain molecules. 

Traditionally, LDPE has been manufactured under conditions of high pres- 
sure (~20,000 psi) and high temperature (500°C). These severe reaction condi- 
tions require specially designed equipment, and for safety reasons, the reaction 
usually has been run behind a reinforced concrete barrier. More recently, lower 
reaction pressures and temperatures have become possible through the use 
of catalysts. One catalytic system using triethylaluminum [AIl(CjH;)3] and 
titanium(IV) chloride was developed by Karl Ziegler in Germany and Giulio 
Natta in Italy. Although this catalyst is very efficient, it catches fire on contact 
with air and must be handled very carefully. A safer catalytic system was devel- 
oped at Phillips Petroleum Company. It uses a chromium(III) oxide (Cr)O3) and 
aluminosilicate catalyst and has mainly taken over in the United States. The 
product of the catalyzed reaction is highly linear (unbranched) and is often 
called linear low-density polyethylene. It is very similar to HDPE. 

The major use of LDPE is in the manufacture of the tough, transparent 
film that is used in packaging so many consumer goods. Two-thirds of the ap- 
proximately 10 billion pounds of LDPE produced annually in the United States 
are used for this purpose. The major use of HDPE is for blow-molded prod- 
ucts, such as bottles for consumer products (Fig. 21.17). 

The useful properties of polyethylene are due primarily to its high molec- 
ular weight (molar mass). Although the strengths of the interactions between 
specific points on the nonpolar chains are quite small, the chains are so long 
that these small attractions accumulate to a very significant value so that the 
chains stick together very tenaciously. There is also a great deal of physical 
tangling of the lengthy chains. The combination of these interactions gives the 
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Chemical Insights 


Wallace Hume Carothers 








try instructor. 


Wallace H. Carothers, a brilliant organic chemist 
who was principally responsible for the develop- 
ment of nylon and the first synthetic rubber (Neo- 
prene), was born in 1896 in Burlington, Iowa. As a 
youth, Carothers was fascinated by tools and 
mechanical devices and spent many hours experi- 
menting. In 1915 he entered Tarkio College in 
Missouri. Carothers so excelled in chemistry that 
even before his graduation he was made a chemis- 


Carothers eventually moved to the University 
of Illinois at Urbana-Champaign, where he was 
appointed to the faculty when he completed his 
Ph.D. in organic chemistry in 1924. He moved to 
Harvard University in 1926 and then to DuPont in 
1928 to participate in a new program in funda- 
mental research. At DuPont, Carothers headed the 
organic chemistry division, and during his 10 years 
there he played a prominent role in laying the 
foundations of polymer chemistry. 

By the age of 33, Carothers had become a 
world-famous chemist whose advice was sought by 
almost everyone working in polymers. He was the 
first industrial chemist to be elected to the presti- 
gious National Academy of Sciences. 

Carothers was an avid reader of poetry and a 
lover of classical music. Unfortunately, he also suf- 
fered from severe bouts of depression that finally 








Courtesy, Dupont 


Wallace H. Carothers 


led to his suicide in 1937 in a Philadelphia hotel 
room, where he drank a cyanide solution. He was 
41 years old. Despite the brevity of his career, 
Carothers was truly one of the finest American 
chemists of all time. His great intellect, his love of 
chemistry, and his insistence on perfection pro- 
duced his special genius. 





Figure 21.17 

A major use of HDPE is for blow- 
molded objects such as bottles for soft 
drinks, shampoos, bleaches, and so 
on. (a) A tube composed of HDPE is 
inserted into the mold (die). (b) The die 
closes, sealing the bottom of the tube. 
(c) Compressed air is forced into the 
warm HDPE tube, which then expands 
to take the shape of the die. (d) The 
molded bottle is removed from the die. 
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polymer strength and toughness. However, a material like polyethylene can be 
melted and formed into a new shape (thermoplastic behavior) because in the 
melted state the molecules can readily flow past one another. 

Since a high molecular weight gives a polymer useful properties, one 
might think that the goal would be to produce polymers with chains as long 
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as possible. However, this is not the case—polymers become much more dif- 
ficult to process as the molecular weights increase. Most industrial opera- 
tions require that the polymer flow through pipes as it is processed. But, as 
the chain lengths increase, viscosity also increases. In practice, the upper limit 
of a polymer’s molecular weight is set by the flow requirements of the manu- 
facturing process. Thus the final product often reflects a compromise be- 
tween the optimal properties for the application and those needed for ease of 
processing. 

Although many polymer properties are greatly influenced by molecular 
weight, some other important properties are not. For example, chain length 
does not affect a polymer’s resistance to chemical attack. Physical properties 
such as color, refractive index, hardness, density, and electrical conductivity 
are also not greatly influenced by molecular weight. 

We have already seen that one way of altering the strength of a polymeric 
material is to vary the chain length. Another method for modifying polymer 
behavior involves varying the substituents. For example, if we use a monomer 
of the type 


NX 
H x 
the properties of the resulting polymer depend on the identity of X. The sim- 
plest example is polypropylene, whose monomer is 


H H 
S a 


and that has the form 
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The CH; groups can be arranged on the same side of the chain (called an iso- 
tactic chain) as shown above, can alternate (called a syndiotactic chain) as 
shown below, 
H CHey tCHsvHs BE GHey Gis 
*< -P 3 < Sw 2 Se -P J Soy 4 “ 
(Say ES Sh See a 
* je ME H lores: Je hee cl H 


or can be randomly distributed (called an atactic chain). 

The chain arrangement has a significant effect on the polymer’s proper- 
ties. Most polypropylene is made using the Ziegler-Natta catalyst [Al(C2Hs); - 
TiCl4], which produces highly isotactic chains that pack together quite 
closely. As a result, polypropylene is more crystalline and therefore stronger 
and harder than polyethylene. The major uses of polypropylene are for 
molded parts (40%), fibers (35%), and packaging films (10%). Polypropyl- 
ene fibers are especially useful for athletic wear because they do not absorb 
water from perspiration, as cotton does. Rather, the moisture is drawn away 
from the skin to the surface of the polypropylene garment, where it can 
evaporate. The annual U.S. production of polypropylene is about 7 billion 
pounds. 
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Heal Thyself 





One major problem with struc- 
tural materials is that they crack 
and weaken as they age. The 
human body has mechanisms for 
healing itself if the skin is cut or a 
bone is broken. However, inani- 
mate materials have had no such 
mechanisms—until now. Scien- 
tists at the University of Illinois at 
Urbana-Champaign (UIUC) have 
invented a plastic that automati- 
cally heals microscopic cracks 
before they can develop into large 
cracks that would degrade the 
usefulness of the material. This 
accomplishment was achieved by 
an interdisciplinary team of scien- 
tists including aeronautical engi- 
neering professors Scott White 
and Philippe Geubelle, applied 
mechanics professor Nancy Sottos, and chemistry 
professor Jeffrey Moore. 

The self-healing system is based on microcap- 
sules containing liquid dicyclopentadiene 


Dicyclopentadiene 


that are blended into the plastic. When a micro- 
scopic crack develops, it encounters and breaks a 
microcapsule. The dicyclopentadiene then leaks 
out, where it encounters a catalyst (blended into 
the plastic when it was formulated) that mediates a 
repair polymerization process. This process 
involves opening the cyclopentadiene rings, which 
leads to a highly crosslinked repair of the crack. 
The trickiest part of the repair mechanism is to 
get the microcapsules to be the correct size and to 








A scanning electron microscope image showing the frac- 
tured plane of a self-healing material with a ruptured 
microcapsule in a thermosetting matrix. 


have the appropriate wall strength. They must be 
small enough not to degrade the strength of the 
plastic. The walls must also be thick enough to 
survive the molding of the plastic but thin enough 
to burst as the lengthening crack reaches them. 
Self-healing materials should have many appli- 
cations. The U.S. Air Force, which partially funded 
the research at UIUC, is interested in using the 
materials in tanks that hold gases and liquids 
under pressure. The current materials used for 
these tanks are subject to microcracks that eventu- 
ally grow, causing the tanks to leak. Self-healing 
materials would also be valuable in situations 
where repair is impossible or impractical, such as 
electronic circuit boards, components of deep 
space probes, and implanted medical devices. 


inois, Urbana-Champaign 





Scott White/University o 
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Another related polymer, polystyrene, is constructed from the monomer 
styrene, 


Pure polystyrene is too brittle for many uses, so most polystyrene-based poly- 
mers are actually copolymers of styrene and butadiene, 


H H 
eNwlanyeals ae 
(i PEG 
H H 


thus incorporating bits of butadiene rubber into the polystyrene matrix. The 
resulting polymer is very tough and is often used as a substitute for wood in 
furniture. 

Another polystyrene-based product is acrylonitrile-butadiene-styrene 
(ABS), a tough, hard, and chemically resistant plastic used for pipes and for 
items such as radio housings, telephone cases, and golf club heads, for which 
shock resistance is an essential property. Originally, ABS was produced by 
copolymerization of the three monomers: 








SU wg 8 Cip=CH=_-Chy =e “CH= cH 
em i | 





a x \ A GH CH,=CH 
CN H oO HO CHCl Gy 
H H n 
Acrylonitrile Styrene Butadiene 
It is now prepared by a special process called grafting, in which butadiene is 
polymerized first, and then the cyanide and phenyl substituents are added 
chemically. 
Another high-volume polymer, polyvinyl chloride (PVC), is constructed 
from the monomer vinyl chloride, 
Ae wa 
C=C 
JA Ss 
H Gl 
21.6 | Natural Polymers 


Proteins 


We have seen that many useful synthetic materials are polymers. Thus it should 
not be surprising that a great many natural materials are also polymers: starch, 
hair, silicate chains in soil and rocks, silk and cotton fibers, and the cellulose in 
woody plants, to name only a few. 

In this section we consider a class of natural polymers, the proteins, which 
make up about 15% of our bodies and have molecular weights (molar masses) 
that range from about 6000 to over 1,000,000 grams per mole. Proteins per- 
form many functions in the human body. Fibrous proteins provide structural 
integrity and strength for many types of tissue and are the main components of 
muscle, hair, and cartilage. Other proteins, usually called globular proteins 


1050 Chapter 21 
a-Carbon \4 5 
Wi 
et Oe 
| Ss 
NH, OH 


At the pH in biological fluids, the amino 
acids shown in Fig. 21.18 exist in a 
different form, with the proton of the 
—COOH group transferred to the 
—NHb group. For example, glycine 
would be in the form Ha*NCHsCOO-. 


The peptide linkage is also found in 
nylon (See Section 21.5). 
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because of their roughly spherical shape, are the “worker” molecules of the 
body. These proteins transport and store oxygen and nutrients, act as catalysts 
for the thousands of reactions that make life possible, fight invasion by foreign 
objects, participate in the body’s many regulatory systems, and transport elec- 
trons in the complex process of metabolizing nutrients. 

The building blocks of all proteins are the a-amino acids, where R may rep- 
resent H, CH;, or a more complex substituent. These molecules are called a- 
amino acids because the amino group (—NH)) is always attached to the a- 
carbon, the one next to the carboxyl group (—CO 2H). The 20 amino acids 
most commonly found in proteins are shown in Fig. 21.18. 

Note from Fig. 21.18 that the amino acids are grouped into polar and 
nonpolar classes, determined by the R groups, or side chains. Nonpolar side 
chains contain mostly carbon and hydrogen atoms, whereas polar side chains 
contain large numbers of nitrogen and oxygen atoms. This difference is impor- 
tant because polar side chains are hydrophilic (water-loving), but nonpolar 
side chains are hydrophobic (water-fearing), and this characteristic greatly af- 
fects the three-dimensional structure of the resulting protein. 

The protein polymer is built by condensation reactions between amino 
acids. For example, 


Peptide linkage 
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The product shown above is called a dipeptide. This name is used because the 
structure 


TI 


is called a peptide linkage by biochemists. (The same grouping is called an 
amide by organic chemists.) Additional condensation reactions lengthen the 
chain to produce a polypeptide, eventually yielding a protein. 

You can imagine that with 20 amino acids, which can be assembled in any 
order, there is essentially an infinite variety possible in the construction of pro- 
teins. This flexibility allows an organism to tailor proteins for the many types 
of functions that must be carried out. 

The order, or sequence, of amino acids in the protein chain is called the 
primary structure, conveniently indicated by using three-letter codes for the 
amino acids (Fig. 21.18), where it is understood that the terminal carboxyl 
group is on the right and the terminal amino group is on the left. For example, 
one possible sequence for a tripeptide containing the amino acids lysine, ala- 
nine, and leucine is 








NH, ACCHS): 
one ie.GH, H bay 
a ee < é COOH 
dened 
mete Alanine hence 


which is represented in the shorthand notation by 


lys-ala-leu 
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Figure 21.18 
The 20 a-amino acids found in most proteins. The R group is shown in color. 
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Proline 
(Pro) 


Leucine 
(Leu) 


Tyrosine 
(Tyr) 





Lysine 
(Lys) 


H OH 


Phenylalanine 
(Phe) 


Valine 
(Val) 


Histidine 
(His) 





Arginine 


(Arg) 
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A tripeptide containing glycine, 
cysteine, and alanine. 


cys-tyr-ile-gln—asn—cys—pro-leu-gly 
) 


(a 


cys-tyr-phe-gln-asn—cys—pro+a rg ~gly 


(b) 


Figure 21.19 

The amino acid sequences in (a) oxyto- 
cin and (b) vasopressin. The differing 
amino acids are boxed. 








Note from Example 21.7 that six sequences are possible for a polypeptide 
with three given amino acids. There are three possibilities for the first amino 
acid (any one of the three given amino acids), there are two possibilities for the 
second amino acid (one has already been accounted for), but there is only one 
possibility left for the third amino acid. Thus the number of sequences is 
3X2 1=6. The product 3 X 2 X 1 is often written 3! (and is called 3 fac- 
torial). Similar reasoning shows that for a polypeptide with four amino acids, 
there are 4!, or 4 X 3 X 2 X 1 = 24, possible sequences. 


OWL INTERACTIVE EXAMPLE 21.7 


Write the sequences of all possible tripeptides composed of the amino acids 
tyrosine, histidine, and cysteine. 


Solution There are six possible sequences: 
tyr-his-cys his-tyr-cys cys-tyr-his 


tyr-cys-his his-cys-tyr cys-his-tyr 


WWL INTERACTIVE EXAMPLE 21.8 


What number of possible sequences exists for a polypeptide composed of 20 
different amino acids? 


Solution The answer is 20!, or 


FOR 19 1817 16 K CS A eae = = 


A striking example of the importance of the primary structure of polypep- 
tides can be seen in the differences between oxytocin and vasopressin. Both of 
these molecules are nine-unit polypeptides that differ by only two amino acids 
(Fig. 21.19), yet they perform completely different functions in the human body. 
Oxytocin is a hormone that triggers contraction of the uterus and milk secre- 
tion. Vasopressin raises blood pressure levels and regulates kidney function. 

A second level of structure in proteins, beyond the sequence of amino ac- 
ids, is the arrangement of the chain of the long molecule. The secondary struc- 
ture is determined to a large extent by hydrogen bonding between lone pairs on 
an oxygen in the carbonyl group of an amino acid and a hydrogen atom at- 
tached to a nitrogen of another amino acid: 


ee ree eet 
cele a 


Such interactions can occur within the chain coils to form a spiral structure 
called an e-helix, as shown in Figs. 21.20 and 21.21. This type of secondary 
structure gives the protein elasticity (springiness) and is found in the fibrous 
proteins in wool, hair, and tendons. Hydrogen bonding can also occur between 
different protein chains, joining them together in an arrangement called a 
pleated sheet, as shown in Fig. 21.22. Silk contains this arrangement of pro- 
teins, making its fibers flexible yet very strong and resistant to stretching. The 
pleated sheet is also found in muscle fibers. The hydrogen bonds in the a-helical 
protein are called imtrachain (within a given protein chain), and those in the 
pleated sheet are said to be interchain (between protein chains). 

As you might imagine, a molecule as large as a protein has a great deal of 
flexibility and can assume a variety of overall shapes. The specific shape that a 
protein assumes depends on its function. For long, thin structures, such as hair, 
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Figure 21.20 


Hydrogen bonding within a protein chain causes it 
to form a stable helical structure called an a-helix. 
Only the main atoms in the helical backbone are 
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Figure 21.21 


Ball-and-stick model of a portion of a protein chain in 
the a-helical arrangement, showing the hydrogen- 
bonding interactions. 


shown here. The hydrogen bonds are not shown. 


Figure 21.22 


When hydrogen bonding occurs between 

protein chains rather than within them, a stable 
structure (the pleated sheet) results. This struc- 
ture contains many protein chains and is found 


in natural fibers, such as silk, and in muscles. ‘ee 





Figure 21.23 

(a) Collagen, a protein found in 
tendons, consists of three protein 
chains (each with a helical structure) 
twisted together to form a superhelix. 
The result is a long, relatively narrow 
protein. (b) The pleated-sheet arrange- 
ment of many proteins bound together 
to form the elongated protein found in 
silk fibers. 






-) Carbon N | 
* Oxygen 


- Nitrogen 


@ R group 


») Hydrogen ay 


: Hydrogen bond 


wool and silk fibers, and tendons, an elongated shape is required. This may 
involve an a-helical secondary structure, as found in the protein a-keratin in 
hair and wool or in the collagen found in tendons [Fig. 21.23(a)], or it may 
involve a pleated-sheet secondary structure, as found in silk [Fig. 21.23(b)]. 
Many of the proteins in the body having nonstructural functions are globular, 
such as myoglobin (Fig. 21.24). Note that the secondary structure of myoglo- 
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Figure 21.24 
The protein myoglobin. 
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bin is basically @-helical. However, in the areas where the chain bends to give 
the protein its compact globular structure, the a-helix breaks down to give a 
secondary configuration known as the random-coil arrangement. 

The overall shape of the protein, long and narrow or globular, is called its 
tertiary structure and is maintained by several different types of interactions: 
hydrogen bonding, dipole-dipole interactions, ionic bonds, covalent bonds, and 
London dispersion forces between nonpolar groups. These bonds, which repre- 
sent all the bonding types discussed in this text, are summarized in Fig. 21.25. 

The amino acid cysteine 


ais 
H H 
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(a) 
Figure 21.25 








(b) (c) (d) (e) 


Summary of the various types of interactions that stabilize the tertiary structure of a protein: (a) ionic, (b) hydrogen bonding, (c) covalent, 
(d) London dispersion, and (e) dipole-dipole. 
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Figure 21.26 


The permanent waving of hair. 
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Figure 21.27 


A schematic representation of the 
thermal denaturation of a protein. 
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plays a special role in stabilizing the tertiary structure of many proteins be- 
cause the —SH groups on two cysteines can react in the presence of an oxidiz- 
ing agent to form a S—S bond called a disulfide linkage: 








; ; ; ; 
C=Ch=s--H + H S—CH—-¢ — G CH)+S—S+CH; C 
2 


A practical application of the chemistry of disulfide bonds is permanent wav- 
ing of hair, as summarized in Fig. 21.26. The S—S linkages in the protein of 
hair are broken by treatment with a reducing agent. The hair is then set in curl- 
ers to change the tertiary protein structure to the desired shape. Then treat- 
ment with an oxidizing agent causes new S—S bonds to form, which allow the 
hair protein to retain the new structure. 

The three-dimensional structure of a protein is crucial to its function. The 
process of breaking down this structure is called denaturation (Fig. 21.27). For 
example, the denaturation of egg proteins occurs when an egg is cooked. Any 
source of energy can cause denaturation of proteins and is thus potentially 
dangerous to living organisms. For example, ultraviolet and X-ray radiation or 
nuclear radioactivity can disrupt protein structure, which may lead to cancer 
or genetic damage. Protein damage is also caused by chemicals like benzene, 
trichloroethane, and 1,2-dibromoethane (called EDB). The metals lead and 
mercury, which have a very high affinity for sulfur, cause protein denaturation 
by disrupting disulfide bonds between protein chains. 

The tremendous flexibility in the various levels of protein structure allows 
the tailoring of proteins for a wide range of specific functions. Proteins are the 
“workhorse” molecules of living organisms. 


Carbohydrates 


Carbohydrates form another class of biologically important molecules. They 
serve as a food source for most organisms and as a structural material for 
plants. Because many carbohydrates have the empirical formula CHO, it was 
originally believed that these substances were hydrates of carbon, thus ac- 
counting for the name. 

Most important carbohydrates, such as starch and cellulose, are polymers 
composed of monomers called monosaccharides, or simple sugars. The mono- 
saccharides are polyhydroxy ketones and aldehydes. The most important con- 
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Tanning in the Shade 





Among today’s best-selling cosmetics are self- 
tanning lotions. Many light-skinned people want 
o look like they have just spent a vacation in the 
Caribbean, but they recognize the dangers of too 
much sun—it causes premature aging and may 
lead to skin cancer. Chemistry has come to the 
rescue in the form of lotions that produce an 
authentic-looking tan. All of these lotions have the 
same active ingredient: dihydroxyacetone (DHA). 
DHA, which has the structure 
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is a nontoxic, simple sugar that occurs as an inter- 
mediate in carbohydrate metabolism in higher-order 
plants and animals. The DHA used in self-tanners is 
prepared by bacterial fermentation of glycerine, 
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The tanning effects of DHA were discovered by 
accident in the 1950s at Children’s Hospital at the 
University of Cincinnati, where DHA was being 
used to treat children with glycogen storage 
disease. When the DHA was accidentally spilled on 
the skin, it produced brown spots. 

The mechanism of the browning process 
involves the Maillard reaction, which was discov- 
ered by Louis-Camille Maillard in 1912. In this 
process amino acids react with sugars to create 
brown or golden-brown products. The same reac- 
tion is responsible for much of the browning that 
occurs during the manufacture and storage of foods. 
It is also the reason that beer is golden brown. 

The browning of skin occurs in the stratum 
corneum—the outermost, dead layer—where the 
DHA reacts with free amino (—NH)) groups of 
the proteins found there. 

DHA is present in most tanning lotions at con- 
centrations between 2% and 5%, although some 
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Self-tanning products and a close-up of a label showing 
the contents. 


products designed to give a deeper tan are more 
concentrated. Because the lotions themselves turn 
brown above pH 7, the tanning lotions are buff- 
ered at pH 5. 

Thanks to these new products, tanning is now 
both safe and easy. 
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When a tetrahedral carbon atom has 
four different substituents, there is no 


oY 


way that its mirror image can be super- 


imposed. The lower two forms show 
other possible orientations of the mole- 
cule. Compare these with the mirror 
image and note that they cannot be 
superimposed. 
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Figure 21.29 


The mirror-image optical isomers of 
glyceraldehyde. Note that these mirror 
images cannot be superimposed. 
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tain five carbon atoms (pentoses) or six carbon atoms (hexoses). One impor- 
tant hexose is fructose, a sugar found in honey and fruit. Its structure is 





CH,OH 
C=0 
HO—C—H 
H#C—OH 
H#C—OH 
CH,OH 
Fructose 


where the asterisks indicate chiral carbon atoms. In Section 19.4 we saw that 
molecules with nonsuperimposable mirror images exhibit optical isomerism. A 
carbon atom with four different groups bonded to it in a tetrahedral arrangement 
always has a nonsuperimposable mirror image (Fig. 21.28), which gives rise to a 
pair of optical isomers. For example, the simplest sugar, glyceraldehyde, 


H 
2 
i 
H=C—OH 
CH,OH 


which has one chiral carbon, has two optical isomers, as shown in Fig. 21.29. 

In fructose each of the three chiral carbon atoms satisfies the requirement 
of being surrounded by four different groups. This leads to a total of 2°, or 8, 
isomers that differ in their ability to rotate polarized light. The particular iso- 
mer whose structure is given above is called D-fructose. Generally, monosac- 
charides have one isomer that is more common in nature than the others. The 
most important pentoses and hexoses are shown in Table 21.8. 


Table 21.8 


Some Important Monosaccharides 
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Figure 21.30 
The cyclization of p-fructose. 





OWL INTERACTIVE EXAMPLE 21.9 


Determine the number of chiral carbon atoms in the following pentose: 





Ha P 
H—C—OH 
H—C—OH 
H—C—OH 
CH,OH 


Solution We must look for carbon atoms that have four different substituents. 
The top carbon has only three substituents and thus cannot be chiral. The three 
carbon atoms shown in blue each have four different groups attached to them: 























[H—c=o | 
H—C—OH 
H—C—OH| 

H-C-LOH 

CH,OH 


Since the fifth carbon atom has only three types of substituents (it has two 
hydrogen atoms), it is not chiral. 
Thus the three chiral carbon atoms in this pentose are those shown in blue: 





CH,OH 


Note that D-ribose and D-arabinose, shown in Table 21.8, are two of the eight 
isomers of this pentose. 


Although we have so far represented the monosaccharides as straight- 
chain molecules, they usually cyclize, or form a ring structure, in aqueous solu- 
tion. Figure 21.30 shows this reaction for fructose. Note that a new bond is 
formed between the oxygen of the terminal hydroxyl group and the carbon of 
the ketone group. In the cyclic form, fructose is a five-membered ring contain- 
ing a C—O—C bond. The same type of reaction can occur between a hydroxyl 
group and an aldehyde group, as shown for D-glucose in Fig. 21.31. In this 
case a six-membered ring is formed. 

More complex carbohydrates are formed by combining monosaccharides. 
For example, sucrose, common table sugar, is a disaccharide formed from glu- 
cose and fructose by elimination of water to form a C—O—C bond between 
the rings, which is called a glycoside linkage (Fig. 21.32). When sucrose is con- 
sumed in food, the preceding reaction is reversed. An enzyme in saliva cata- 
lyzes the breakdown of this disaccharide. 


Figure 21.31 

The cyclization of glucose. Two differ- 
ent rings are possible; they differ in the 
orientation of the hydroxyl group and 
hydrogen on one carbon, as indicated. 
The two forms are designated a and 
B and are shown here in two 
representations. 


Figure 21.32 
Sucrose is a disaccharide formed from 
a-b-glucose and fructose. 
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a-b-glucose ha = 
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| CH,OH 
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HO | 
H OH _—C AG 
@ OH? \ 
fi [/ CH,OH 
H oe “ 
Glycoside OH H 
linkage 


Sucrose 


Large polymers consisting of many monosaccharide units, called polysac- 
charides, can form when each ring forms two glycoside linkages, as shown in 
Fig. 21.32. Three of the most important of these polymers are starch, cellulose, 
and glycogen. All these substances are polymers of glucose, differing from each 
other in the nature of the glycoside linkage, the amount of branching, and 
molecular weight (molar mass). 

Starch, a polymer of a-D-glucose, consists of two parts: amylose, a straight- 
chain polymer of a-glucose [Fig. 21.33(a)], and amylopectin, a highly branched 
polymer of a-glucose with a molecular weight that is 10 to 20 times that of 
amylose. Branching occurs when a third glycoside linkage attaches a branch to 
the main polymer chain. 


. 
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(b) 


Figure 21.33 

(a) The polymer amylose is a major 
component of starch and is made up 
of a-p-glucose monomers. 

(b) The polymer cellulose, which con- 
sists of B-p-glucose monomers. 


Starch, the carbohydrate reservoir in plants, is the form in which glucose 
is stored by the plant for later use as cellular fuel. Glucose is stored in this high- 
molecular-weight form because it results in less stress on the plant’s internal 
structure by osmotic pressure. Recall from Section 17.6 that it is the concentra- 
tion of solute molecules (or ions) that determines the osmotic pressure. Com- 
bining the individual glucose molecules into one large chain keeps the concen- 
tration of solute molecules relatively low, minimizing the osmotic pressure. 

Cellulose, the major structural component of woody plants and natural 
fibers (such as cotton), is a polymer of B-p-glucose and has the structure shown 
in Fig. 21.33(b). Note that the B-glycoside linkages in cellulose give the glucose 
rings a different relative orientation than is found in starch. Although this dif- 
ference may seem minor, it has very important consequences. The human di- 
gestive system contains a-glycosidases, enzymes that can catalyze breakage 
of the a-glycoside bonds in starch. These enzymes are not effective on the 
B-glycoside bonds of cellulose, presumably because the different structure re- 
sults in a poor fit between the enzyme’s active site and the carbohydrate. The 
enzymes necessary to cleave B-glycoside linkages, the B-glycosidases, are found 
in bacteria that exist in the digestive tracts of termites, cows, deer, and many 
other animals. Thus, unlike humans, these animals can derive nutrition from 
cellulose. 

Glycogen, the main carbohydrate reservoir in animals, has a structure sim- 
ilar to that of amylopectin but with more branching. It is this branching that is 
thought to facilitate the rapid breakdown of glycogen into glucose when en- 
ergy is required. 


Nucleic Acids 


Life is possible only because each cell, when it divides, can transmit the vital 
information about how it works to the next generation. It has been known for 
a long time that this process involves the chromosomes in the nucleus of the 
cell. Only since 1953, however, have scientists understood the molecular basis 
of this intriguing cellular “talent.” 

The substance that stores and transmits the genetic information is a poly- 
mer called deoxyribonucleic acid (DNA), a huge molecule with a molecular 
weight as high as several billion grams per mole. Together with other similar 
nucleic acids called the ribonucleic acids (RNA), DNA is also responsible for 


O 
H H 
te 
for’ é |/ Ny 
TA 
OH H Deoxyribose 
(a) 
CH,O0H_LO 
YS eA CR 
H | |/ H 
bo ia 
OH OH Ribose 
(b) 
Figure 21.34 


The structure of the pentoses 

(a) deoxyribose and (b) ribose. 
Deoxyribose is the sugar molecule 
present in DNA; ribose is found in RNA. 


ie 


Uracil (U) 
RNA 
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NH, O 
2 HN i CH; 
ohn = 


Cytosine (C) Thymine (T) 
DNA DNA 
RNA 


ee, L ell 


Adenine (A) 


Figure 21.35 


Guanine (G) 
DNA 
RNA 


The organic bases found in DNA and RNA. 


the synthesis of the various proteins needed by the cell to carry out its life func- 
tions. The RNA molecules, which are found in the cytoplasm outside the nu- 
cleus, are much smaller than DNA polymers, with molecular weights of only 
20,000 to 40,000 grams per mole. 

The monomers of the nucleic acids, called nucleotides, are composed of 
three distinct parts: 


1. A five-carbon sugar, deoxyribose in DNA and ribose in RNA (Fig. 21.34) 


Figure 21.36 

(a) Adenosine is formed by the reaction 
of adenine with ribose. (b) The reaction 
of phosphoric acid with adenosine to 
form the ester adenosine 5-phosphoric 
acid, a nucleotide. (At biological pH, 
the phosphoric acid would not be fully 
protonated as is shown here.) 


Adenine 


Ribose 
(a) 


H,O N 


on | Ge 


Se OA) 


(c 

H Isl ZX 

Phosphoric acid i i i/ H 
/ \ 

OH OH 
Adenosine 


(b) 





2. <A nitrogen-containing organic base of the type shown in Fig. 21.35 
3. A phosphoric acid molecule (H3POx,) 


The base and the sugar combine as shown in Fig. 21.36(a) to form a unit that 
in turn reacts with phosphoric acid to create the nucleotide, which is an ester 


NH, 


1) 
HOCH, eee <a / 
i eee V \s . 


Oa OH 


Adenosine 


OH OH 


Adenosine 5-phosphoric acid 
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Figure 21.37 

A portion of a typical nucleic acid 
chain. Note that the backbone consists 
of sugar—phosphate esters. 


[see Fig. 21.36(b)]. The nucleotides become connected through condensation 
reactions that eliminate water to give a polymer of the type represented in Fig. 
21.37; such a polymer can contain a billion units. 

The key to DNA’s functioning is its double-helical structure with comple- 
mentary bases on the two strands. The bases form hydrogen bonds to each other, 
as shown in Fig. 21.38. Note that the structures of cytosine and guanine make 
them perfect partners for hydrogen bonding, and they are always found as pairs 
on the two strands of DNA. Thymine and adenine form similar hydrogen-bond- 
ing pairs. 

There is much evidence to suggest that the two strands of DNA unwind 
during cell division and that new complementary strands are constructed on 
the unraveled strands (Fig. 21.39). Because the bases on the strands always 
pair in the same way—cytosine with guanine and thymine with adenine—each 
unraveled strand serves as a template for attaching the complementary bases 
(along with the rest of the nucleotide). This process results in two double-helix 
DNA structures that are identical to the original one. Each new double strand 
contains one strand from the original DNA double helix and one newly synthe- 
sized strand. This replication of DNA allows for the transmission of genetic 
information as the cells divide. 

The other major function of DNA is protein synthesis. A given segment of 
the DNA, called a gene, contains the code for a specific protein. These codes 
transmit the primary structure of the protein (the sequence of amino acids) to 
the construction “machinery” of the cell. There is a specific code for each 
amino acid in the protein, which ensures that the correct amino acid will be 
inserted as the protein chain grows. A code consists of a set of three bases 
called a codon. 

DNA stores the genetic information, whereas RNA molecules are respon- 
sible for transmitting this information to the ribosomes, where protein synthe- 
sis actually occurs. This complex process involves, first, the construction of a 


3 aes ) 
, Adenine 
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Deoxyribose “ 
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oe 
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(c) 





Figure 21.38 

(a) The DNA double helix contains two sugar-phosphate backbones, with the bases from 
the two strands hydrogen-bonded to each other. The complementarity of the (b) thymine- 
adenine and (c) cytosine-guanine pairs. 
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Figure 21.39 

During cell division, the original DNA 
double helix unwinds, and new com- 
plementary strands are constructed on 
each original strand. 








A computer image of the base pairs of 
DNA. The blue lines represent the 
sugar—pnosphate backbone, and the 
colored bars represent the hydrogen 
bonding between the base pairs. 
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Old Old 





Old New New Old 


special RNA molecule called messenger RNA (mRNA). The mRNA is built in 
the cell nucleus on the appropriate section of DNA (the gene); the double helix 
is “unzipped,” and the complementarity of the bases is used in a process simi- 
lar to that used in DNA replication. The mRNA then migrates into the cyto- 
plasm of the cell, where, with the assistance of the ribosomes, the protein is 
synthesized. 

Small RNA fragments, called transfer RNA (tRNA), are tailored to find 
specific amino acids and then to attach them to the growing protein chain as 
dictated by the codons in the mRNA. Transfer RNA has a lower molecular 
weight than messenger RNA. It consists of a chain of 75 to 80 nucleotides, 
including the bases adenine, cytosine, guanine, and uracil, among others. The 
chain folds back onto itself in various places as the complementary bases along 
the chain form hydrogen bonds. The tRNA decodes the genetic message from 
the mRNA, using a complementary triplet of bases called an anticodon. The 
nature of the anticodon governs which amino acid will be brought to the pro- 
tein under construction. 

The protein is built in several steps. First, a tRNA molecule brings an 
amino acid to the mRNA [the anticodon of the tRNA must complement the 
codon of the mRNA (Fig. 21.40)]. Once this amino acid is in place, another 
tRNA moves to the second codon site of the mRNA with its specific amino 
acid. The two amino acids link via a peptide bond, and the tRNA on the first 
codon breaks away. The process is repeated down the chain, always matching 
the tRNA anticodon with the mRNA codon. 


Nucleus 





mRNA —> 





. 
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Figure 21.40 

The mRNA molecule, constructed from a specific gene on the DNA, is used as the pattern 
to construct a given protein with the assistance of ribosomes. The tRNA molecules attach 
to specific amino acids and put them in place as called for by the codons on the MRNA. 





Key Terms For Review 

Tee OWL ors (OREM 

organic chemistry Sign in at www.cengage.com/ow! to: 

Section 21.1 e View tutorials and simulations, develop problem-solving skills, and complete online homework 
assigned by your professor. 

hydrocarbons e¢ Download Go Chemistry mini lecture modules for quick review and exam prep from OWL 

saturated (or purchase them at www.cengagebrain.com) 

unsaturated 

alkanes Hydrocarbons 


normal (straight-chain or 

unbranched) hydrocarbons 
structural isomerism 
combustion reaction 
substitution reaction 
dehydrogenation reaction 
cyclic alkanes 


Section 22.2 

alkenes 

cis—trans isomerism 
alkynes 

addition reaction 
hydrogenation reaction 
halogenation 
polymerization 


Section 22.3 

aromatic hydrocarbons 
phenyl group 

Section 22.4 
hydrocarbon derivatives 
functional group 
alcohols 

phenol 

carbonyl group 





=» Compounds composed of mostly carbon and hydrogen atoms that 
typically contain chains or rings of carbon atoms 
a Alkanes 
a Contain compounds with only C—C single bonds 
= Can be represented by the formula C,,H>,,.> 
w Are said to be saturated because each carbon present is bonded to 
the maximum number of atoms (4) 
w The carbon atoms are described as being sp* hybridized 
a Their structural isomerism involves the formation of branched chains 
m React with O, to form CO, and H;O (called a combustion reaction) 
a Undergo substitution reactions 
a Alkenes 
a Contain one or more C=C double bonds 
# Simplest alkene is C,H, (ethylene), which is described as containing 
sp> hybridized carbon atoms 
= Restricted rotation about the C=C bonds in alkenes can lead to 
cis—trans isomerism 
a Undergo addition reactions 
a Alkynes 
= Contain one or more C=C triple bonds 
m Simplest example is CH) (acetylene), described as containing 
sp-hybridized carbon atoms 
a Undergo addition reactions 
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ketones 

aldehydes 

carboxylic acids 
carboxyl group 

ester 

amine 

Section 22.5 

polymer 

thermoset polymer 
thermoplastic polymer 
crosslinking 
vulcanization 

addition polymerization 
free radical 
condensation polymerization 
copolymer 
homopolymer 

dimer 

polyester 

isotactic chain 
syndiotactic chain 
atactic chain 
polystyrene 

polyvinyl chloride (PVC) 


Section 22.6 

proteins 

fibrous proteins 

globular proteins 
a-amino acids 

side chains 

dipeptide 

peptide linkage 
polypeptide 

primary structure 
secondary structure 
a-helix 

pleated sheet 
random-coil arrangement 
tertiary structure 
disulfide linkage 
denaturation 
carbohydrates 
monosaccharides (simple sugars) 
pentoses 

hexoses 

sucrose 

disaccharide 

glycoside linkage 

starch 

cellulose 

glycogen 
deoxyribonucleic acid (DNA) 
ribonucleic acid (RNA) 
nucleotides 

protein synthesis 

gene 

codon 

messenger RNA (mRNA) 
transfer RNA (tRNA) 


anticodon 





a Aromatic hydrocarbons 
= Contain rings of carbon atoms with delocalized 7 electrons 
a Undergo substitution reactions rather than addition reactions 


Hydrocarbon derivatives 
m Contain one or more functional groups 
« Alcohols: contain the —OH group 


~ 
m Aldehydes: contain a EO group 
H 


NX 
a Ketones: contain the ae group 


O 
Us 
a Carboxylic acids: contain the geek group 
OH 


Polymers 
a Large molecules formed from many small molecules (called monomers) 
s Addition polymerization: monomers add together by a free radical 
mechanism 
= Condensation polymerization: monomers connect by splitting out a 
small molecule, such as water 


Proteins 
a A class of natural polymers with molar masses ranging from 600 to 
1,000,000 
a Fibrous proteins form the structural basis of muscle, hair, and cartilage 
# Globular proteins perform many biologic functions, including trans- 
port and storage of oxygen, catalysis of biologic reactions, and regula- 
tion of biologic systems 
= Building blocks of proteins (monomers) are a-amino acids, which con- 
nect by a condensation reaction to form a peptide linkage 
= Protein structure 
a Primary: the order of amino acids in the chain 
w Secondary: the arrangement of the protein chain 
a a-helix 
= pleated sheet 
a Tertiary structure: the overall shape of the protein 


Carbohydrates 
= Contain carbon, hydrogen, and oxygen 
= Serve as food sources for most organisms 
s Monosaccharides are most commonly five-carbon and six-carbon 
polyhydroxy ketones and aldehydes 
=» Monosaccharides combine to form more complex carbohydrates, 
such as sucrose, starch, and cellulose 


Genetic processes 
a When a cell divides, the genetic information is transmitted via deoxyri- 
bonucleic acid (DNA), which has a double helical structure 
= During cell division, the double helix unravels and a new polymer 
forms along each strand of the original DNA 
= The genetic code is carried by organic bases that hydrogen-bond to 
each other in specific pairs in the interior of the DNA double helix 
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Exercises 





OWL Interactive versions of these problems may be assigned in OWL. 


A blue exercise number indicates that the answer to that exer- 
cise appears at the back of this book and a solution appears in 
the Solutions Guide. 


Hydrocarbons 


I 


nN 


What is a hydrocarbon? What is the difference between a 
saturated hydrocarbon and an unsaturated hydrocarbon? 
Distinguish between normal and branched hydrocarbons. 


. In the shorthand notation for cyclic alkanes, the hydro- 


gens are usually omitted. How do you determine the 
number of hydrogens bonded to each carbon in a ring 
structure? 


. Why are cyclopropane and cyclobutane so reactive? 


. What are aromatic hydrocarbons? Give a detailed de- 


scription of the bonding in benzene. The 7 electrons in 
benzene are delocalized, whereas the 7 electrons in simple 
alkenes and alkynes are localized. Explain the difference. 


. Draw all the structural isomers for CgH;¢ that have the 


following root name (longest carbon chain). Name the 
structural isomers. 

a. heptane 
b. hexane 


c. pentane 
d. butane 


. The normal (unbranched) hydrocarbons are often re- 


ferred to as the straight-chain hydrocarbons. To what 
does this name refer? Does this mean that all carbon at- 
oms in a straight-chain hydrocarbon actually have a lin- 
ear arrangement? Explain your answer. 


. Ageneral rule for a group of hydrocarbon isomers is that 


as the amount of branching increases, the boiling point 
decreases. Explain why this would be true. 


8. Name the five structural isomers of CgH4. 


10. 


. Draw the structural formula for each of the following. 


a. 3-isobutylhexane 

b. 2,2,4-trimethylpentane, also called isooctane. This 
substance is the reference (100 level) for octane 
ratings. 

c. 2-tert-butylpentane 

d. The names given in parts a and ¢ are incorrect. Give 
the correct names for these hydrocarbons. 


Draw the structure for 4-ethyl-2,3-diisopropylpentane. 
This name is incorrect. Give the correct systematic name. 


. Name each of the following. 











CH, 
a. CH; Uiters CH—CH,—CH; 
CH, CH, 
b. CH,—CH,—CH,— CH — CH, — CH, — CH, 
Me) ie a 


12. Name each of the following cyclic alkanes, and indicate 


UBe 


14. 








CH, CH, 
c. CH; : CH, i CH; 
ike be 
CH,— CH; 
d. CH; ; CH,— CH,— CH, — CH, — CH, 
Galea 


the formula of the compound. 


a ites 


CH, 





c. CH; CH,CH,CH,; 


CH, 


Name each of the following alkenes or alkynes. 


a. CH,—CH—CH,—CH; 
CH, 


b. C=CH—CH; 
CH,” 


CH, 


oe 
c. CH,;CH,CH—CH=CH—CH_ 


| 
CH, CHE — CH, 


CH, 





CH, 
| 
eG=G ca CH, 





CH, 


Give the structure for each of the following. 


a. 3-hexene 

b. 2,4-heptadiene 

c. 2-methyl-3-octene 
d. 4-methyl-1-pentyne 


CH, 


CH, 


> 


1S. Name each of the following. 
a, Cl CH> Cr CH — CH 
| 
Cl 
b. CH3CH2CH,CCl, 
CH: CH 
3\. 3 
c. cc cnc 
CH,” | \CH;CH, 
Al 
d. CH,;FCH2F 
e. CH;CHCH=CH, 
| 
I 
ff CH, Br 
g. CH; Br 
h. CE Br 

16. Give the structure for each of the following aromatic 

hydrocarbons. 

a. o-ethyltoluene 

b. p-di-tert-butylbenzene 
c. m-diethylbenzene 

d. 1-phenyl-2-butene 

17. Cumene is the starting material for the industrial produc- 

tion of acetone and phenol. The structure of cumene is 
c 
O-t 
CH; 
Give the systematic name for cumene. 
isomerism 

18. Distinguish between isomerism and resonance. Distin- 
guish between structural and geometric isomerism. 

19. A confused student was doing an isomer problem and 
listed the following six names as different structural iso- 
mers of C7Hy¢. 

a. 1-sec-butylpropane 

b. 4-methylhexane 

c. 2-ethylpentane 

d. 1-ethyl-1-methylbutane 

e. 3-methylhexane 

f. 4-ethylpentane 

How many different structural isomers are actually pres- 
ent in these six names? 

20. There is only one compound that is named 1,2-dichloro- 


ethane, but there are two distinct compounds that can be 
named 1,2-dichloroethene. Why? 


24. 


26. 
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. Which of the compounds in Exercise 13 exhibit cis—trans 


isomerism? 


. Which of the compounds in Exercise 14 exhibit cis—trans 


isomerism? 


23. Consider the following four structures: 


H H H 
py aa H Cm H 
“ee a aah Bar Cops 
=the H;C ye=e 
H H H H 
(i) (ii) 
H H H 
Se a a 
c= Wee Se 
< a 
H H H H 


(iii) (iv) 

a. Which of these compounds have the same physical 
properties (melting point, boiling point, density, and 
so on)? 

b. Which of these compounds are trans isomers? 

c. Which of these compounds do not exhibit cis—trans 
isomerism? 


Alkenes and cycloalkanes are structural isomers of each 
other. Give an example of each using C4Hs. Another 
common feature of alkenes and cycloalkanes is that both 
have restricted rotation about one or more bonds in the 
compound, so both can exhibit cis-trans isomerism. 
What is required for an alkene or cycloalkane to exhibit 
cis—trans isomerism? 


. Cis-trans isomerism is also possible in molecules with 


rings. Draw the cis and trans isomers of 1,2-dimethyl- 
cyclohexane. 


Draw the following. 

a. cis-2-hexene 

b. trans-2-butene 

c. cis-2,3-dichloro-2-pentene 


. Draw all the structural and geometric (cis—trans) isomers 


of C3H;Cl. 


. Draw all the structural and geometric (cis—trans) isomers 


of C4H;F. (Hint: Refer to Exercise 25.) 


29. Draw all the structural isomers of CsHjo. Ignore any cy- 


30. 


Bile 


clic isomers. Which of the structural isomers exhibit cis— 
trans isomerism? 


Draw all the structural and geometric (cis—trans) isomers 
of bromochloropropene. 


Name the following compounds. 
a. CH; Br 
SS Ye 


eae 
H H 
be Hse “ /CHOCHs 
nN 
CH,CH; CH,CH,CH, 
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Cc I 


| 
CH,CHCH, H 
; = 


C=C 
Jf S\ 

OLE CECH, I 
If one hydrogen in a hydrocarbon is replaced by a halo- 
gen atom, the number of isomers that exist for the sub- 
stituted compound depends on the number of types of 
hydrogen in the original hydrocarbon. Thus there is only 
one form of chloroethane (all hydrogens in ethane 
are equivalent), but there are two isomers of propane 
that arise from the substitution of a methyl hydrogen or 
a methylene hydrogen. How many isomers can be ob- 
tained when one hydrogen in each of the compounds 
named below is replaced by a chlorine atom? 
a. n-pentane 
b. 2-methylbutane 
c. 2,4-dimethylpentane 
d. methylcyclobutane 


There are three isomers of dichlorobenzene, one of 

which has now replaced naphthalene as the main con- 

stituent of mothballs. 

a. Identify the ortho, meta, and para isomers of 
dichlorobenzene. 

b. Predict the number of isomers for trichlorobenzene. 

c. The presence of one chlorine atom on a benzene ring 
will cause the next substituent to add ortho or para 
to the first chlorine atom on the benzene ring. What 
does this tell you about the synthesis of 
m-dichlorobenzene? 

d. Which of the isomers of trichlorobenzene will be the 
hardest to prepare? 


Polychlorinated dibenzo-p-dioxins, or PCDDs, are highly 
toxic substances that are present in trace amounts as by- 
products of some chemical manufacturing processes. 
They have been implicated in a number of environmental 
incidents—for example, the chemical contamination at 
Love Canal and the herbicide spraying in Vietnam. The 
structure of dibenzo-p-dioxin, along with the customary 
numbering convention, is 


i Oe, Be 
8 
7 
AO Ds 


The most toxic PCDD is 2,3,7,8-tetrachloro-dibenzo-p- 
dioxin. Draw the structure of this compound. Also draw 
the structures of two other isomers containing four chlo- 
rine atoms. 


Functional Groups 


}05 


O6s 


Carboxylic acids are often written as RCOOH. What 
does —COOH indicate, and what does R indicate? 
Aldehydes are sometimes written as RCHO. What does 
—CHO indicate? 


Alcohols and ethers are structural isomers of each other, 
as are aldehydes and ketones. Give an example of each 
to illustrate. Which functional group in Table 21.4 can 
be structural isomers of carboxylic acids? 


Ble 


38. 


Identify each of the following compounds as a carbox- 

ylic acid, ester, ketone, aldehyde, or amine. 

a. anthraquinone, an important starting material in the 
manufacture of dyes: 





! 
EnHO—G au) 1CH3 


CH; 
LOO 


Identify the functional groups present in the following 
compounds. 





OH 
CH, 
CH, 
a. 
O 
Testosterone 
CH,O X 
| 
b. HO CH 
Vanillin 
O 
| 
‘i C—OCH, 
| ee 
CEN on C—NH— CHCH, ()) 
CH, — ¢— OH 
O 
Aspartame 


. Mimosine is a natural product found in large quantities 


in the seeds and foliage of some legume plants. It has 
been shown to cause inhibition of hair growth as well as 
hair loss in mice. 


H H 
= NH, 
O N—CH,—CH—Co0,H 
ORG ser 


Mimosine (CgsHioN2O,) 


40. 


41. 


42. 


43. 


44, 


45. 


a. What functional groups are present in mimosine? 

b. Give the hybridization of the eight carbon atoms in 
mimosine. 

c. How many o and 7 bonds are found in mimosine? 


Minoxidil (CsH;;NsO) is a compound produced by the 
Pharmacia & Upjohn Company that has been approved 
as a treatment for some types of male pattern baldness. 


a. Would minoxidil be more soluble in acidic or basic 
aqueous solution? Explain. 

b. Give the hybridization of the five nitrogen atoms in 
minoxidil. 

c. Give the hybridization of each of the nine carbon 
atoms in minonidil. 

d. Give approximate values for the bond angles marked 
a, b, c, d, e, and f. 

e. Including all the hydrogen atoms, how many o bonds 
exist in minoxidil? 

f. How many 7 bonds exist in minoxidil? 

For each of the following alcohols, give the systematic 

name and specify whether the alcohol is primary, sec- 

ondary, or tertiary. 


Cl 


| 
a. CH, CHCH,CH 
OH 


CHCHCH, 
b. CHCCHLCH, 
OH 


Cc. 

OH 
Draw structural formulas for each of the following alco- 
hols. Indicate whether the alcohol is primary, secondary, 
or tertiary. 
a. 1-butanol 
b. 2-butanol 


Name all the alcohols that have the formula CsH,.O. 
How many ethers have the formula C;H,.O? 


c. 2-methyl-1-butanol 
d. 2-methyl-2-butanol 


Name all the aldehydes and ketones that have the for- 
mula C;5H490. 


Name the following compounds. 


rier) 
a. CH;CHCHCGH, 
Ci , CH; 


46. 


48. 


49, 


50. 
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O CH,CH, 
b. HCCHCHCH, 
CH, 


CH, 


Name the following compounds. 


O 
| 
CHILO 


ae 
b. Se aE eae Oa 
CH,CH,CH, 
cule OOr 


. Draw the structural formula for each of the following. 


a. formaldehyde (methanal) 
b. 4-heptanone 

c. 3-chlorobutanal 

d. 5,5-dimethyl-2-hexanone 


Draw a structural formula for each of the following. 
a. 3-methylpentanoic acid 

b. ethyl methanoate 

c. methyl benzoate 

d. 3-chloro-2,4-dimethylhexanoic acid 


Draw the isomer(s) specified. There may be more than 

one possible isomer for each part. 

a. acyclic compound that is an isomer of 
trans-2-butene 

. an ester that is an isomer of propanoic acid 

. a ketone that is an isomer of butanal 

. a secondary amine that is an isomer of butylamine 

. a tertiary amine that is an isomer of butylamine 

. an ether that is an isomer of 2-methyl-2-propanol 

. a secondary alcohol that is an isomer of 
2-methyl-2-propanol 


Go = O ©2 @ Jom 


Which of the following statements is (are) false? Explain 
why the statement(s) is (are) false. 
1 
a. CH;CH,CH,COCH; is a structural isomer of pen- 
tanoic acid. 
O CH, 
b. HCCH,CH,CHCH,; is a structural isomer of 
2-methyl-3-pentanone. 
c. CH3;CH,OCH)CH;CH; is a structural isomer of 
2-pentanol. 
d. Sek ee is a structural isomer of 2-butenal. 


OH 
e. Trimethylamine is a structural isomer of 
CH;CH2CH2NH). 
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The following organic compounds cannot exist. Why? 
. 2-chloro-2-butyne 

. 2-methyl-2-propanone 

. 1,1-dimethylbenzene 

. 2-pentanal 

. 3-hexanoic acid 

. 5,5-dibromo-1-cyclobutanol 


mo Qn oOo 


Mycomycin is a naturally occurring antibiotic produced 
by the fungus Nocardia acidophilus. The molecular for- 
mula of the substance is C;3Hj9O2, and its systematic 
name is 3,5,7,8-tridecatetraene-10,12-diynoic acid. Draw 
the structure of mycomycin. 


Reactions of Organic Compounds 


Sek 


54. 


nN 
nN 


56. 


“1 


58. 


Distinguish between substitution and addition reactions. 
Give an example of each type. 


Alkanes and aromatics are fairly stable compounds. To 
make them react, a special catalyst must be present. 
What catalyst must be present when reacting Cl, with an 
alkane or with benzene? Adding Cl, to an alkene or al- 
kyne does not require a special catalyst. Why are alkenes 
and alkynes more reactive than alkanes and aromatic 
compounds? 


. The following are some other organic reactions covered 


in Section 21.4. Give an example to illustrate each type 

of reaction. 

a. Adding HO to an alkene (in the presence of H*) 
yields an alcohol. 

b. Primary alcohols are oxidized to aldehydes, which 
can be further oxidized to carboxylic acids. 

c. Secondary alcohols are oxidized to ketones. 

d. Reacting an alcohol with a carboxylic acid (in the 
presence of H*) produces an ester. 


In the presence of light, chlorine can substitute for one (or 
more) of the hydrogens in an alkane. For the following 
reactions, draw the possible monochlorination products. 


a. 2,2-dimethylpropane + Cl, BLL. 

b. 1,3-dimethylcyclobutane + Cl, us 
h 

c. 2,3-dimethylbutane + Cl, ——_ 


. Complete the following reactions. 





CEL CHe=G HCH res 
b. CH, =CHCHCH =CH i — 
GH: 


FeCl 
rk O + Cl, —> 


Spark 
d. cw ee: ate O, palalate 


CH, 


CH, 


Reagents such as HCl, HBr, and HOH (HO) can add 
across carbon-carbon double and triple bonds, with H 
forming a bond to one of the carbon atoms in the mul- 
tiple bond and Cl, Br, or OH forming a bond to the 
other carbon atom in the multiple bond. In some cases, 


5) 


60. 


61. 


two products are possible. For the major organic prod- 
uct, the addition occurs so that the hydrogen atom in the 
reagent attaches to the carbon atom in the multiple bond 
that already has the greater number of hydrogen atoms 
bonded to it. With this rule in mind, draw the structure 
of the major product in each of the following reactions. 


H 
a. °CHCHCA=CHhs + 10 
b. CH;CH,CH=CH, + HBr —> 
Cc CH3CH,C=CH + 2HBr —~> 


Why is it preferable to produce chloroethane by the reac- 
tion of HCl(g) with ethene than by the reaction of Cl(g) 
with ethane? (See Exercise 58.) 


Give an example reaction that would yield the following 
products. Name the organic reactant and product in 
each reaction. 

. alkane 

. monohalogenated alkane 

. dihalogenated alkane 

. tetrahalogenated alkane 

. monohalogenated benzene 

. alkene 


ea oO 2 A (oP 


Using appropriate reactants, alcohols can be oxidized 
into aldehydes, ketones, and/or carboxylic acids. Pri- 
mary alcohols can be oxidized into aldehydes, which can 
then be oxidized into carboxylic acids. Secondary alco- 
hols can be oxidized into ketones. Tertiary alcohols do 
not undergo this type of oxidation. Give the structure of 
the product(s) resulting from the oxidation of each of the 
following alcohols. 

a. 3-methyl-1-butanol 

b. 3-methyl-2-butanol 

c. 2-methyl-2-butanol 


d. OH 
| 
Ove 
e. OH 
CH; 
ff OH 
HO GHs 
CH, 
| 
OH 








RCH 


63. 


64. 


6S. 


66. 


68. 


Draw the structures for the products of the following 


oxidation reactions. 
[ox] 


as, propanal ———> 
b. 2,3-dimethylpentanal ——> 
c. 3-ethylbenzaldehyde ——> 


Three different organic compounds have the formula 
C3HgO. Only two of these isomers react with KMnO, (a 
strong oxidizing agent). What are the names of the prod- 
ucts when these isomers react with excess KMnQ,? 


_lox), 


Give an example reaction that would yield the following 
products as major organic products. See Exercises 58 
and 61 for some hints. For oxidation reactions, just 
write oxidation over the arrow and don’t worry about 
the actual reagent. 


a. primary alcohol e. ketone 
b. secondary alcohol f. carboxylic acid 
c. tertiary alcohol g. ester 


d. aldehyde 


How would you synthesize each of the following? 

a. 1,2-dibromopropane from propene 

b. acetone (2-propanone) from an alcohol 

c. tert-butyl alcohol (2-methyl-2-propanol) from an 
alkene (see Exercise 58) 

d. propanoic acid from an alcohol 


What tests could you perform to distinguish between the 
following pairs of compounds? 
a. CH3;CH,CH,CH3, CH,=CHCH,CH;3 


b. O 
CH,CH,CH,COOH, ociean 

e O 
CH,CH,CH,OH, tiles 


d. CH;CH,NH2, CH3;0CH; 


7. Complete the following reactions. 


a. CH3CO,H =F CH30H a 

b. CH;CH»CH,OH + HCOOH — 

How would you synthesize the following esters? 
a. n-octylacetate 


O 
| 
b. CH,CH,CH,CH,CH,CH,0— CCH,CH, 


Polymers 


69. 


70. 


Define and give an example of each of the following. 
a. addition polymer d. homopolymer 

b. condensation polymer e. polyester 

c. copolymer f. polyamide 


What is polystyrene? The following processes result in a 
stronger polystyrene polymer. Explain why in each case. 
a. addition of catalyst to form syndiotactic polystyrene 
b. addition of 1,3-butadiene and sulfur 

c. producing long chains of polystyrene 

d. addition of a catalyst to make linear polystyrene 
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71. Answer the following questions regarding the formation 


of polymers. 

a. What structural features must be present in a 
monomer in order to form a homopolymer polyester? 

b. What structural features must be present in the 
monomers in order to form a copolymer polyamide? 
(Hint: Nylon is an example of a polyamide. When 
the monomers link together to form nylon, an amide 
functional group results from each linkage.) 

c. What structural features must be present in a 
monomer that can form both an addition polymer 
and a condensation polymer? 


72. What monomer(s) must be used to produce the follow- 


ae 


74. 


Lou 


ing polymers? 
a: i CH, 7 I—CH), ab ie 
F is n 





an ial I 
N Osh Ne Ot 0 





i i 
b. iro CH,— Ch C—O Cr Oh © n 





CH 


ee 


ae CH ‘a 


fle 


ea 





@) Js! fiat 
Ob tk 
H H 


(This polymer is Kodel, used to make fibers of stain- 
resistant carpeting.) 


Classify these polymers as condensation or addition 
polymers. Which are copolymers? 


Kel-F is a polymer with the structure 


ee AE bition 
eC] GG; C= CCG 


pred Mal ee Tis Oa Pe 
CLES CIN BC! cy, 





What is the monomer for Kel-F? 


The polymer nitrile is a copolymer made from acryloni- 
trile and butadiene; it is used to make automotive hoses 
and gaskets. Draw the structure of nitrile. (Hint: See 
Table 21.7.) 
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Polyaramid is a term applied to polyamides containing 
aromatic groups. These polymers were originally made 
for use as tire cords but have since found many other uses. 
a. Kevlar is used in bulletproof vests and many high- 
strength composites. The structure of Kevlar is 








i i i 
OOS OO) 
H H H 


Which monomers are used to make Kevlar? 
b. Nomex is a polyaramid used in fire-resistant cloth- 


ing. It is a copolymer of 


Draw the structure of the Nomex polymer. How do 
the structures of Kevlar and Nomex differ? 


The polyester formed from lactic acid, 
CH; ve CO,H 
OH 





is used for tissue implants and surgical sutures that will 
dissolve in the body. Draw the structure of a portion of 
this polymer. 


“Super glue” contains methyl cyanoacrylate, 


NC 
S 
eA 
O— CH; 


which readily polymerizes on exposure to traces of water 
or alcohols on the surfaces to be bonded together. The 
polymer provides a strong bond between the two sur- 
faces. Draw the structure of the polymer formed by 
methyl cyanoacrylate. 


Isoprene is the repeating unit in natural rubber. The 
structure of isoprene is 


CH; 


| 
CH,=C—CH=CH), 


a. Give a systematic name for isoprene. 
b. When isoprene is polymerized, two polymers of the 


form 
ia 
CH,—C=CH—CH,+ 


are possible. In natural rubber, the cis configuration 
is found. The polymer with the trans configuration 
around the double bond is called gutta percha and 
was once used in the manufacture of golf balls. 
Draw the structure of natural rubber and gutta 
percha showing three repeating units and the config- 
uration around the carbon-carbon double bonds. 


ter 


80. 


81. 


82. 


83. 


84. 


Polystyrene can be made more rigid by copolymerizing 
styrene with divinylbenzene, 


Ca—CEHs 


CH=CH) 


What purpose does the divinylbenzene serve? Why is the 
copolymer more rigid? 

Polyimides are polymers that are tough and stable at 
temperatures up to 400°C. They are used as a protective 
coating on the quartz fibers in fiber optics. What mono- 
mers are used to make the following polyimide? 


rf T I 7 
£ Cc Lc Cc 
N NN (ous) N MN 
dit och Hap Rete uo ea 
O O O O 


Polycarbonates are a class of thermoplastic polymers that 
are used in the plastic lenses of eyeglasses and in the shells 
of bicycle helmets. A polycarbonate is made from the re- 
action of bisphenol A (BPA) with phosgene (COCI,): 


ie 
OF O)-on) oe 
CH; 


Catalyst 
a 


n 


polycarbonate + 2nHCl 


Phenol (CgHsOH) is used to terminate the polymer (stop 

its growth). 

a. Draw the structure of the polycarbonate chain 
formed in the above reaction. 

b. Is this reaction a condensation or an addition 
polymerization? 

In which polymer, polyethylene or polyvinyl chloride, 

would you expect to find the stronger intermolecular 

forces, assuming that the average chain lengths are equal? 


When acrylic polymers are burned, toxic fumes are pro- 
duced. For example, in many airplane fires, more passen- 
ger deaths have been caused by breathing toxic fumes 
than by the fire itself. Using polyacrylonitrile as an exam- 
ple, what would you expect to be one of the most toxic, 
gaseous combustion products created in the reaction? 


Polyesters containing double bonds are often crosslinked 

by reacting the polymer with styrene. This type of reac- 

tion is common in the manufacture of fiberglass. 

a. Draw the structure of the copolymer of 
HO—CH,CH5—OH and 

HO,C—CH=CH—C0O,H 

b. Draw the structure of the crosslinked polymer (after 

the polyester has been reacted with styrene). 





85. Another way of producing highly crosslinked polyesters 
(see Exercise 84) is to use glycerol. Alkyd resins are a 
polymer of this type. The polymer forms very tough 
coatings when baked onto a surface and is used in paints 
for automobiles and large appliances. Draw the struc- 
ture of the polymer formed from the condensation of 


ae 
CH, — CH=CH} and C ) 
| | | 


OF. OF. OH 


CO3H 


COH 


Glycerol Phthalic acid 


Explain how individual polymer chains could be cross- 


linked. 
Natural Polymers 


86. In Section 21.6 three important classes of biologically 
important natural polymers are discussed. What are the 
three classes, what are the monomers used to form the 
polymers, and why are they biologically important? 

8”. Give the general formula for an amino acid. Some amino 


acids are labeled hydrophilic and some are labeled hy- 
drophobic. What do these terms refer to? 


88. Distinguish between the primary, secondary, and ter- 
tiary structures of a protein. Give examples of the types 
of forces that maintain each type of structure. 


89. Describe how denaturation affects the function of a 
protein. 


90. Aqueous solutions of amino acids are buffered solutions. 
Why? 

91. Which of the amino acids in Fig. 21.18 contain the fol- 
lowing functional groups in their R group? 
a. alcohol c. amine 
b. carboxylic acid d. amide 

92. When pure crystalline amino acids are heated, decompo- 
sition generally occurs before the solid melts. Account 
for this observation. (Hint: Crystalline amino acids exist 
as H;NCRHCOO , called zwitterions.) 


93. Aspartame, the artificial sweetener marketed under the 
name NutraSweet, is a methyl ester of a dipeptide. The 
structure of aspartame is 


° CO,CH; 


| 
EQN CHC -NH=CH—CH, C ) 


CH,CO2H 





a. What two amino acids are used to prepare 
aspartame? 

b. There is concern that methanol may be produced by 
the decomposition of aspartame. From what portion 
of the molecule can methanol be produced? Write an 
equation for this reaction. 
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94, Glutathione, a tripeptide found in virtually all cells, func- 
tions as a reducing agent. The structure of glutathione is 


O O 


| 
~OOCCHCH,CH,CNHCHCNHCH,COO- 
| 


| 
NH, CH,SH 
+ 


What amino acids make up glutathione? 


9S. Draw the structures of the two dipeptides that can be 
formed from serine and alanine. 


96. Draw the structures of the tripeptides gly-ala-ser and ser- 
ala-gly. How many other tripeptides are possible using 
these three amino acids? 


97. Write the sequence of all possible tetrapeptides com- 
posed of the following amino acids. 
a. two phenylalanines and two glycines 
b. two phenylalanines, glycine, and alanine 


98. How many different pentapeptides can be formed using 
five different amino acids? 


99, What types of interactions can occur between the side 
chains of the following amino acids that would help 
maintain the tertiary structure of a protein? 

a. cysteine and cysteine 

b. glutamine and serine 

c. glutamic acid and lysine 
d. proline and leucine 


100. Give examples of amino acids that could give rise to the 
interactions pictured in Fig. 21.25 that maintain the ter- 
tiary structures of proteins. 


101. Oxygen is carried from the lungs to tissues by the protein 
hemoglobin in red blood cells. Sickle cell anemia is a dis- 
ease resulting from abnormal hemoglobin molecules in 
which a valine is substituted for a single glutamic acid in 
normal hemoglobin. How might this substitution affect 
the structure of hemoglobin? 


102. All amino acids have at least two functional groups with 
acidic or basic properties. In alanine the carboxylic acid 
group has K, = 4.5 X 10°? and the amino group has 
K, = 7.4 X 10-°. Three ions of alanine are possible 
when alanine is dissolved in water. Which of these ions 
would predominate in a solution with [H*] = 1.0 M? in 
a solution with [OH | = 1.0 M? 


103. Monosodium glutamate (MSG) is commonly used as a 
flavoring in foods. Draw the structure of MSG. 


104. Over 100 different kinds of mutant hemoglobin mole- 
cules have been detected in humans. Unlike sickle cell 
anemia (see Exercise 101), not all of these mutations are 
as serious. In one nonlethal mutation, glutamine substi- 
tutes for a single glutamic acid in normal hemoglobin. 
Rationalize why this substitution is nonlethal. 


105. Draw cyclic structures for D-ribose and D-mannose. 


106. Indicate the chiral carbon atoms found in the monosac- 
charides D-ribose and D-mannose. 
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In addition to using numerical prefixes in the general 
names of sugars to indicate how many carbon atoms are 
present, we sometimes use the prefixes keto- and aldo- to 
indicate whether the sugar is a ketone or an aldehyde. For 
example, the monosaccharide fructose is often called a ke- 
tohexose to emphasize that it contains six carbons as well 
as the ketone functional group. For each of the monosac- 
charides shown in Table 21.8, classify the sugars as aldo- 
hexoses, aldopentoses, ketohexoses, or ketopentoses. 


Glucose can occur in three forms: two cyclic forms and 
one open-chain structure. In aqueous solution, only a 
tiny fraction of the glucose is in the open-chain form. Yet 
tests for the presence of glucose depend on reaction with 
the aldehyde group, which is found only in the open- 
chain form. Explain why these tests work. 


What is a disaccharide? What monosaccharide units 
make up the dissacharide sucrose? What is the bond 
called that forms between the monosaccharide units? 


Cows can digest cellulose, but humans can’t. Why not? 


What are the structural differences between a- and 
B-glucose? Each of these two cyclic forms of glucose is 
the building block to form two different polymers. 
Explain. 


What is optical isomerism? What do you look for to de- 
termine whether an organic compound exhibits optical 
isomerism? 1-bromo-1-chloroethane is optically active, 
whereas 1-bromo-2-chloroethane is not optically active. 
Explain. 

Which of the amino acids in Fig. 21.18 contain more 


than one chiral carbon atom? Draw the structures of 
these amino acids, and indicate all chiral carbon atoms. 


Why is glycine not optically active? 

Which of the noncyclic isomers of bromochloropropene 
is (are) optically active? 

How many chiral carbon atoms does the following 
structure have? 


CH,CHOH soy 


O 


The compounds adenine, guanine, cytosine, and thymine 
are called the nucleic acid bases. What structural fea- 
tures in these compounds make them bases? 


Describe the structural differences between DNA and 
RNA. Describe the complementary base pairing between 
the two individual strands of DNA that forms the overall 
double-helical structure. How is complementary base 
pairing involved in the replication of the DNA molecule 
during cell division? 


Part of a certain DNA sequence is G-G-T-C-T-A-T-A-C. 
What is the complementary sequence? 


120. 


ged 


Ze 


123: 


124. 


125; 


126. 


The codons (words) in DNA that identify which amino 
acid should be in a protein are three bases long. How 
many such three-letter words can be made from the four 
bases adenine, cytosine, guanine, and thymine? 


Which base will hydrogen-bond with uracil within an 
RNA molecule? Draw the structure of this base pair. 


Tautomers are molecules that differ in the position of a 
hydrogen atom. A tautomeric form of thymine has the 
structure 


If this tautomer, rather than the stable form of thymine, 
were present in a strand of DNA during replication, 
what would be the result? 


The base sequences in mRNA that code for certain 
amino acids are 


Glu: GAA, GAG 

Val: GUU, GUC, GUA, GUG 
Met: AUG 

Trp: UGG 

Phe: UUU, UUC 

Asp: GAU, GAC 


These sequences are complementary to the sequences in 

DNA. 

a. Give the corresponding sequences in DNA for the 
amino acids listed above. 

b. Give a DNA sequence that would code for the 
peptide trp-glu-phe-met. 

c. How many different DNA sequences can code for 
the peptide in part b? 

d. What is the peptide that is produced from the DNA 
sequence T-A-C-C-T-G-A-A-G? 

e. What other DNA sequences would yield the same 
tripeptide as in part d? 

The change of a single base in the DNA sequence for 

normal hemoglobin can encode for the abnormal hemo- 

globin, giving rise to sickle cell anemia. Which base in 

the codon for glu in DNA is replaced to give the codon(s) 

for val? (See Exercises 101 and 123.) 


The deletion of a single base from a DNA molecule can 
be a fatal mutation. Substitution of one base for another 
is often not as serious a mutation. Why? 


The average molar mass of one base pair of nucleotides 
in DNA is approximately 600 g/mol. The spacing be- 
tween successive base pairs is about 0.34 nm, and a com- 
plete turn in the helical structure of DNA occurs about 
every 3.4 nm. If a DNA molecule has a molar mass of 
4.5 x 10’ g/mol, approximately how many complete 
turns exist in the DNA a-helix structure? 
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127. Is octanoic acid more soluble in 1 M HCl, 1 M NaOH, 


128. 


130. 


132: 


oS) 


. Ethylene oxide, 


or pure water? Explain. Drugs such as morphine 
(Ci7Hj9O3N) are often treated with strong acids. The 
most commonly used form of morphine is morphine hy- 
drochloride (Cj7H2903NCl). Why is morphine treated in 
this way? (Hint: Morphine is an amine.) 


Sorbic acid is used to prevent mold and fungus growth in 
some food products, especially cheeses. The systematic 
name for sorbic acid is 2,4-hexadienoic acid. Draw 
structures for the four geometric isomers of sorbic acid. 


. When toluene (Cs,H;CH3) reacts with chlorine gas in the 


presence of an iron(II) catalyst, the product is a mixture 
of the ortho and para isomers of CsH4CICH3. However, 
when the reaction is light-catalyzed with no Fe?* catalyst 
present, the product is CsH;CH>Cl. Explain. 


Consider the reaction to produce the ester methyl 
acetate: 


O 
I I 
CHLOH = CH7COH —— CH. COCH, + H5O 
Methyl 
acetate 


When this reaction is carried out with CH;OH contain- 
ing radioactive oxygen-18, the water produced does not 
contain oxygen-18. Explain the results of this radioiso- 
tope tracer experiment. 


. A compound containing only carbon and hydrogen is 


85.63% C by mass. Reaction of this compound with 
HO produces a secondary alcohol as the major product 
and a primary alcohol as the minor product (see Exercise 
58). If the molar mass of the hydrocarbon is between 
50 g/mol and 60 g/mol, name the compound. 


Poly(lauryl methacrylate) is used as an additive in motor 
oils to counter the loss of viscosity at high temperature. 


The structure is 
e 
Wate 3 


€ 
eS 
O O—(CH)2)11CH3 


The long hydrocarbon chain of poly(lauryl methacry- 
late) makes the polymer soluble in oil (a mixture of hy- 
drocarbons with mostly 12 or more carbon atoms). At 
low temperatures the polymer is coiled into balls. At 
higher temperatures the balls uncoil and the polymer ex- 
ists as long chains. Explain how this helps control the 
viscosity of oil. 

CH» CH2 

O 


is an important industrial chemical. Although most 
ethers are unreactive, ethylene oxide is quite reactive. It 
resembles C,H, in its reactions in that many addition 


- reactions occur across the C—O bond. 


134. 


(N35) 


136. 
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a. Why is ethylene oxide so reactive? (Hint: Consider 
the bond angles in ethylene oxide as compared with 
those predicted by the VSEPR model.) 

b. Ethylene oxide undergoes addition polymerization, 
forming a polymer used in many applications requir- 
ing a non-ionic surfactant. Draw the structure of this 
polymer. 

The Amoco Chemical Company has successfully raced a 

car with a plastic engine. Many of the engine parts, in- 

cluding piston skirts, connecting rods, and valve-train 
components, are made of a polymer called Torlon: 


What monomers are used to make this polymer? 


A urethane linkage occurs when an alcohol adds across 
the carbon-nitrogen double bond in an isocyanate: 


O 
R—O—H + O=C=N—R’ —> RO-CN-R’ 
ii 
Alcohol Isocyanate Urethane 


Polyurethanes are formed from the copolymerization of 
a diol with a diisocyanate. Polyurethanes are used in 
foamed insulation and a variety of other construction 
materials. What is the structure of the polyurethane 
formed by the following reaction? 


HOCH,CH,OH + O=C=N : N=C=O0 —> 


Stretch a rubber band while holding it gently to your 

lips. Then slowly let it relax while still in contact with 

your lips. 

a. What happens to the temperature of the rubber band 
on stretching? 

b. Is the stretching an exothermic or endothermic 
process? 

c. Explain the above result in terms of intermolecular 
forces. 

d. What is the sign of AS and AG for stretching the 
rubber band? 

e. Give the molecular explanation for the sign of AS for 
stretching. 


Consider the compounds butanoic acid, pentanal, 
n-hexane, and 1-pentanol. The boiling points of these 
compounds (in no specific order) are 69°C, 103°C, 
137°C, and 164°C. Match the boiling points to the cor- 
rect compound. 
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Consider the following five compounds. 
a. CH3;CH,CH),CH2CH;3 
b. OH 
CH,CH,CH,CH, 
c. CH;CH,CH,CH,CH2CH; 
d. O 
CH .CH,CH,CH 
e3 CH, 
CH,CCH, 
CH, 


The boiling points of these five compounds are 9.5°C, 
36°C, 69°C, 76°C, and 117°C. Which compound boils at 
36°C? Explain. 


Consider the following polymer: 


O 


T ] 
¢-(C)-C-0-CHy-CH,—0 


n 





Is this polymer a homopolymer or a copolymer, and is it 
formed by addition polymerization or condensation po- 
lymerization? What is (are) the monomer(s) for this 
polymer? 


For the following formulas, what types of isomerism 
could be exhibited? For each formula, give an example 
that illustrates the specific type of isomerism. The types 
of isomerism are structural, geometric, and optical. 

a. C,H b. C;H,2.0 C. C,H4Br> 


What is wrong with the following names? Give the cor- 

rect name for each compound. 

a. 2-ethylpropane 

b. S-iodo-5,6-dimethylhexane 

c. cis-4-methyl-3-pentene 

d. 2-bromo-3-butanol 

a. Use bond energies (Table 13.6) to estimate AH for 
the reaction of two molecules of glycine to form a 
peptide linkage. 

b. Would you predict AS to favor the formation of 
peptide linkages between two molecules of glycine? 

c. Would you predict the formation of proteins to be a 
spontaneous process? 


The reaction to form a phosphate-ester linkage between 
two nucleotides can be approximated as follows: 





aa 
\ 
sugar —-O—P;-OH + HO—CH)—sugar —> 
at oe 
? 
sugar —O j O— GH)>— sugar + H,O 
O 


Would you predict the formation of a dinucleotide from 
two nucleotides to be a spontaneous process? 


144. Considering your answers to Exercises 142 and 143, 


146. 


148. 


149, 


how can you justify the existence of proteins and nucleic 
acids in light of the second law of thermodynamics? 


_ The structure of tartaric acid is 


OF Or 


| | 
HO,C—CH—CH—CO,H 





a. Is the form of tartaric acid pictured below optically 
active? Explain. 


OH OH 
eu, 
C—C, 
HORG. ewe 
Pils COOH 


Note: The dashed lines show groups directed behind 
the plane of the page. The wedges show groups 
directed in front of the plane of the page. 

b. Draw the optically active forms of tartaric acid. 


In glycine, the carboxylic acid group has K, = 4.3 X 10-° 
and the amino group has K, = 6.0 X 10~°. Use these 
equilibrium constant values to calculate the equilibrium 
constants for the following. 
a. EENGHS CO; = ELO 

== H,NCH,CO, + H;0+t 
b. HJNCH,CO,” + H20 





—=» HSNCHSGOs7HEHOH- 
2H* + H,NCH,CO,7 





(es *H3NCH,CO,H 





7. The isoelectric point of an amino acid is the pH at which 


the molecule has no net charge. For glycine, that would 
be the pH at which virtually all glycine molecules are in 
the form *H;NCH,CO),~. If we assume that the princi- 
pal equilibrium is 


2*H3;NCH,CO,7 
—— FDNCEH CO ps + ~H;NCH,CO>H (i) 


then at equilibrium 
[H,NCH2CO, | = [*H;NCH,CO>H] (ii) 


Use this result and your answer to part c of Exercise 146 
to calculate the pH at which Equation (ii) is true. This 
will be the isoelectric point of glycine. 

Nylon is named according to the number of C atoms 
between the N atoms in the chain. Nylon-46 has 4 C 
atoms then 6 C atoms, and this pattern repeats. Nylon-6 
always has 6 atoms in a row. Speculate as to why ny- 
lon-46 is stronger than nylon-6. (Hint: Consider the 
strengths of interchain forces.) 


A chemical “breathalyzer” test works because ethyl alco- 
hol in the breath is oxidized by the dichromate ion (or- 
ange) to form acetic acid and chromium(III) ion (green). 
The balanced reaction is 


3C,HsOH(aq) + 2Cr2077 (aq) + 2H* (aq) ——> 
3HC)H30,(aq) + 4Cr3* (aq) + 11H,O(I) 


You analyze a breathalyzer test in which 4.2 mg of 
K,Cr,O7 was reduced. Assuming the volume of the 
breath was 0.500 L at 30.°C and 750. mm Hg, what was 
the mole percent alcohol of the breath? 


Challenge Problems 


Challenge Problems 1077 
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Alcohols are very useful starting materials for the pro- 
duction of many different compounds. The following 
conversions, starting with 1-butanol, can be carried out 
in two or more steps. Show the steps (reactants/catalysts) 
you would follow to carry out the conversions, drawing 
the formula for the organic product in each step. For 
each step, a major product must be produced. 


See Exercise 58. (Hint: In the presence of H*, an alcohol 
is converted into an alkene and water. This is the exact 
reverse of the reaction of adding water to an alkene to 
form an alcohol.) 

a. 1-butanol ——> butane 

b. 1-butanol ——> 2-butanone 


. Consider a sample of a hydrocarbon at 0.959 atm and 


298 K. Upon combusting the entire sample in oxygen, 
you collect a mixture of gaseous carbon dioxide and wa- 
ter vapor at 1.51 atm and 375 K. This mixture has a 
density of 1.391 g/L and occupies a volume four times as 
large as that of the pure hydrocarbon. Determine the 
molecular formula of the hydrocarbon and name it. 


. Using one of the Lewis structures for benzene (C¢H,g), 


estimate AH? for C,H¢(g) using bond energies and given 
that the standard enthalpy of formation of C(g) is 
717 kJ/mol. The experimental AH? value for CgH¢(g) is 
83 kJ/mol. Explain the discrepancy between the experi- 
mental value and the calculated AH; value for CsH¢(g). 


. Consider the following reactions. For parts b-d, refer- 


ence Exercise 58. 

a. When C;H) is reacted with Cl,(g) in the presence of 
ultraviolet light, four different monochlorination 
products form. What is the structure of C;H) in this 
reaction? 

b. When CyHsg is reacted with HO, a tertiary alcohol is 
produced as the major product. What is the struc- 
ture of C4Hg in this reaction? 

c. When C-H), is reacted with HCl, 1-chloro-1- 
methylcyclohexane is produced as the major 
product. What are the two possible structures for 
C-H) in this reaction? 

d. When a hydrocarbon is reacted with HO and the 
major product of this reaction is then oxidized, 
acetone (2-propanone) is produced. What is the 
structure of the hydrocarbon in this reaction? 

e. When C5H,20 is oxidized, a carboxylic acid is pro- 
duced. What are the possible structures for C;H,.O 
in this reaction? 


ABS plastic is a tough, hard plastic used in applications 

requiring shock resistance. (See Section 21.5 of the text.) 

The polymer consists of three monomer units: acryloni- 

trile (C3H3N), butadiene (C4Hg), and styrene (CsHs). 

a. Draw two repeating units of ABS plastic assuming 
the three monomer units react in a 1:1:1 mole ratio 


156; 


and react in the same order as the monomers previ- 
ously listed. 

b. A sample of ABS plastic contains 8.80% N by mass. 
It took 0.605 g of Br) to react completely with a 
1.20-g sample of ABS plastic. What is the percent by 
mass of acrylonitrile, butadiene, and styrene in this 
polymer sample? 

c. ABS plastic does not react in a 1:1:1 mole ratio 
between the three monomer units. Using the results 
from part b, determine the relative numbers of the 
monomer units in this sample of ABS plastic. 


). Consider the titration of 50.0 mL of 1.0 M glycine hy- 


drochloride [(H3NCH,COOH)Cl], with 1.0 M NaOH. 

For ‘H;NCH,COOH, K, for the carboxylic acid group 

is 4.3 X 10-3 and K,, for the amino group is 6.0 X 10°. 

a. Calculate the pH after 25.0 mL, 50.0 mL, and 
75.0 mL of NaOH has been added. Hint: Refer to 
Section 8.7 of the text, and treat the titration of 
*H3;NCH,COOH as a diprotic acid titration. 

b. Sketch the titration curve and indicate the major 
amino acid species present after 0.0 mL, 25.0 mL, 
50.0 mL, 75.0 mL, and 100.0 mL of 1.0 M NaOH 
have reacted completely. Assume the initial pH is 1.2 
and the pH at the second equivalence point is 11.7. 

c. At what pH do the majority of amino acid molecules 
have a net charge of zero? This pH is called the iso- 
electric point. 

d. At what pH is the net charge of the major amino 
acid species present equal to +4? —4? 

In 1994 chemists at Texas A&M University reported the 


synthesis of a non-naturally occurring amino acid (C & E 
News, April 18, 1994, pp. 26-27): 


HN CH 


Ee 
C— 6 


x 
CO,H 


H 


\ 
CH,SCH; 


a. To which naturally occurring amino acid is this 
compound most similar? 

b. A tetrapeptide, phe-met-arg-phe—NH), is synthe- 
sized in the brains of rats addicted to morphine and 
heroin. (The —NH)j indicates that the peptide ends 
in O instead of —CO)H.) The TAMU 


CNH) 

scientists synthesized a similar tetrapeptide, with the 
synthetic amino acid above replacing one of the 
original amino acids. Draw a structure for the tetra- 
peptide containing the synthetic amino acid. 

c. Indicate the chiral carbon atoms in the synthetic 
amino acid. 

d. Draw the geometric isomers for this synthetic amino 
acid. (Hint: Refer to Exercise 25.) 
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Appendix One | 


Mathematical Procedures 


A1.1 Exponential Notation 


The numbers characteristic of scientific measurements are often very large or 
very small; thus it is convenient to express them by using powers of 10. For 
example, the number 1,300,000 can be expressed as 1.3 X 10°, which means 
multiply 1.3 by 10 six times: 


133 SK 1G! = 11.3 S< IO S< 110 « 110) 3K 110) 3 IO. XX 11 


10° = 1 milhon 





Note that each multiplication by 10 moves the decimal point one place to the 
right, and the easiest way to interpret the notation 1.3 X 10° is that it means 
move the decimal point in 1.3 to the right six times. 

In this notation the number 1985 can be expressed as 1.985 X 103. Note 
that the usual convention is to write the number that appears before the power 
of 10 as a number between 1 and 10. Some other examples are given below. 





Number Exponential Notation 
5.6 5/625 10° of 5.6 Xl 
oy SO 10) 
943 9.43 x 102 
1126 i126 <1 07 


To represent a number smaller than 1 in exponential notation, start with a 
number between 1 and 10 and divide by the appropriate power of 10: 

a4 oA 

10 10108 10° 





0.0034 = = 34x 10° 


Division by 10 moves the decimal point one place to the /eft. Thus the number 
0.00000014 can be written as 1.4 X 10°”. 
To summarize, we can write any number in the form 


N x 10=” 


where N is between 1 and 10 and the exponent 7 is an integer. If the sign pre- 
ceding 7 is positive, it means the decimal point in N should be moved 1 places 
to the right. If a negative sign precedes 1, the decimal point in N should be 
moved n places to the left. 


Multiplication and Division 
When two numbers expressed in exponential notation are multiplied, the ini- 
tial numbers are multiplied and the exponents of 10 are added: 


(M x 10”)(N x 10") = (MN) x 10”*” 
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For example, 
(3.2 X 104)(2.8 x 10) = 9.0 X 10’ 


When the numbers are multiplied, if a result greater than 10 is obtained for the 
initial number, the number is adjusted to conventional notation: 


(5.8 X 102)(4.3 X 108) = 24.9 x 101° = 2.49 x 1011 = 2.5 x 10" 


Division of two numbers expressed in exponential notation involves nor- 
mal division of the initial numbers and subtraction of the exponent of the divi- 
sor from that of the dividend. For example, 


4.810% 4.8 
Dl<el Ot al 


$$$ $$ 





x 10-3) = 2.3 x 10° 


‘\_ Divisor 


Addition and Subtraction 

When we add or subtract numbers expressed in exponential notation, the ex- 
ponents of the numbers must be the same. For example, to add 1.31 * 10° and 
4.2 X 104, rewrite one number so that the exponents of both are the same: 


1 Fe A ho 10 
+ 4.2 x 10+ 
17x 10* 


In correct exponential notation, the result is expressed as 1.73 X 10°. 


Powers and Roots 

When a number expressed in exponential notation is taken to some power, the 
initial number is taken to the appropriate power and the exponent of 10 is 
multiplied by that power: 


(N x 10")" = Nx 10" 
For example,* 
(7.5 X 107)? = 7.5? < 1072 = 422 x 10° = 422 x 16 
= 4.2 X 108 (rounded to 2 significant figures) 


When a root is taken of a number expressed in exponential notation, the 
root of the initial number is taken and the exponent of 10 is divided by the 
number representing the root: 


N /N x 10” = (N x 10*)12 = /N x 1072 


For example, (2.9° 3 109)2 = V729 6 10S 4 


Because the exponent of the result must be an integer, we may sometimes have 
to change the form of the number so that the power divided by the root equals 
an integer; for example, 


V1.9 X 10° = (1.9 x 103)! = (0.19 x 104)12 


=\/ 019 107 = 0.44 110 
= 4.4 x 10! 





“Refer to the instruction booklet for your calculator for directions concerning how to take roots 
and powers of numbers. 


A1.2 Logarithms A3 


The same procedure is followed for roots other than square roots; for example, 
14.6 X 10! = (4.6 X 101)18 = (46 x 109)18 
= W/46 x 103 = 3.6 x 103 


A1.2 Logarithms 


A logarithm is an exponent. Any number N can be expressed as follows: 


N = 10* 
For example, 1000 = 10% 
100 = 102 
10 = 10! 
1 = 10° 


The common, or base 10, logarithm of a number is the power to which 10 
must be taken to yield that number. Thus, since 1000 = 10°, 


log 1000 = 3 

Similarly, log 100 = 2 
log 10 = 1 

log 1=0 


For a number between 10 and 100, the required exponent of 10 will be be- 
tween 1 and 2. For example, 65 = 101!!?; that is, log 65 = 1.8129. For a 
number between 100 and 1000, the exponent of 10 will be between 2 and 3. 
For example, 650 = 1078!?? and log 650 = 2.8129. 

A number N greater than 0 and less than 1 can be expressed as follows: 














N=10%= 
10* 
F l Oar ties al sass 
or example, : 10000 103 
1 1 
01 =—~=—,5 = 10° 
me 1002 10° i 
1 1 
ere 10>! 
Set meet! 
Thus log 0.001 = —3 
log 0.01 = —2 
log 0.1 = -1 


Although common logs are often tabulated, the most convenient method 
for obtaining such logs is to use a calculator. 

Since logs are simply exponents, they are manipulated according to the 
rules for exponents. For example, if A = 10* and B = 10, then their product is 


A+B =10*- 10" = 10° 
and log AB=x + y= log A + log B 


Hs Aids 10% 
For division we have B10 
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Figure A1.1 
Graph of the linear equation 
y= 3x+ 4. 





A 
and LO wa) ee Cee 


For a number raised to a power, we have 


An = (10*)" = 10™ 


and log A” = nx =n log A 
1 
It follows that log vos log A” = —n log A 
1 
or form = 1, log a = —log A 


When a common log is given, to find the number it represents, we must 
carry out the process of exponentiation. For example, if the log is 2.673, then 
N = 102-73, The process of exponentiation is also called taking the antilog, or 
the inverse logarithm, and is easily carried out by using a calculator. 

A second type of logarithm, the natural logarithm, is based on the number 
2.7183, which is referred to as e. In this case a number is represented as 
N = e& = 2.7183*. For example, 


INE lee 
lim AUS = 42 = 167 


If a natural logarithm is given, to find the number it represents, we must 
carry out exponentiation to the base e (2.7183) by using a calculator. 


A1.3 Graphing Functions 


In the interpretation of the results of a scientific experiment, it is often useful 
to make a graph. It is usually most convenient to graph the function in a form 
that gives a straight line. The equation for a straight line (a linear equation) can 
be represented by the general form 


y=mx+b 


where y is the dependent variable, x is the independent variable, m is the slope, 
and b is the intercept with the y axis. 
As an illustration of the characteristics of a linear equation, the function 
y = 3x + 4 is plotted in Fig. A1.1. For this equation, m = 3 and b = 4. Note 
that the y intercept occurs when x = 0. In this case the intercept is 4, as can be 
seen from the equation (b = 4). 
The slope of a straight line is defined as the ratio of the rate of change in y 
to that in x: 
Ay 
m = slope = — 
: Ax 
For the equation y = 3x + 4, y changes three times as fast as x (since x has a 
coefficient of 3). Thus the slope in this case is 3. This can be verified from the 
graph. For the triangle shown in Fig. A1.1: 
Ay 24 
Slope == == =3 
Pe Ax 8 
Sometimes an equation that is not in standard form can be changed to the 
form y = mx + b by rearrangement or mathematical manipulation. An exam- 
ple is the equation k = Ae 8", where A, E,, and R are constants, k is the 





Intercept = In A 


Ink 





a 
if) 


Figure A1.2 
Graph of In k versus 1/T. 





A1.4 Solving Quadratic Equations A5 


dependent variable, and 1/T is the independent variable. This equation can be 
changed to standard form by taking the natural logarithm of both sides, 





A E 

in ea eAeee eid Ip pee SH, A 

n n Ae n ne n RT 

noting that the log of a product is equal to the sum of the logs of the individual 

terms and that the natural log of e~*’8" is simply the exponent —E,/RT. Thus 
in standard form the equation k = Ae "8? is written 


le ff Al 
Ink = —-—|(—=)+I1nA 
ons R (=) eure! 
(fae 
y t t b 
m Xe 


A plot of In k versus 1/T (see Fig. A1.2) gives a straight line with slope —E,/R 
and intercept In A. 

Of course, many relationships that arise from the description of natural 
systems are nonlinear, and the “slope” of a curve is continuously changing. In 
this case the instantaneous slope is given by the tangent to the curve at that 
point, which is described by a new function obtained by taking the derivative 
of the original function. For example, for the function in x, f = ax’, the deriva- 
tive (df/dx) is 2ax. Thus the slope at each point on the curve defined by the 
function ax? is given by 2ax. 


A1.4 Solving Quadratic Equations 
A quadratic equation, a polynomial in which the highest power of x is 2, can 
be written as 


ax? + bx +c=0 


One method for finding the two values of x that satisfy a quadratic equation is 
to use the quadratic formula: 


—b + Vb? — 4ac 
2a 
where a, b, and c represent the coefficients of x* and x and the constant, respec- 
tively. For example, in the determination of [H*] ina solution of 1.0 x 10°*M 
acetic acid, the following expression arises: 





eS 


2 





% 
1.8 X 10° = 
: Y LOXM10T Sax 
which yields Roto tO ae — bo Oe =) 


where a = 1,b = 1.8 X 10, and c = —1.8 x 10°. Using the quadratic for- 
mula, we have 


—b+Vb* — 4ac 











2a 
Pek Ser 9/304<10- = (41.8 5410) 
rt 2(1) 
eA 
and x= een = SS ey ca hae) 
= (Rea Oe 
or x= WareaitY oS e'57 a OO 
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Note that there are two roots, as there always will be for a polynomial in x’. 
In this case x represents a concentration of H* (see Section 7.5). Thus the posi- 
tive root is the one that solves the problem, since a concentration cannot be a 
negative number. 

A second method for solving quadratic equations is by successive approxi- 
mations, a systematic method of trial and error. A value of x is guessed and 
substituted into the equation everywhere x (or x’) appears, except for one 
place. For example, for the equation 


x2 + (1.8 X 1075)x — 1.8 x 10°? = 0 
we might guess x = 2 X 10°. Substituting that value into the equation gives 
x2 + (1.8 x 10-5)(2 x 10-5) — 1.8 x 10°? = 0 
or y= 1:8:X 107%= 36% 10 8 S14 «107 
Thus x= 37 X10 


Note that the guessed value of x (2 * 107°) is not the same as the value of x 

that is calculated (3.7  10~>) after inserting the estimated value. This means 

that x = 2 X 10~° is not the correct solution, and we must try another guess. 
We take the calculated value (3.7 X 107°) as our next guess: 


AP (158° 10°47 < 10-5) — 1.8 X 107 = 0 
x = 128 10816 10 tO 
Thus x = 3.3 x 10° 
Now we compare the two values of x again: 
Guessed: * = 3.7 ~ 10 
Calculatedsmmex = 3339 An 


These values are closer but still not identical. 
Next, we try 3.3 X 10~° as our guess: 


ne” (18: <-10 3.5 10“) —_ Le 10 
eel 8) X 10 5-9 0 2 = 122 < 10-7 


Thus Pees ROK Hi (NY 
Compare: 
Guessed: ns a ea ed 


Caleulacedsy ix =3.5 10," 
Next, we guess x = 3.5 X 10°, which leads to 
x + (1.8 X10 V6.5 10) = 1.8 x 107 =—0 
KSA BAO? 6.3 X10 i 12 < 102 
Thus C23. S105 
Now the guessed value and the calculated value are the same; we have found 
the correct solution. Note that this agrees with one of the roots found with the 
quadratic formula in the first method above. 

To further illustrate the method of successive approximations, we will 
solve Example 7.9 by using this procedure. In solving for [H*] for 0.010 M 
H,SO,, we obtain the following expression: 

x(0.010 + x) 


T2el0ee— 
0.010 — x 
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Figure A1.3 


Measurement of volume using a buret. 


The volume is read at the bottom of 
the liquid curve (called the meniscus). 


A1.5 Uncertainties in Measurements A7 


which can be rearranged to give 


x = (1.2 X 10-4 = =) 


0.010 + x 


We will guess a value for x, substitute it into the right side of the equation, and 
then calculate a value for x. In guessing a value for x, we know it must be less 
than 0.010, since a larger value would make the calculated value for x negative 
and the guessed and calculated values will never match. We start by guessing 
x = 0.005. 

The results of the successive approximations are shown in the following 
table: 





Guessed Calculated 
Trial Value for x Value for x 
1 0.0050 0.0040 
2 0.0040 0.0051 
3 0.00450 0.00455 
4 0.00452 0.00453 


Note that the first guess was close to the actual value and that there was oscil- 
lation between 0.004 and 0.005 for the guessed and calculated values. For trial 
3, an average of these values was used as the guess, and this led rapidly to the 
correct value (0.0045 to the correct number of significant figures). Also note 
that it is useful to carry extra digits until the correct value is obtained, which is 
then rounded off to the correct number of significant figures. 

The method of successive approximations is especially useful for solving 
polynomials containing x to a power of 3 or higher. The procedure is the same 
as for quadratic equations: Substitute a guessed value for x into the equation 
for every x term but one, and then solve for x. Continue this process until the 
guessed and calculated values agree. 


A1.5 Uncertainties in Measurements 


The number associated with a measurement is obtained by using some measur- 
ing device. For example, consider the measurement of the volume of a liquid in 
a buret, as shown in Fig. A1.3, where the scale is greatly magnified. The vol- 
ume is about 22.15 mL. Note that the last number must be estimated by inter- 
polating between the 0.1-mL marks. Since the last number is estimated, its 
value may vary depending on who makes the measurement. If five different 
people read the same volume, the results might be as follows: 


Person Result of Measurement 
1 Dae voriale 
2 22.14 mL 
3 22.16 mL 
4 DRANG oallls 
5 22.16 mL 


Note from these results that the first three numbers (22.1) remain the same 
regardless of who makes the measurement; these are called certain digits. How- 
ever, the digit to the right of the 1 must be estimated and thus varies; it is called 
an uncertain digit. We customarily report a measurement by recording all the 
certain digits plus the first uncertain digit. In our example it would not make 
any sense to try to record the volume to thousandths of a milliliter because the 
value for hundredths of a milliliter must be estimated when using the buret. 
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Figure A1.4 

Shooting targets show the difference 
between precise and accurate. 

(a) Neither accurate nor precise (large 
random errors). (b) Precise but not 
accurate (small random errors, large 
systematic error). (c) Bull’s-eye! Both 
precise and accurate (small random 
errors, NO systematic error). 


It is very important to realize that a measurement always has some degree 
of uncertainty. The uncertainty of a measurement depends on the precision of 
the measuring device. For example, using a bathroom scale, you might estimate 
that the mass of a grapefruit is about 1.5 pounds. Weighing the same grapefruit 
ona highly precise balance might produce a result of 1.476 pounds. In the first 
case the uncertainty occurs in the tenths of a pound place; in the second case the 
uncertainty occurs in the thousandths of a pound place. Suppose we weigh two 
similar grapefruit on the two devices and obtain the following results: 


Bathroom Scale Balance 
Grapefruit 1 15515 1.476 |b 
Grapefruit 2 1.5 |b 1.518 Ib 


Do the two grapefruits have the same mass? The answer depends on which set 
of results you consider. Thus a conclusion based on a series of measurements 
depends on the certainty of those measurements. For this reason, it is impor- 
tant to indicate the uncertainty in any measurement. This is done by always 
recording the certain digits and the first uncertain digit (the estimated number). 
These numbers are called the significant figures of a measurement. 

The convention of significant figures automatically gives an indication of 
the uncertainty in a measurement. The uncertainty in the last number (the esti- 
mated number) is usually assumed to be +1 unless otherwise indicated. For 
example, the measurement 1.86 kilograms can be interpreted to mean 1.86 + 
0.01 kilograms. 


Precision and Accuracy 

Two terms often used to describe uncertainty in measurements are precision 
and accuracy. Although these words are frequently used interchangeably in 
everyday life, they have different meanings in the scientific context. Accuracy 
refers to the agreement of a particular value with the true value. Precision re- 
fers to the degree of agreement among several measurements of the same quan- 
tity. Precision reflects the reproducibility of a given type of measurement. The 
difference between these terms is illustrated by the results of three different 
target practices shown in Fig. A1.4. 

Two different types of errors are also introduced in Fig. A1.4. A random 
error (also called an indeterminate error) means that a measurement has an 
equal probability of being high or low. This type of error occurs in estimating 
the value of the last digit of a measurement. The second type of error is called 
systematic error (or determinate error). This type of error occurs in the same 
direction each time; it is either always high or always low. Figure A1.4(a) indi- 
cates large random errors (poor technique). Figure A1.4(b) indicates small ran- 
dom errors but a large systematic error, and Fig. A1.4(c) indicates small ran- 
dom errors and no systematic error. 

In quantitative work precision is often used as an indication of accuracy; 
we assume that the average of a series of precise measurements (which should 
“average out” the random errors because of their equal probability of being 
high or low) is accurate, or close to the “true” value. However, this assump- 
tion is valid only if systematic errors are absent. Suppose we weigh a piece of 
brass five times on a very precise balance and obtain the following results: 


Weighing Result 


1 2.486 g 
} 2.487 g 
3 2.485 g 
4 2.484 g 
5 2.488 g 
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Normally, we would assume that the true mass of the piece of brass is very 
close to 2.486 grams, which is the average of the five results. However, if the 
balance has a defect causing it to give a result that is consistently 1.000 gram 
too high (a systematic error of +1.000 gram), then 2.486 grams would be seri- 
ously in error. The point here is that high precision among several measure- 
ments 1s an indication of accuracy only if you can be sure that systematic errors 
are absent. 


Expression of Experimental Results 

The accuracy of a measurement refers to how close it is to the true value. An 
inaccurate result occurs as a result of some flaw (systematic error) in the mea- 
surement: the presence of an interfering substance, incorrect calibration of an 
instrument, operator error, and so on. The goal of chemical analysis is to elimi- 
nate systematic error, but random errors can only be minimized. In practice, an 
experiment is almost always done in order to find an unknown value (the true 
value is not known—someone is trying to obtain that value by doing the ex- 
periment). In this case the precision of several replicate determinations is used 
to assess the accuracy of the result. The results of the replicate experiments are 
expressed as an average (which we assume is close to the true value) with an 
error limit that gives some indication of how close the average value may be to 
the true value. The error limit represents the uncertainty of the experimental 
result. 

To illustrate this procedure, consider a situation that might arise in the phar- 
maceutical industry. Assume that the specification for a commercial 500-mg 
acetaminophen (the active painkiller in Tylenol) tablet is that each batch of tab- 
lets must contain 450 to 550 mg of acetaminophen per tablet. Suppose that 
chemical analysis gave the following results for a batch of acetaminophen tab- 
lets: 428, 479, 442, and 435 mg. How can these results be used to decide whether 
the batch of tablets meets the specification? Although the details of how to draw 
such conclusions from measured data are beyond the scope of this discussion, we 
will consider some aspects of this process. We will focus here on the types of 
experimental uncertainty, the expression of experimental results, and a simpli- 
fied method for estimating experimental uncertainty when several types of mea- 
surements contribute to the final result. 

There are two common ways of expressing an average: the mean and the 
median. The mean (x) is the arithmetic average of the results, or 





PR WP hg Pe 
Mean =x = = : 2 = 
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where > means take the sum of the values. The mean is equal to the sum of all 
the measurements divided by the number of measurements. For the acetamino- 
phen results given previously, the mean is 

428 + 479 + 442 + 435 


x= a = 446 mg 





The median is the value that lies in the middle among the results. Half of 
the measurements are above the median and half are below the median. For 
results of 465, 485, and 492 mg, the median is 485 mg. When there is an even 
number of results, the median is the average of the two middle results. For the 
acetaminophen results, the median is 


442 + 435 


5 = 439 mg 


There are several advantages to using the median. If a small number of 
measurements is made, one value can greatly affect the mean. Consider the re- 
sults for the analysis of acetaminophen: 428, 479, 442, and 435 mg. The mean 
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is 446 mg, which is larger than three of the four results. The median is 439 mg, 
which lies near the three values that are relatively close to one another. 

In addition to expressing an average value for a series of results, we must 
also express the uncertainty. This usually means expressing either the precision 
of the measurements or the observed range of the measurements. The range of 
a series of measurements is defined by the smallest value and the largest value. 
For the analytical results on the acetaminophen tablets, the range is from 
428 to 479 mg. Using this range, we can express the results by saying that the 
true value lies between 428 and 479 mg. That is, we can express the amount of 
acetaminophen in a typical tablet as 446 + 33 mg, where the error limit is 
chosen to give the observed range (approximately). 

The most common way to specify precision is by the standard deviation s, 
which for a small number of measurements is given by the formula 


where x; is an individual result, x is the average (either mean or median), and 1 
is the total number of measurements. For the acetaminophen example, we have 


(428 — 446)? + (479 — 446)? + (442 — 446)? + (435 — 446)?]!” 


= =23 
: 7 





Thus we can say that the amount of acetaminophen in a typical tablet in the 
batch of tablets is 446 mg with a sample standard deviation of 23 mg. Statisti- 
cally, this means that any additional measurement has a 68% probability 
(68 chances out of 100) of being between 423 mg (446 — 23) and 469 mg 
(446 + 23). Thus the standard deviation is a measure of the precision of a 
given type of measurement. 

In scientific calculations it is also useful to be able to estimate the precision 
of a procedure that involves several measurements by combining the precisions 
of the individual steps. That is, we want to answer the following question: 
How do the uncertainties propagate when we combine the results of several 
different types of measurements? There are many ways to deal with the propa- 
gation of uncertainty. We will discuss one simple method below. 


Worst-Case Method for Estimating Experimental Uncertainty 

To illustrate this method, we will consider the determination of the density of 
an irregularly shaped solid. In this determination we make three measurements. 
First, we measure the mass of the object on a balance. Next, we must obtain the 
volume of the solid. The easiest method for doing this is to partially fill a gradu- 
ated cylinder with a liquid and record the volume. Then we add the solid and 
record the volume again. The difference in the measured volumes is the volume 
of the solid. We can then calculate the density of the solid from the equation 


where M is the mass of the solid, V, is the initial volume of liquid in the gradu- 
ated cylinder, and V, is the volume of liquid plus solid. Suppose we get the 
following results: 


M = 23.06 g 
V; = 10.4 mL 
Vp213805 mL 
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The calculated density is 


23.06 g 
1335 mlY=04mL 





= 7.44 g/mL 


Now suppose that the precision of the balance used is +0.02 g and that the 
volume measurements are precise to +0.05 mL. How do we estimate the un- 
certainty of the density? We can do this by assuming a worst case. That is, we 
assume the largest uncertainties in all measurements, and we see what combi- 
nations of measurements will give the largest and smallest possible results (the 
greatest range). Since the density is the mass divided by the volume, the largest 
value of the density will be that obtained by using the largest possible mass and 
the smallest possible volume: 





Largest possible mass = 23.06 + 0.02 
ra 
23.08 
Diss = 7.69 g/mL 
Sem eS sy > SOE g 
Za IS 
Smallest possible V; Largest possible V, 


The smallest value of the density is 


Smallest possible mass 





Z 
23.04 
Dyin = = 7.2 |W 
ERG ete 
ZA iS 
Largest possible V> Smallest possible V; 


Thus the calculated range is from 7.20 to 7.69, and the average of these values 
is 7.45. The error limit is the number that gives the high and low range values 
when added and subtracted from the average. Therefore, we can express the 
density as 7.45 + 0.25 g/mL, which is the average value plus or minus the 
quantity that gives the range calculated by assuming the largest uncertainties. 

Analysis of the propagation of uncertainties is useful in drawing qualita- 
tive conclusions from the analysis of measurements. For example, suppose that 
we obtained the preceding results for the density of an unknown alloy and we 
want to know if it is one of the following alloys: 


Alloy A: D = 7.58 g/mL 
Alloy B: D = 7.42 g/mL 
Alloy C: D = 8.56 g/mL 


We can safely conclude that the alloy is not C. But the values of the densities 
for alloys A and B are both within the inherent uncertainty of our method. 
To distinguish between A and B, we need to improve the precision of our de- 
termination. The obvious choice is to improve the precision of the volume 
measurement. 

The worst-case method is useful for estimating the maximum uncertainty 
expected when the results of several measurements are combined to obtain a 
result. We assume the maximum uncertainty in each measurement and then 
calculate the minimum and maximum possible results. These extreme values 
describe the range and thus the maximum error limit associated with a particu- 
lar determination. 
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Values of t for 90% and 95% 
Confidence Levels 
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Values of t for 
Confidence Intervals 


90% 


6.31 
Des 
UGS) 
Bells) 
2.02 
1S, 
1.90 
1.86 
1.83 


95% 


WALA 
4.30 
3.18 
Mefhss 
Mei 
2.45 
2.36 
Jee 33il 
2.26 


Confidence Limits 

A more sophisticated method for estimating the uncertainty of a particular 
type of determination involves the use of confidence limits. A confidence limit 
is defined as 


ts 


; Sal Slo 
Confidence limit aa 


where t = a weighting factor based on statistical analysis 


s = the standard deviation 


n = the number of experiments carried out 


In this context an experiment may refer to a single type of measurement 
(for example, weighing an object) or to a procedure that requires various types 
of measurements to obtain a given final result (for example, obtaining the per- 
centage of iron in a particular sample of iron ore). Some representative values 
of t are listed in Table A1.1. 

A 95% confidence level means that the true value (the average obtained 
if the experiment were repeated an infinite number of times) will lie within 
+ts/Wn of the observed average (obtained from n experiments) with a 95% 
probability (95 of 100 times). Thus the factor +ts/Vn represents an error limit 
for a given set of results from a particular type of experiment. Thus we might 
represent the result of m determinations as 


as ts 
16 2 = 
Van 
where x is the average of the results from the 7 experiments. This type of error 
limit is expected to be considerably smaller than that obtained from a worst- 
case analysis. 
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Calculating the final result for an experiment usually involves adding, sub- 
tracting, multiplying, or dividing the results of various types of measurements. 
Thus it is important to be able to estimate the uncertainty in the final result. 
In the previous section we have considered this process in some detail. A 
closely related matter concerns the number of digits that should be retained in 
the result of a given calculation. In other words, how many of the digits in the 
result are significant (meaningful) relative to the uncertainty expected in the 
result? From statistical analyses of how uncertainties accumulate when arith- 
metic operations are carried out, rules have been developed for determining 
the correct number of significant figures in a final result. First, we must con- 
sider how to count the number of significant figures (digits) represented in a 
particular number. 


Rules for Counting Significant Figures (Digits) 


1. Nonzero integers. Nonzero integers always count as significant figures. 


2. Zeros. There are three classes of zeros: 


a. Leading zeros are zeros that precede all the nonzero digits. They do not 
count as significant figures. In the number 0.0025 the three zeros sim- 
ply indicate the position of the decimal point. This number has only 
two significant figures. 


b. Captive zeros are zeros between nonzero digits. They always count as 
significant figures. The number 1.008 has four significant figures. 
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c. Trailing zeros are zeros at the right end of the number. They are signifi- 
cant only if the number contains a decimal point. The number 100 has 
only one significant figure, whereas the number 1.00 X 10? has three 
significant figures. The number one hundred written as 100. also has 
three significant figures. 


Exact numbers. Many times calculations involve numbers that were not 
obtained by using measuring devices but were determined by counting: 
10 experiments, 3 apples, 8 molecules. Such numbers are called exact 
numbers. They can be assumed to have an infinite number of significant 
figures. Other examples of exact numbers are the 2 in 27r (the circumfer- 
ence of a circle) and the 4 and the 3 in tar (the volume of a sphere). Exact 
numbers can also arise from definitions. For example, one inch is defined 
as exactly 2.54 centimeters. Thus, in the statement 1 in = 2.54 cm, nei- 
ther the 2.54 nor the 1 limits the number of significant figures when used 
in a calculation. 


The following rules apply for determining the number of significant figures 


in the result of a calculation. 


Rules for Significant Figures in Mathematical Operations* 


bi 


For multiplication or division the number of significant figures in the result 
is the same as the number in the least precise measurement used in the 
calculation. For example, consider this calculation: 


Corrected 
4.56 *1.4= 6:38 ——> 6.4 
t - 
Limiting term has Two significant 
two significant figures 
figures 


The correct product has only two significant figures, since 1.4 has two 
significant figures. 


For addition or subtraction the result has the same number of decimal 
places as the least precise measurement used in the calculation. For exam- 
ple, consider the following sum: 


ease 
18.0 <Limiting term has one decimal place 
1.013 
= Corrected 
S23 eee ts 
One decimal place 
The correct result is 31.1, since 18.0 has only one decimal place. 


Note that for multiplication and division significant figures are counted. 


For addition and subtraction the decimal places are counted. 


In most calculations you will need to round off numbers to obtain the cor- 


rect number of significant figures. The following rules should be applied for 
rounding. 





* Although these rules work well for most cases, they can give misleading results in certain cases. 
For a discussion of this, see L. M. Schwartz, “Propagation of Significant Figures,” J. Chem. Ed. 62 
(1985):693. 
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Rules for Rounding 
1. Ina series of calculations, carry the extra digits through to the final result, 
then round off.* 
2. If the digit to be removed't 
a. is less than 5, the preceding digit stays the same. For example, 1.33 
rounds to 1.3. 


b. is equal to or greater than 5, the preceding digit is increased by 1. For 
example, 1.36 rounds to 1.4. 


When rounding, use only the first number to the right of the last significant 
figure. Do not round off sequentially. For example, the number 4.348 when 
rounded to two significant figures is 4.3, not 4.4. 
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Units of Measurement and Conversions 
Among Units 


A2.1 Measurements 


Making observations is fundamental to all science. A quantitative observation, 
or measurement, always consists of two parts: a number and a scale (a unit). 
Both parts must be present for the measurement to be meaningful. 

The two most widely used systems of units are the English system used in 
the United States and the metric system used by most of the rest of the indus- 
trialized world. This duality obviously causes a good deal of trouble; for ex- 
ample, parts as simple as bolts are not interchangeable between machines built 
using the different systems. As a result, the United States has begun to adopt 
the metric system. 

For many years, most scientists worldwide have used the metric system. In 
1960 an international agreement established a system of units called the Ivter- 
national System (le Systeme International in French), abbreviated SI. This sys- 
tem is based on the metric system and the units derived from the metric system. 
The fundamental SI units are listed in Table A2.1. 

Because the fundamental units are not always convenient (expressing the 
mass of a pin in kilograms is awkward), the SI system uses prefixes to change 
the size of the unit. These prefixes are listed in Table A2.2. 


Table A2.1 
The Fundamental S! Units 











Physical Quantity Name of Unit Abbreviation 
Mass kilogram kg 

Length meter m 

Time second S 
Temperature Kelvin K 

Electric current ampere A 

Amount of substance mole mol 
Luminous intensity candela cd 











*This practice will not usually be followed in the examples in this text because we want to show 
the correct number of significant figures in each step. However, in the answers to the end-of- 
chapter exercises, only the final answer is rounded. 

tThis procedure is consistent with the operation of calculators. 
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Table A2.2 
The Prefixes Used in the SI System 











Exponential 
Prefix Symbol Meaning Notation* 
exa E 1,000,000,000,000,000,000 1012 
peta IP 1,000,000,000,000,000 Oe 
tera a 1,000,000,000,000 10% 
giga G 1,000,000,000 10° 
mega M 1,000,000 10° 
kilo k 1000 10 
hecto  h 100 10? 
deka da 10 10! 
— — 1 10° 
decid 0.1 10-3 
centi Cc 0.01 10m 
milli m 0.001 102 
micro 0.000001 105° 
nano n 0.000000001 10z 
pico p 0.000000000001 1072 
femto f 0.000000000000001 10g2> 
atto a 0.000000000000000001 10-38 








*The most common notations are shown in bold. See Appendix A1.1 if you need a review of 
exponential notation. 


One physical quantity that is very important in chemistry is volume, 
which is not a fundamental SI unit; it is derived from length. A cube with di- 
mensions of 1 m on each edge has a volume of (1 m)? = 1 m’. Then, recogniz- 
ing that there are 10 decimeters (dm) in a meter, the volume of the cube is 
(10 dm)? = 1000 dm?. A cubic decimeter, dm?, is commonly called a liter (L), 
which is a unit of volume slightly larger than a quart. Similarly, since 1 dm 
equals 10 centimeters (cm), the liter (1 dm)? contains 1000 cm, or 1000 mil- 
liliters (mL). 


A2.2 Unit Conversions 
It is often necessary to convert results from one system of units to another. The 
most common way of converting units is by the unit factor method, more com- 
monly called dimensional analysis. To illustrate the use of this method, we will 
look at a simple unit conversion. 

Consider a pin measuring 2.85 cm in length. What is its length in inches? 
To solve this problem, we must use the equivalence statement 


2.54 cm = 1 in (exactly) 
If we divide both sides of this equation by 2.54 cm, we get 
2.54 Col = i= lin 
2.54cm = 2.54cm 
Note that the expression 1 in/2.54 cm equals 1. This expression is called a unit 
factor. Since 1 in and 2.54 cm are exactly equivalent, multiplying any expres- 
sion by this unit factor will not change its value. 
The pin has a length of 2.85 cm. Multiplying this length by the unit factor 
gives 
iim 255 
= i 
1.54cm 2.54 





DES orci im = iQ 
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STEPS 





Note that the centimeter units cancel to give inches for the result. This is ex- 
actly what we wanted to accomplish. Note also that the result has three signifi- 
cant figures, as required by the number 2.85. Recall that the 1 and 2.54 in the 
conversion factor are exact numbers by definition. 


Converting from One Unit to Another 


1 To convert from one unit to another, use the equivalence statement that 
relates the two units. 

2 Derive the appropriate unit factor by noting the direction of the required 
change (to cancel the unwanted units). 

3 Multiply the quantity to be converted by the unit factor to give the quan- 
tity with the desired units. 


In dimensional analysis your verification that everything has been done 
correctly is that the correct units are obtained in the end. In doing chemistry 
problems, you should always include the units for the quantities used. Always 
check to see that the units cancel to give the correct units for the final result. 
This provides a very valuable check, especially for complicated problems. 
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Although volumetric and gravimetric analyses are still commonly used, spec- 
troscopy is the technique most often used for modern chemical analysis. Spec- 
troscopy is the study of electromagnetic radiation emitted or absorbed by a 
given chemical species. Since the quantity of radiation absorbed or emitted can 
be related to the quantity of the absorbing or emitting species present, this 
technique can be used for quantitative analysis. There are many spectroscopic 
techniques, since electromagnetic radiation spans a wide range of energies to 
include microwaves, X rays, and ultraviolet, infrared, and visible light, to name 
a few of its familiar forms. However, we will consider here only one procedure, 
which is based on the absorption of visible light. 

If a liquid is colored, it is because some component of the liquid absorbs 
visible light. In a solution the greater the concentration of the light-absorbing 
substance, the more light is absorbed, and the more intense is the color of the 
solution. 

The quantity of light absorbed by a substance can be measured by a spec- 
trophotometer, shown schematically in Fig. A3.1. This instrument consists of 
a source that emits all wavelengths of light in the visible region (wavelengths of 
~400-700 nm); a monochromator, which selects a given wavelength of light; 
a sample holder for the solution being measured; and a detector, which com- 
pares the intensity of incident light Ip with the intensity of light after it has 
passed through the sample I. The ratio I/Ip, called the transmittance, is a mea- 
sure of the fraction of light that passes through the sample. The amount of 
light absorbed is given by the absorbance A, where 

I 


A —log 
0 


The absorbance can be expressed by the Beer-Lambert law: 


A =.elc 


Figure A3.1 

A schematic diagram of a simple spec- 
trophotometer. The source emits all 
wavelengths of visible light, which are 
dispersed by using a prism or grating 
and then focused, one wavelength at a 
time, onto the sample. The detector 
compares the intensity of the incident 
light (/o) with the intensity of the light after 
it has passed through the sample (/). 
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Source Monochromator Sample Detector 


where € is the molar absorptivity or the molar extinction coefficient (in L mol”! 
cm~!), / is the distance the light travels through the solution (in cm), and c is 
the concentration of the absorbing species (in mol/L). The Beer-Lambert law is 
the basis for using spectroscopy in quantitative analysis. If e and / are known, 
determining A for a solution allows us to calculate the concentration of the 
absorbing species in the solution. 

Suppose we have a pink solution containing an unknown concentration of 
Co** (aq) ions. A sample of this solution is placed in a spectrophotometer, and 
the absorbance is measured at a wavelength where e for Co**(aq) is known to 
be 12 L mol"! cm™!. The absorbance A is found to be 0.60. The width of the 
sample tube is 1.0 cm. We want to determine the concentration of Co**(aq) in 
the solution. This problem can be solved by a straightforward application of 
the Beer-Lambert law, 


A =‘elc 
0.60 
102 1b, 


mol cm 


where A 


= light path = 1.0 cm 
Solving for the concentration gives 


c= ss = pret = 5.0 X 10-2 mol/L 


et (12 an) cm) 


mol cm 





To obtain the unknown concentration of an absorbing species from the 
measured absorbance, we must know the product e/, since 


A 


ral 


We can obtain the product e/ by measuring the absorbance of a solution of 
known concentration, since 


Measured using a 
¥Y spectrophotometer 


\ Known from making 
up the solution 


However, a more accurate value of the product e/ can be obtained by plotting 
A versus c for a series of solutions. Note that the equation A = lc gives a 
straight line with slope e/ when A is plotted against c. 
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Figure A3.2 

A plot of absorbance versus concen- 
tration of MnO, in a series of solutions 
of known concentration. 


For example, consider the following typical spectroscopic analysis. A sample 
of steel from a bicycle frame is to be analyzed to determine its manganese con- 
tent. The procedure involves weighing out a sample of the steel, dissolving it in 
strong acid, treating the resulting solution with a very strong oxidizing agent to 
convert all the manganese to permanganate ion (MnQ,_), and then using spec- 
troscopy to determine the concentration of the intensely purple MnO, ions in 
the solution. To do this, however, the value of e/ for MnO, must be determined 
at an appropriate wavelength. The absorbance values for four solutions with 
known MnO, concentrations were measured to give the following data: 


Concentration of 


Solution MnO,” (mol/L) Absorbance 
1 70 0RX<sOm Oe) 
2, 100 < 1054 0.250 
3 ADD XE 1O 0.500 
4 SO) SS MO 0.875 


A plot of absorbance versus concentration for the solutions of known concen- 
tration is shown in Fig. A3.2. The slope of this line (change in A/change in c) is 
2.48 X 10° L/mol. This quantity represents the product el. 

A sample of the steel weighing 0.1523 g was dissolved, and the unknown 
amount of manganese was converted to MnO," ions. Water was then added to 
give a solution with a final volume of 100.0 mL. A portion of this solution was 
placed in a spectrophotometer, and its absorbance was found to be 0.780. We 
can use these data to calculate the percent manganese in the steel. The MnO,7 
ions from the manganese in the dissolved steel sample show an absorbance of 
0.780. Using the Beer-Lambert law, we calculate the concentration of MnO,~ 
in this solution: 


Ae. 0.780 
el 2.48 xX 10° L/mol 





C= = "3-15 < 10 mou 


However, there is a more direct way for finding c. Using a graph such as 
that in Fig. A3.2 (often called a Beer’s law plot), we can read the concentration 
that corresponds to A = 0.780. This interpolation is shown by dashed lines on 


1.00 


0.90 
0.780 


AA = 0.558 


Absorbance 





oie) tae 


atl 
Oe e10me DOS 1O-* 3.0 x 1074 





Concentration (mol/L) 
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the graph. By this method, c = 3.15 X 10-4 mol/L, which agrees with the value 
obtained above. 

Recall that the original 0.1523-g steel sample was dissolved, the manganese 
was converted to permanganate, and the volume was adjusted to 100.0 mL. We 
now know that the [MnQO, | in that solution is 3.15 * 10-4 M. Using this con- 
centration, we can calculate the total number of moles of MnO,~ in that 
solution: 


mol 


Mol of MnO, = 100.0 mL x eerily ea Ki ce TL 


1000 mL 
Sis 10 = mol 


Each mole of manganese in the original steel sample yields a mole of MnO,~. 
That is, 


Oxidation 


1 mol of Mn 1 mol of MnO, 


so the original steel sample must have contained 3.15 X 10~> mol of manga- 
nese. The mass of manganese present in the sample is 


54.938 g of Mn 


Sel SAO lof Mn X 
ts CeO ON 1 mol of Mn 





= 1.73 X 107-3 g of Mn 


Since the steel sample weighed 0.1523 g, the percent manganese in the steel is 


1.73 x 10's of Mn 
1.523 X 10! g of sample 





xX 100% = 1.14% 


This example illustrates a typical use of spectroscopy in quantitative analy- 
sis. The steps commonly involved are as follows: 


1. Preparation of a calibration plot (a Beer’s law plot) from the measured 
absorbance values of a series of solutions with known concentrations. 
Measurement of the absorbance of the solution of unknown concentration. 


3. Use of the calibration plot to determine the unknown concentration. 
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AH? 





Substance and State —_ (kJ/mol) 
Aluminum 
Al(s) 0 
Al,O3(s) —1676 
Al(OH)3(s) alee 
AICl;(s) —704 
Barium 
Ba(s) 0 
BaCO3(s) =A’. 
BaO(s) ion 
Ba(OH),(s) —946 
BaSO,4(s —1465 
Beryllium 
Be(s) 0 
BeO(s) =HOe 
Be(OH),(s) —904 


AG? Ss AH¢ AG? S° 














* All values are assumed precise to at least +1. 








(kJ/mol) (JK~'mol~!) Substance and State —_ (kJ/mol) (kJ/mol) (J K~! mol!) 
Bromine 
0 28 Br>(/) 0 0 152 
Sali Syl Bro(g) 3) 3 245 
a — Br3(aq) =3 4 130 
—629 111 Br (aq) =121 —104 82 
HBr(g) mele) = 53 199 
0 67 Cadmium 
—1139 2 Cd(s) 0 0 5) 
—552 70 CdO(s) —258 =228 §5 
— — Cd(OH),(s) —561 —474 96 
—1353 132 CdS(s) = 162 =—156 65 
CdSOu4(s) 935) 303) 123 
0 10 Calcium 
—569 14 Ca(s) 0 0 41 
—815 47 CaC,(s) —63) —68 70 
(continued) 
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Substance and State 





CaCO;3(s) 
CaO(s) 
Ca(OH))(s) 
Ca3(PO4)2(s) 
CaSO,4(s 
CaSi103(s) 


Carbon 


C(s) (graphite) 
C(s) (diamond) 
CO(g) 

CO2(g) 
CHi(g) 
CH,OH(g) 
CH;0OH(I) 
H,CO(g) 
HCOOH(g) 
HCN(g) 
C,H2(g) 
C,H,(g) 
CH;CHO(g) 
C,H;OH(/) 
CiHe(g) 
C3H¢(g) 
C3H¢(g) 


_C,HyO(g) 
(ethylene oxide) 
CH) P CHCN(g) 


CH3;COOH(/) 
Ce6H120¢(s) 
CCl,(2) 


Chlorine 


Cl,(g) 

Cl,(aq) 
Cl (aq) 
HC\|(g) 


Chromium 


Cr(s) 
Cr2O3(s) 
CrO3(s) 


Copper 


Cu(s) 
CuCO,(s) 
Cu ,O(s) 
CuO(s) 
Cu(OH)(s) 
CuS(s) 


Fluorine 


F3(g) 
F (aq) 
HF(g) 


Hydrogen 


H)(g) 


AH? 


(kJ/mol) (kJ/mol) 
=(|2O7 eeleley) 
=635 —604 
= 9 8)7, = (3 
—4126 O00) 
—1433 —1320 
—1630 iS 0) 
0 0 
2) 3 
=111O5 = U3ih 
= 335) —394 
= 75) = Sl 
0) 163 
= 239 —166 
SAG NNO 
= 30S —=2)5)h 
IDS. 1) 
227 209 
SZ 68 
—166 SY 
=218 117) 
=i = 32.9 
20.9 62.7 
—104 —24 
= 53 =i} 
185.0 195.4 
—484 = SKY 
2S) —il il 
= 135 —65 
0 0 
=) # 
167 ls) 
Vp =9S 
0 0 
=I Ns —1047 
= S72) = S02 
0 0 
= 525) = Sil 
0) —148 
= Id SDE 
—450 = 32 
—49 —49 
0 0 
=333 279 
Phil IS} 
0 0 
DAG, 203 
0 0 
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Sz AH? AG Sa 
(J K-!mol~!) Substance and State —_ (kJ/mol) (kJ/mol) (J K~! mol!) 
93 H,O0(/) —286 = h3yI} 70 
40 H,O0(g) —242 = LAG 189 
83 Iodine 
241 [,(s) 0 0 116 
107 L(g) 62 19 261 
84 L(aq) 23, 16 IBY 
I (aq) = 5)3) oy 106 
6 Iron 
M Fe(s) 0 0 Af 
198 Fe3C(s) 21 15 108 
214 Fep 95O(s) 
186 (wustite) —264 —240 Sy) 
240 FeO(s) =27) SUSS 61 
wy Fe3O4(s) 
29 (magnetite) == ai ako: 146 
249 Fe,O3(s) 
202 (hematite) —826 —740 90 
201 FeS(s) =U5) = 27) 67 
219 FeS,>(s) —178 —166 53 
250 FeSO,(s) = OMS, —825 12 
161 Lead 
BR).S) Pb(s) 0 0 65 
266.9 PbO,(s) UT! SAT 69 
270 PbS(s) —100 =oe 91 
PbSO4(s) —920 = BS 149 
242 Magnesium 
274 Mg(s) 0 0 35 
160 MgCO3(s) SSS = (028 66 
Dale; MgO(s) —602 S=Syay: 27 
216 Mg(OH)>(s) =O) —834 64 
Manganese 
DOS Mn(s) 0 0 32 
er MnO(s) —385 = 3158, 60 
37 Mn;30,(s) SUS —1280 149 
187 Mn,O3(s) Ol =6y)y 110 
MnO, (s) al —466 a3 
24 MnO, (aq) —$43 —449 190 
$1 Mercury 
Te Hg(/) 0 0 76 
Hg>Cl,(s) sO) = 211) 196 
33 HgCl,(s) —230 —184 144 
88 HgO(s) =X = SY, 70 
93 HegS(s) =i —49 78 
43 Nickel 
108 Ni(s) 0 0 30 
67 NiCl,(s) —316 = 272 107 
NiO(s) —241 —213 38 
203 Ni(OH)2(s) —538 —453 79 
—14 NiS(s) = 93 aa.) Ss 
174 Nitrogen 
N2(g) 0 0 19D 
131 NH3(g) —46 —17 193 
115 NH3(aq) —80 —27 111 
0 NH4* (aq) =t2 -79 113 
= iil NO(g) 90 87 214, 
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AH? 
Substance and State —_ (kJ/mol) 
NO,(g) 34 
N2O(g) 82 
N2Ou(g) 10 
N>O,(/) =20) 
N>O,(s) —42 
N>H,(/) 51 
N>H;3CH;(/) 54 
HNO;,(aq) = I 
HNO; (/) —1'74 
NH,ClO,4(s) = BOS 
NH4,Cl(s) —314 
Oxygen 
O2(g) 0 
O(g) 249 
O3(g) 143 
Phosphorus 
P(s) (white) 0 
a s) (red) ale: 
P(s) (black) = Sy, 
P4(g) So 
PF;(g) ~1578 
PH3(g) 5 
H;3PO4(s) = 1279 
H;3PO,(/) —1267 
H3POx(aq) —1288 
P4Oj0(s) —2984 
Potassium 
K(s) 0 
KCl(s) —436 
KCIO3;(s) Oi 
KCI1O4(s) = a8)e 
K,O(s) oo 
K,O (s) —496 
KO,(s) 2183 
KOH(s) —425 
KOH (aq) os 
Silicon 
SiO>(s) (quartz) SIA 
SiCl,(/) — 687 
Silver 
Ag(s) 0 
Ag*(aq) 105 
AgBr(s) —100 
AgCN(s) 146 
AgCl(s) ant BA 
AgoCrO4(s) 7 b2 
Agl(s) —62 
Ag O(s) =I 
Ag>S(s) —32 
Sodium 
Na(s) 0 
Nat (aq) ase) 
NaBr(s) —360 
Na»CO3(s) == litt 
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Se AH? AG Sy 
(kJ/mol) (JK~' mol!) Substance and State (kJ/mol) — (kJ/mol) ~~ (J K~! mol!) 
52 240 NaHCoO;,(s) —948 —852 102 
104 220 NaCl(s) —411 —384 ie 
98 304 NaH(s) = 56 =33 40 
oy 209 Nal(s) —288 =D Oi 
134 178 NaNO,(s) = 54 — — 
149 121 NaNO3(s) —467 —366 116 
180 166 Na»O(s) —416 = Bt is 
= Nila 146 Na O(s) =SilS) —451 95 
=o 156 NaOH(s) —427 = 35 64 
=e) 186 NaOH(aq) —470 —419 50 
—=2,03 96 Sulfur 
S(s) (rhombic) 0 0 32 
0 205 S(s) (monoclinic) OF Ont! 33) 
232 161 >~ (aq) 33 86 =15 
163 239 Ss(g) 102 50 431 
SFe(g) l09 = 111105 DOD, 
0 41 H2S(g) — Al —34 206 
=D DS SO2(g) = YN —300 248 
=33) 23, SO3(g) = 36 oral D7); 
24 280 SO.7- (aq) =e —745 20 
—1509 296 H,SO,(/) —814 —690 IS7 
i 210 H,SO.,(aq) =Q0E —745 20 
ihe 110 Tin 
— — Sn(s) (white) 0 0 52 
= [11258 158 Sn(s) (gray) =) 0.1 44 
—2698 229 SnO(s) = SS) = 257 56 
SnO,(s) —581 = HA 52 
0 64 Sn(OH)>(s) =56il —492 ISS 
—408 83 Titanium 
=O 143 TiCl4(g) =TOS =TAY 35 
—304 151 TiO,(s) —945 —890 50 
—322 98 Uranium 
—430 ils! U(s) 0 0 50 
SDS 117 UF,(s) =DiI37 —2008 228 
= 372 72) UF, (g) =WiN3 029 380 
—440 9,20 UO,(s) —1084 — 1029 78 
e et 3(s) = 3575) = 3393 282 
—856 42 O3(s) al 30) Salt () 99 
SO) 240 Xeno 
Xe(g) 0 0 170 
0 43 XeF3(g) —108 —48 254 
TH WS: XeF4(s) Oil ele 146 
= 7 107 XeF,(g) —294 — — 
164 84 XeO3(s) 402 — — 
S110) 96 Zinc 
Sy 2G: Zn(s) 0 0 42 
—66 115) ZnO(s) —348 —318 44 
= ili 22 Zn(OH))(s) —642 — — 
—40 146 ZnS(s) 
(wurtzite) IDs) _ — 
0 Dil ZnS(s) 
262, SY (zinc blende) —206 —201 58 
—347 84 ZnSOu4(s) =YS3 —874 120 
—1048 136 
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Appendix Five | Equilibrium Constants 
and Reduction Potentials 








Table A5.1 

K, for Some Common Monoprotic Acids 
Name Formula Value of K, 
Hydrogen sulfate ion HSO,4” 1.24 pel? 
Chlorous acid HClO; Leypio 
Monochloracetic acid HC,H,ClO; 1.35 Ap 
Hydrofluoric acid HF 72) 8A 
Nitrous acid HNO, 4 Oia 10-4 
Formic acid HCO>,H 1.8:19410* 
Lactic acid HC3H;0O; 3S oan 
Benzoic acid HC;7H;0, 6.4 a j10r? 
Acetic acid HC3H;0, 13) 
Hydrated aluminum(III) ion [Al(H2O),]3* 14 «10° 
Propanoic acid HC3H;0O, 13 .36e 
Hypochlorous acid HOCI ae ie 
Hypobromous acid HOBr 2 ete 
Hydrocyanic acid HCN 62)/4K10 © 
Boric acid H;BO; 5.8) pa lOm 
Ammonium ion NH,* 5.6 Behe” 
Phenol HOG.H; 1:6 cx ho 2 
Hypoiodous acid HOI 2 \ rai 
Table A5.2 

Stepwise Dissociation Constants for Several Common Polyprotic Acids 
Name Formula Ke oe K,) 
Phosphoric acid H3PO,4 HSS WOrS CI Om® ALE em 
Arsenic acid H;AsO, Sarg So doe 6 Texn0-9 
Carbonic acid H,CO; 43x 107 48 Ome 
Sulfuric acid H,SO, Large (Wee og Lies: 
Sulfurous acid H,SO; he SS 10 EO SS10 ne 
Hydrosulfuric acid HS LO 107 1055 
Oxalic acid H,C,O, 6.5 x 10-2 6.1 <10> 
Ascorbic acid H2,C,H,O¢ 7% 10 1.6 x 10-2 
(vitamin C) 
Citric acid H3C,H;O7 SA 10s* 18 < 10= A05C10n® 








Table A5.4 
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Table A5.3 
Ky for Some Common Weak Bases 

Name Formula Conjugate Acid K, 
Ammonia NH, NH,* 1.8 10-2 
Methylamine CH3NH> CH,3NH;* 4.38 x 10-* 
Ethylamine C)H;NH)> C)H;NH;* 5:6 exllOne 
Diethylamine (Cy)Hs),NH (C3Hs;),NH>* ik,3) 3% 10% 
Triethylamine (CyHs)3N (Cy)Hs);NH* AO M10 
Hydroxylamine HONH, HONH,* ee Ome 
Hydrazine H,NNH)> H,NNH;* 30. x11" 
Aniline CsH;NH> CsH;NH;* Bis OK TO= 
Pyridine CsH;N C;H;NH* ee << 10 


Values of Ksp at 25°C for Common lonic Solids 





Ionic Solid 


Fluorides 
BaF> 
MeF, 
PbF, 
SrF, 
CaF, 


Chlorides 
PbCl 
AgCl 
Hg>Cl,* 


Bromides 
PbBr> 
AgBr 
Hg Br : 


Iodides 
PbI, 
Agl 
Hgp1>* 


Sulfates 
CaSO, 
AgoSO4 
SrSO4 
PbSO4 
BaSOx4 


Chromates 


SrCrO4 





Ky (at 25°C) 


DAM Om 
6410s 
2 SO 
7.9 X 10710 
AN) Oe Ales 


156 3A110=5 
66610720 
Te10e28 


AiG Ore 
5.0 x 10-8 
1.3 x 10-22 


1e4e Ome 
SX 10ers 
AVES Se 1M Oe ee 


6.1 x 107-5 
PUSS TO 
Be <a Ome 
iL Soe MO 
LS SK SO * 


3.6 x 10> 


Ionic Solid 


K,, (at 25°C) 


Chromates (continued) 


Hg,CrO4* 
BaCrO, 
AgoCrO, 
PbCrO, 


Carbonates 
NiCO; 
CaCO; 
BaCO; 
SrCO; 
Guc@z 
ZnCO; 
MnCoO, 
FeCO; 
AgoCO; 
CdCO; 
PbCO; 
MgCo, 
Hg,CO;* 


Hydroxides 
Ba(OH)> 
Sr(OH)> 
Ca(OH), 
AgOH 
Mg(OH) 
Mn(OH) 
Cd(OH)), 
Pb(OH) 
Fe(OH) 


2 
2 


2 
2 


*Contains Hg,** ions. K,, = [Hg2**][X~ }* for Hg2X2 salts. 


DM SO 
5 SX AO 
9.0 x 10-2 
D Sidr 


I< Or? 
SO 
eS < 1Or 
PA isto 
Dey <M 
DS iO & 
Bats 6 OS™ 
Di Oa 
il 5 ALO 12 
5.2 x 10-” 
Sx 10 
i S<al@si 
3.0) K 1O- 


SO 6 Aes 
32K NO 
il-3) SK IOS 
DOO xs 
8.9 x 10-” 
DQ Seno 
5.9 X 10715 
DSK 
lee << NOS 


Ionic Solid 


K,, (at 25°C) 


Hydroxides (continued) 


Co(OH)3 


Sulfides 
MnS 
FeS 
NiS 
CoS 
ZnS 
SnS 
CdS 
PbS 
CuS 
AgyS 
HgS 


Phosphates 
Ag3PO,4 
Sr3(PO4)2 
Ca3(POz 
Ba3(PO4) 
Pb3(POx)2 


2 
2 


2ESS oO mee 
ee < 110-2 
Ase all Omed 
1.6 X 10°! 
3 sis 
BLS < Op 2 
6a lO! 
DMO 2 
AL Sea 
DS NO 


My SK NOE 
Be Se MOS 
3 SO 
§ «10-4 
DS S< MOR 
il 3< i@)-42 
1@ < IO 
FE SAO’ 
uo) << 110 
1.6 X 105? 
60m 


ie cui hat 
il 107 
1e3 5S 1022 
Cue Ome 
l S< ile 
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Cus aes ———> Cu 














Table A5.5 
Standard Reduction Potentials at 25°C (298 K) for Many Common Half-Reactions 

Half-Reaction €° (V) Half-Reaction €° (V) 
F, + 2e° ——> 2F- DE OY: O, + 2H,O + 4e— —> 4OH- 0.40 
Ag*t + e— ——> Ag* 1599 Cu*t +2e° ——> Cu 0.34 
Gottrbe a2 Co” 1.82 Hew te~ — > Deep ele 0.27 
H,O, + 2H* + 2e°§ ——> 2H,0O 1.78 AgCl + e — > Ag+ Cl” op? 
Ceti ens Cou 7.0 SO7> + 4H* + 2e° ——> H,SO3 + H,O 0.20 
PbO, + 4H* + SO2- + 2e° ——> PbSO,+2H,O 1.69 Cicaeicet——> Our 0.16 
MnO,* + 4H* + 3e°§ —> MnO, + 2H,O 1.68 2H*t + 2e° ——> H, 0.00 
1Oje + 2H Zes ==> lOzn=- E50 1.60 Fe?+ + 3e— ——> Fe —0.036 
MnO,* + 8Ht + Se~ ——> Mn?2* + 4H,O Sil Pb2+ + 2e— —~> Pb Ss 
ANG? 42 OSes Nn) SO) Sie con —0.14 
PbO, + 4H* + 2e—- ——> Pb** + 2H,0O 1.46 Ni ca Ny = 48 
Cai cm Clin 1.36 PbSO, + 2e7 —— Pb + SO,2- SUS) 
Cr,0O72- + 14H* + 6e— — > 2Cr?* + 7H,O R33 Cia) cursed —0.40 
O, + 4H* + 4e— —> 2H,O 12S Fe2+ + 2e- ——~ > Fe —().44 
MnO, + 4Ht + 2e~° — > Mn?2* + 2H,O Lil Graeme Orr —0.50 
10;~ + 6H* + Se~ —> 5], + 3H,O 120 Cr + 3e- = Cr —0.73 
Bina Boe 1.09 Ti) 7 an) —0.76 
VO," +2H* +e —— > VO** +H,O 1.00 2H,0O + 2e°- ——> H, + 20H™ —0.83 
AuCl,” + 3e° —> Au + 4Cl- 0.99 Mite ein —1.18 
NO 3, + 4H* + 3e) — > NO + 2E,0 0.96 INIBY Se BXe= =o SILAS 
ClO7e ca 1 61 O>m 0.954 H, +2e ——> 2H™ as 
2Hg?* + 2e° ——> Hg,** 0.91 Mg?* + 2e° ——> Mg —2.37 
Agt +e ——> Ag 0.80 La*t + 3e° —> La =? 
Hg,** + 2e7 ——> 2He 0.80 Na* +e ——> Na = 28 
Fe3+ + e7 ——> Fe?+ OH Cage em 1 C4 —2.76 
One acme @>, 0.68 Baa em ba Paw 
MnO,- + e ——> MnO,2- 0.56 Ke sk eo == IK —2.92 
bes —S 2 0.54 Ib sp.@7 —=Ss Ii; = S015 


Glossary 





Note to the Student: The Glossary includes brief definitions of 
some of the fundamental terms used in chemistry. It does not 
include complex concepts that require detailed explanation for 
understanding. Please refer to the appropriate sections of the 
text for complete discussion of particular topics or concepts. 


Accuracy: the agreement of a particular value with the true 
value. (A1.5) 

Acid: a substance that produces hydrogen ions in solution; a 
proton donor. (4.2) 

Acid-base indicator: a substance that marks the endpoint of 
an acid-base titration by changing color. (8.6) 

Acid dissociation constant (K,): the equilibrium constant for 
a reaction in which a proton is removed from an acid by 
H,0 to form the conjugate base and H307*. (7.1) 

Acid rain: a result of air pollution by sulfur dioxide. (5.11) 

Actinide series: a group of 14 elements following actinium in 
the periodic table, in which the Sf orbitals are being filled. 
(12.13; 18.1) 

Activated complex (transition state): the arrangement of at- 
oms found at the top of the potential energy barrier as a 
reaction proceeds from reactants to products. (15.8) 

Activation energy: the threshold energy that must be over- 
come to produce a chemical reaction. (15.8) 

Addition polymerization: a type of polymerization in which 
the monomers simply add together to form the polymer, 
with no other products. (21.5) 

Addition reaction: a reaction in which atoms add to a 
carbon-carbon multiple bond. (21.2) 

Adiabatic process: a process that occurs without the transfer 
of energy as heat. (10.14) 

Adsorption: _ the collection of one substance on the surface of 
another. (15.9) 

Air pollution: contamination of the atmosphere, mainly by 
the gaseous products of transportation and production of 
electricity. (5.11) 

Alcohol: an organic compound in which the hydroxyl group 
is a substituent on a hydrocarbon. (21.4) 

Aldehyde: an organic compound containing the carbonyl 
group bonded to at least one hydrogen atom. (21.4) 

Alkali metal: a Group 1A metal. (2.8; 18.2) 

Alkaline earth metal: a Group 2A metal. (2.8; 18.4) 

Alkane: a saturated hydrocarbon with the general formula 
GiBopot2 tel) 

Alkene: an unsaturated hydrocarbon containing a carbon- 
carbon double bond. The general formula is C,,H),. (21.2) 

Alkyne: an unsaturated hydrocarbon containing a triple 
carbon-carbon bond. The general formula is C,,H,—2. 

(22) 


Alloy: a substance that contains a mixture of elements and 
has metallic properties. (16.4) 

Alloy steel: a form of steel containing carbon plus other met- 
als such as chromium, cobalt, manganese, and molybde- 
num. (19.2) 

Alpha (a) particle: a helium nucleus. (20.1) 

Alpha-particle production: a common mode of decay for ra- 
dioactive nuclides in which the mass number changes. 
(20.1) 

Amine: an organic base derived from ammonia in which one 
or more of the hydrogen atoms are replaced by organic 
groups. (7.6; 21.4) 

a-Amino acid: an organic acid in which an amino group and 
an R group are attached to the carbon atom next to the 
carboxyl group. (21.6) 

Amorphous solid: a solid with considerable disorder in its 
structure. (16.3) 

Ampere: the unit of electric current equal to one coulomb of 
charge per second. (11.7) 

Amphoteric substance: a substance that can behave either as 
an acid or as a base. (7.2) 

Angular momentum quantum number (f): the quantum num- 
ber relating to the shape of an atomic orbital, which can 
assume any integral value from 0 to m — 1 for each value 
of n. (12.9) 

Anion: a negative ion. (2.7) 

Anode: the electrode in a galvanic cell at which oxidation 
occurs. (11.1) 

Antibonding molecular orbital: an orbital higher in energy 
than the atomic orbitals of which it is composed. (14.2) 

Aqueous solution: a solution in which water is the dissolving 
medium or solvent. (4) 

Aromatic hydrocarbon: one of a special class of cyclic un- 
saturated hydrocarbons, the simplest of which is benzene. 
(21.3) 

Arrhenius concept: a concept postulating that acids produce 
hydrogen ioris in aqueous solution, whereas bases pro- 
duce hydroxide ions. (7.1) 

Arrhenius equation: the equation representing the rate con- 
stant as k = Ae~®/®T where A represents the product of 
the collision frequency and the steric factor, and e~*/8" is 
the fraction of collisions with sufficient energy to produce 
a reaction. (15.8) 

Atmosphere: the mixture of gases that surrounds the earth’s 
surface. (5.11) 

Atomic mass (average): the weighted average mass of the 
atoms in a naturally occurring element. (2.3) 

Atomic number: the number of protons in the nucleus of an 
atom. (2.6) 
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Atomic radius: half the distance between the nuclei in a mol- 
ecule consisting of identical atoms. (12.15) 

Atomic solid: a solid that contains atoms at the lattice points. 
(16.3) 

Aufbau principle: the principle stating that as protons are 
added one by one to the nucleus to build up the elements, 
electrons are similarly added to hydrogenlike orbitals. 
(12.13) 

Autoionization: the transfer of a proton from one molecule 
to another of the same substance. (7.2) 

Avogadro’s law: equal volumes of gases at the same tempera- 
ture and pressure contain the same number of particles. 
(5.2) 

Avogadro’s number: the number of atoms in exactly 12 grams 
of pure '*C, equal to 6.022 x 1079. (3.2) 


Ball-and-stick model: a molecular model that distorts the 
sizes of atoms, but shows bond relationships clearly. (2.7) 

Band model: a molecular model for metals in which the elec- 
trons are assumed to travel around the metal crystal in 
molecular orbitals formed from the valence atomic orbit- 
als of the metal atoms. (16.4) 


Barometer: a device for measuring atmospheric pressure. 
(5.1) 
Base: a substance that produces hydroxide ions in aqueous 


solution, a proton acceptor. (7.2) 

Base dissociation constant (K,): the equilibrium constant for 
the reaction of a base with water to produce the conjugate 
acid and hydroxide ion. (7.6) 

Basic oxide: an ionic oxide that dissolves in water to produce 
a basic solution. (18.4) 

Battery: a group of galvanic cells connected in series. (11.5) 

Beta (8) particle: an electron produced in radioactive decay. 
(20.1) 

Beta-particle production: a decay process for radioactive nu- 
clides in which the mass number remains constant and the 
atomic number changes. The net effect is to change a neu- 
tron to a proton. (20.1) 

Bidentate ligand: a ligand that can form two bonds to a 
metal ion. (19.3) 

Bimolecular step: a reaction involving the collision of two 
molecules. (15.6) 

Binary compound: a two-element compound. (2.9) 

Binding energy (nuclear): the energy required to decompose 
a nucleus into its component nucleons. (20.5) 

Biomolecule: a molecule responsible for maintaining and/or 
reproducing life. (22) 

Bond energy: the energy required to break a given chemical 
bond. (13.1) 

Bond length: the distance between the nuclei of the two at- 
oms connected by a bond; the distance where the total 
energy of a diatomic molecule is minimal. (13.1) 

Bond order: the difference between the number of bonding 
electrons and the number of antibonding electrons, di- 
vided by two. It is an index of bond strength. (14.2) 

Bonding molecular orbital: an orbital lower in energy than 
the atomic orbitals of which it is composed. (14.2) 

Bonding pair: an electron pair found in the space between 
two atoms. (13.9) 

Borane: a covalent hydride of boron. (18.5) 


Boyle’s law: the volume of a given sample of gas at constant 
temperature varies inversely with the pressure. (5.2) 
Breeder reactor: a nuclear reactor in which fissionable fuel is 

produced while the reactor runs. (20.6) 

Bronsted—-Lowry definition (model): a model proposing that 
an acid is a proton donor, and a base is a proton acceptor. 
(70) 

Buffer capacity: the ability of a buffered solution to absorb 
protons or hydroxide ions without a significant change in 
pH; determined by the magnitudes of [HA] and [A”] in 
the solution. (8.4) 

Buffered solution: a solution that resists a change in its pH 
when either hydroxide ions or protons are added. (8.2) 


Calorimetry: the science of measuring heat flow. (9.4) 

Capillary action: the spontaneous rising of a liquid in a nar- 
row tube. (16.2) 

Carbohydrate: a polyhydroxy! ketone or polyhydroxy] alde- 
hyde or a polymer composed of these. (21.6) 

Carboxyhemoglobin: a stable complex of hemoglobin and 
carbon monoxide that prevents normal oxygen uptake in 
the blood. (19.8) 

Carboxyl group: the —COOH group in an organic acid. 
(7.2; 21.4) 

Carboxylic acid: an organic compound containing the car- 
boxyl group; an acid with the general formula RCOOH. 
(21.4) 

Catalyst: a substance that speeds up a reaction without being 
consumed. (15.9) 

Cathode: the electrode in a galvanic cell at which reduction 
occurs. (11.1) 

Cathode rays: the “rays” emanating from the negative elec- 
trode (cathode) in a partially evacuated tube; a stream of 
electrons. (2.5) 

Cathodic protection: a method in which an active metal, 
such as magnesium, is connected to steel to protect it from 
corrosion. (11.6) 

Cation: a positive ion. (2.7) 

Cell potential (electromotive force): the driving force in a gal- 
vanic cell that pulls electrons from the reducing agent in 
one compartment to the oxidizing agent in the other. (11.1) 

Ceramic: a nonmetallic material made from clay and hard- 
ened by firing at high temperature; it contains minute sili- 
cate crystals suspended in a glassy cement. (16.5) 

Chain reaction (nuclear): a self-sustaining fission process 
caused by the production of neutrons that proceed to split 
other nuclei. (20.6) 

Charge balance: the positive and negative charges carried by 
the ions in an aqueous solution must balance. (7.9) 

Charles’s law: the volume of a given sample of gas at con- 
stant pressure is directly proportional to the temperature 
in kelvins. (5.2) 

Chelating ligand (chelate): a ligand having more than one 
atom with a lone pair that can be used to bond to a metal 
ion. (19.3) 

Chemical bond: the energy that holds two atoms together in 
a compound. (2.7) 

Chemical equation: a representation of a chemical reaction 
showing the relative numbers of reactant and product 
molecules. (3.6) 


Chemical equilibrium: a dynamic reaction system in which 
the concentrations of all reactants and products remain 
constant as a function of time. (6) 

Chemical formula: the representation of a molecule in which 
the symbols for the elements are used to indicate the types 
of atoms present and subscripts are used to show the rela- 
tive numbers of atoms. (2.7) 

Chemical kinetics: 
tion rates. (15) 

Chemical stoichiometry: the calculation of the quantities of 
material consumed and produced in chemical reactions. (3) 

Chirality: the quality of having nonsuperimposable mirror 
images. (19.4) 

Chlor-alkali process: 


the area of chemistry that concerns reac- 


the process for producing chlorine and 
sodium hydroxide by electrolyzing brine in a mercury cell. 
(11.8) 

Coagulation: _ the destruction of a colloid by causing particles 
to aggregate and settle out. (17.8) 

Codons: organic bases in sets of three that form the genetic 
code. (21.6) 

Colligative properties: properties of a solution that depend 
on the number, and not on the identity, of the solute par- 
ticles. (17.5) 

Collision model: a model based on the idea that molecules 
must collide to react; used to account for the observed 
characteristics of reaction rates. (15.8) 

Colloid: a suspension of particles in a dispersing medium. 
(17.8) 

Combustion reaction: the vigorous and exothermic reaction 
that takes place between certain substances, particularly 
organic compounds, and oxygen. (21.1) 

Common ion effect: the shift in an equilibrium position 
caused by the addition or presence of an ion involved in 
the equilibrium reaction. (8.1) 

Complete ionic equation: an equation that shows all sub- 
stances that are strong electrolytes as ions. (4.6) 

Complex ion: a charged species consisting of a metal ion sur- 
rounded by ligands. (8.9; 19.1) 

Compound: a substance with constant composition that can 
be broken down into elements by chemical processes. (2.7) 

Concentration cell: a galvanic cell in which both compart- 
ments contain the same components, but at different con- 
centrations. (11.4) 

Condensation: the process by which vapor molecules re- 
form a liquid. (16.10) 

Condensation polymerization: a type of polymerization in 
which the formation of a small molecule, such as water, 
accompanies the extension of the polymer chain. (21.5) 

Condensed states of matter: liquids and solids. (16.1) 

Conduction bands: the molecular orbitals that can be occu- 
pied by mobile electrons, which are free to travel through- 
out a metal crystal to conduct electricity or heat. (16.4) 

Conjugate acid: the species formed when a proton is added 
to a base. (7.1) 

Conjugate acid-base pair: two species related to each other 
by the donating and accepting of a single proton. (7.1) 

Conjugate base: what remains of an acid molecule after a 
proton is lost. (7.1) 

Continuous spectrum: a spectrum that exhibits all the wave- 
lengths of visible light. (12.3) 
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Control rods: rods in a nuclear reactor composed of sub- 
stances that absorb neutrons. These rods regulate the 
power level of the reactor. (20.6) 

Coordinate covalent bond: a metal-ligand bond resulting 
from the interaction of a Lewis base (the ligand) and a 
Lewis acid (the metal ion). (19.3) 

Coordination compound: a compound composed of a com- 
plex ion and counter ions sufficient to give no net charge. 
(19.3) 

Coordination isomerism: isomerism in a coordination com- 
pound in which the composition of the coordination 
sphere of the metal ion varies. (19.4) 

Coordination number: — the number of bonds formed between 
the metal ion and the ligands in a complex ion. (19.3) 
Copolymer: a polymer formed from the polymerization of 

more than one type of monomer. (21.5) 

Core electron: an inner electron in an atom; one not in the 
outermost (valence) principal quantum level. (12.13) 
Corrosion: the process by which metals are oxidized in the 

atmosphere. (11.6) 

Coulomb’s law: E = 2.31 X 107!” (Q,Qz/r), where E is the 
energy of interaction between a pair of ions, expressed in 
joules; r is the distance between the ion centers in nm; and 
QO, and Q) are the numerical ion charges. (13.1) 

Counter ions: anions or cations that balance the charge on 
the complex ion in a coordination compound. (19.3) 
Covalent bonding: a type of bonding in which electrons are 

shared by atoms. (2.7; 13.1) 

Critical mass: the mass of fissionable material required to 
produce a self-sustaining chain reaction. (20.6) 

Critical point: the point on a phase diagram at which the 
temperature and pressure have their critical values; the 
endpoint of the liquid—vapor line. (16.11) 

Critical pressure: the minimum pressure required to produce 
liquefaction of a substance at the critical temperature. 
(16.11) 

Critical reaction (nuclear): a reaction in which exactly one 
neutron from each fission event causes another fission 
event, thus sustaining the chain reaction. (20.6) 

Critical temperature: the temperature above which vapor 
cannot be liquefied, no matter what pressure is applied. 
(16.11) 

Crosslinking: the existence of bonds between adjacent 
chains in a polymer, thus adding strength to the material. 
(ZS) 

Crystal field model: a model used to explain the magnetism 
and colors of coordination complexes through the split- 
ting of the d orbital energies. (19.6) 

Crystalline solid: a solid with a regular arrangement of its 
components. (16.3) 

Cubic closest packed (ccp) structure: a solid modeled by the 
closest packing of spheres with an abcabc arrangement of 
layers; the unit cell is face-centered cubic. (16.4) 

Cyclotron: a type of particle accelerator in which an ion in- 
troduced at the center is accelerated in an expanding spi- 
ral path by use of alternating electric fields in the presence 
of a magnetic field. (20.3) 

Cytochromes: a series of iron-containing species composed 
of heme and a protein. Cytochromes are the principal 
electron-transfer molecules in the respiratory chain. (19.8) 
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Dalton’s law of partial pressures: for a mixture of gases in a 
container, the total pressure exerted is the sum of the pres- 
sures that each gas would exert if it were alone. (5.5) 

Degenerate orbitals: a group of orbitals with the same en- 
ergy. (12.9) 

Dehydrogenation reaction: a reaction in which two hydro- 
gen atoms are removed from adjacent carbons of a satu- 
rated hydrocarbon, giving an unsaturated hydrocarbon. 
(21.1) 

Delocalization: the condition where the electrons in a mole- 
cule are not localized between a pair of atoms but can 
move throughout the molecule. (13.9) 

Denaturation: the breaking down of the three-dimensional 
structure of a protein resulting in the loss of its function. 
(21.6) 

Denitrification: the return of nitrogen from decomposed 
matter to the atmosphere by bacteria that change nitrates 
to nitrogen gas. (18.8) 

Deoxyribonucleic acid (DNA): a huge nucleotide polymer 
having a double-helical structure with complementary 
bases on the two strands. Its major functions are protein 
synthesis and the storage and transport of genetic infor- 
mation. (21.6) 

Desalination: the removal of dissolved salts from an aqueous 
solution. (17.6) 

Dialysis: a phenomenon in which a semipermeable mem- 
brane allows transfer of both solvent molecules and small 
solute molecules and ions. (17.6) 

Diamagnetism: a type of magnetism, associated with paired 
electrons, that causes a substance to be repelled from the 
inducing magnetic field. (14.3) 

Differential rate law: an expression that gives the rate of a 
reaction as a function of concentrations; often called the 
rate law. (15.2) 

Diffraction: the scattering of light from a regular array of 
points or lines, producing constructive and destructive in- 
terference. (12.2) 

Diffusion: the mixture of gases. (5.7) 

Dilution: the process of adding solvent to lower the concen- 
tration of solute in a solution. (4.3) 

Dimer: a molecule formed by the joining of two identical 
monomers. (21.5) 

Dipole-dipole attraction: the attractive force resulting when 
polar molecules line up so that the positive and negative 
ends are close to each other. (16.1) 

Dipole moment: a property of a molecule whose charge dis- 
tribution can be represented by a center of positive charge 
and a center of negative charge. (13.3) 

Disaccharide: a sugar formed from two monosaccharides 
joined by a glycoside linkage. (21.6) 

Disproportionation reaction: a reaction in which a given ele- 
ment is both oxidized and reduced. (18.13) 

Disulfide linkage: a S—S bond that stabilizes the tertiary 
structure of many proteins. (21.6) 

Double bond: a bond in which two pairs of electrons are 
shared by two atoms. (13.8) 

Downs cell: a cell used for electrolyzing molten sodium chlo- 
ride. (11.8) 

Dry cell battery: a common battery used in calculators, 
watches, radios, and portable audio players. (11.5) 


Dual nature of light: the statement that light exhibits both 
wave and particulate properties. (12.2) 


E=me: Einstein’s equation proposing that energy has mass; 
E is energy, m is mass, and c is the speed of light. (12.2) 

Effective nuclear charge: the apparent nuclear charge exerted 
ona particular electron, equal to the actual nuclear charge 
minus the effect of electron repulsions. (12.11) 

Effusion: the passage of a gas through a tiny orifice into an 
evacuated chamber. (5.7) 

Electrical conductivity: the ability to conduct an electric cur- 
rent. (4.2) 

Electrochemistry: the study of the interchange of chemical 
and electrical energy. (11) 

Electrolysis: a process that involves forcing a current through 
a cell to cause a nonspontaneous chemical reaction to oc- 
cur. (11.7) 

Electrolyte: a material that dissolves in water to give a solu- 
tion that conducts an electric current. (4.2) 

Electrolytic cell: a cell that uses electrical energy to produce 
a chemical change that would otherwise not occur spon- 
taneously. (11.7) 

Electromagnetic radiation: radiant energy that exhibits 
wavelike behavior and travels through space at the speed 
of light in a vacuum. (12.1) 

Electron: a negatively charged particle that moves around 
the nucleus of an atom. (2.5) 

Electron affinity: the energy change associated with the addi- 
tion of an electron to a gaseous atom. (12.15) 

Electron capture: a process in which one of the inner-orbital 
electrons in an atom is captured by the nucleus. (20.1) 

Electron sea model: a model for metals postulating a regular 
array of cations in a “sea” of electrons. (16.4) 

Electron spin quantum number: a quantum number repre- 
senting one of the two possible values for the electron 
spin; either +3 or —}. (12.10) 

Electronegativity: the tendency of an atom in a molecule to 
attract shared electrons to itself. (13.2) 

Element: a substance that cannot be decomposed into sim- 
pler substances by chemical or physical means. (2.1) 
Elementary step: a reaction whose rate law can be written 

from its molecularity. (15.6) 

Empirical formula: the simplest whole number ratio of at- 
oms in a compound. (3.5) 

Enantiomers: isomers that are nonsuperimposable mirror 
images of each other. (19.4) 

Endpoint: the point in a titration at which the indicator 
changes color. (4.9) 

Endothermic: refers to a reaction where energy (as heat) 
flows into the system. (9.1) 

Energy: the capacity to do work or to cause heat flow. (9.1) 

Enthalpy: a property of a system equal to E + PV, where E 
is the internal energy of the system, P is the pressure of the 
system, and V is the volume of the system. At constant 
pressure, where only PV work is allowed, the change in 
enthalpy equals the energy flow as heat. (9.2) 

Enthalpy of fusion: the enthalpy change that occurs to melt a 
solid at its melting point. (16.10) 

Entropy: a thermodynamic function that measures random- 
ness or disorder. (10.1) 


Enzyme: a large molecule, usually a protein, that catalyzes 
biological reactions. (15.9) 

Equilibrium (thermodynamic definition): the position where 
the free energy of a reaction system has its lowest possible 
value. (10.11) 

Equilibrium constant: the value obtained when equilibrium 
concentrations of the chemical species are substituted in 
the equilibrium expression. (6.2) 

Equilibrium expression: the expression (from the law of 
mass action) obtained by multiplying the product concen- 
trations and dividing by the multiplied reactant concen- 
trations, with each concentration raised to a power repre- 
sented by the coefficient in the balanced equation. (6.2) 

Equilibrium position: a particular set of equilibrium concen- 
trations. (6.2) 

Equivalence point (stoichiometric point): the point in a titra- 
tion when enough titrant has been added to react exactly 
with the substance in solution being titrated. (4.9; 8.4) 

Exothermic: _ refers to a reaction where energy (as heat) flows 
out of the system. (9.1) 

Exponential notation: expresses a number as N X 10”, a 
convenient method for representing a very large or very 
small number and for easily indicating the number of sig- 
nificant figures. (A1.1) 


Faraday: a constant representing the charge on one mole of 
electrons; 96,485 coulombs. (11.3) 

First law of thermodynamics: the energy of the universe is 
constant; same as the law of conservation of energy. 
(9.1) 

Fission: the process of using a neutron to split a heavy nu- 
cleus into two nuclei with smaller mass numbers. (20.6) 

Formal charge: the charge assigned to an atom in a molecule 
or polyatomic ion derived from a specific set of rules. 
(13.12) 

Formation constant (stability constant): the equilibrium con- 
stant for each step of the formation of a complex ion by 
the addition of an individual ligand to a metal ion or com- 
plex ion in aqueous solution. (8.9) 

Fossil fuel: coal, petroleum, or natural gas; consists of 
carbon-based molecules derived from decomposition of 
once-living organisms. (9.7) 

Frasch process: the recovery of sulfur from underground de- 
posits by melting it with hot water and forcing it to the 
surface by air pressure. (18.12) 

Free energy: a thermodynamic function equal to the enthalpy 
(H) minus the product of the entropy (S) and the kelvin 
temperature (T); G = H — TS. Under certain conditions 
the change in free energy for a process is equal to the 
maximum useful work. (10.7) 

Free radical: a species with an unpaired electron. (21.5) 

Frequency: the number of waves (cycles) per second that 
pass a given point in space. (12.1) 

Fuel cell: a galvanic cell for which the reactants are continu- 
ously supplied. (11.5) 

Functional group: an atom or group of atoms in hydrocar- 
bon derivatives that contains elements in addition to car- 
bon and hydrogen. (21.4) 

Fusion: the process of combining two light nuclei to form a 

_ heavier, more stable nucleus. (20.6) 
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Galvanic cell: a device in which chemical energy from a 
spontaneous redox reaction is changed to electrical en- 
ergy that can be used to do work. (11.1) 

Galvanizing: a process in which steel is coated with zinc to 
prevent corrosion. (11.6) 

Gamma (y) ray: a high-energy photon. (20.1) 

Geiger-Miller counter (Geiger counter): an instrument that 
measures the rate of radioactive decay based on the ions 
and electrons produced as a radioactive particle passes 
through a gas-filled chamber. (20.4) 

Gene: a given segment of the DNA molecule that contains 
the code for a specific protein. (21.6) 

Geometrical (cis-trans) isomerism: isomerism in which atoms 
or groups of atoms can assume different positions around 
a rigid ring or bond. (19.4; 21.2) 

Glass: an amorphous solid obtained when silica is mixed 
with other compounds, heated above its melting point, 
and then cooled rapidly. (16.5) 

Glass electrode: an electrode for measuring pH from the po- 
tential difference that develops when it is dipped into an 
aqueous solution containing H* ions. (11.4) 

Glycosidic linkage: a C—O—C bond formed between the 
rings of two cyclic monosaccharides by the elimination of 
water. (21.6) 

Graham’s law of effusion: the rate of effusion of a gas is in- 
versely proportional to the square root of the mass of its 
particles. (5.7) 

Gravimetric analysis: a method for determining the amount 
of a given substance in a solution by precipitation, filtra- 
tion, drying, and weighing. (4.8) 

Greenhouse effect: a warming effect exerted by the earth’s 
atmosphere (particularly CO, and H;O) due to thermal 
energy retained by absorption of infrared radiation. (9.7) 

Ground state: the lowest possible energy state of an atom or 
molecule. (12.4) 

Group (of the periodic table): a vertical column of elements 
having the same valence electron configuration and show- 
ing similar properties. (2.8) 


Haber process: the manufacture of ammonia from nitrogen 
and hydrogen, carried out at high pressure and high tem- 
perature with the aid of a catalyst. (3.9; 6.1; 18.8) 

Half-life (of a radioactive sample): the time required for the 
number of nuclides in a radioactive sample to reach half 
of the original value. (20.2) 

Half-life (of a reaction): the time required for a reactant to 
reach half of its original concentration. (15.4) 

Half-reactions: the two parts of an oxidation-reduction re- 
action, one representing oxidation, the other reduction. 
(4.11; 11.1) 

Halogen: a Group 7A element. (2.8; 18.13) 

Halogenation: the addition of halogen atoms to unsaturated 
hydrocarbons. (21.2) 

Hard water: water from natural sources that contains rela- 
tively large concentrations of calcium and magnesium 
ions. (18.4) 

Heat: energy transferred between two objects caused by a 
temperature difference between them. (9.1) 

Heat capacity: the amount of energy required to raise the 
temperature of an object by one degree Celsius. (9.4) 
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Heat of fusion: the enthalpy change that occurs to melt a 
solid at its melting point. (16.10) 

Heat of hydration: the enthalpy change associated with plac- 
ing gaseous molecules or ions in water; the sum of the 
energy needed to expand the solvent and the energy re- 
leased from the solvent—solute interactions. (17.2) 

Heat of solution: the enthalpy change associated with dis- 
solving a solute in a solvent; the sum of the energies 
needed to expand both solvent and solute in a solution 
and the energy released from the solvent-solute interac- 
tions. (17.2) 

Heat of vaporization: the energy required to vaporize one 
mole of a liquid at a pressure of one atmosphere. (16.10) 

Heating curve: a plot of temperature versus time for a sub- 
stance where energy is added at a constant rate. (16.10) 

Heisenberg uncertainty principle: a principle stating that 
there is a fundamental limitation to how precisely both 
the position and momentum of a particle can be known at 
a given time. (12.5) 

Heme: an iron complex. (19.8) 

Hemoglobin: a biomolecule composed of four myoglobin- 
like units (proteins plus heme) that can bind and trans- 
port four oxygen molecules in the blood. (19.8) 

Henderson-Hasselbalch equation: an equation giving the re- 
lationship between the pH of an acid—base system and the 
concentrations of base and acid 


_ Past 
pii= pk, + loe( ee SL) 


Henry’s law: the amount of a gas dissolved in a solution is 
directly proportional to the pressure of the gas above the 
solution. (17.3) 

Hess’s law: in going from a particular set of reactants to a 
particular set of products, the enthalpy change is the same 
whether the reaction takes place in one step or in a series 
of steps; in summary, enthalpy is a state function. (9.5) 

Heterogeneous equilibrium: an equilibrium involving reac- 
tants and/or products in more than one phase. (6.5) 

Hexagonal closest packed (hcp) structure: a structure com- 
posed of closest packed spheres with an ababab arrange- 
ment of layers; the unit cell is hexagonal. (16.4) 

Homogeneous equilibrium: an equilibrium system where all 
reactants and products are in the same phase. (6.5) 

Homopolymer: a polymer formed from the polymerization 
of only one type of monomer. (21.5) 

Hund’s rule: the lowest-energy configuration for an atom is 
the one having the maximum number of unpaired elec- 
trons allowed by the Pauli exclusion principle in a par- 
ticular set of degenerate orbitals, with all unpaired elec- 
trons having parallel spins. (12.13) 

Hybrid orbitals: a set of atomic orbitals adopted by an atom 
in a molecule different from those of the atom in the free 
state. (14.1) 

Hybridization: a mixing of the native orbitals on a given 
atom to form special atomic orbitals for bonding. (14.1) 

Hydration: the interaction between solute particles and wa- 
ter molecules. (4.1) 

Hydride: a binary compound containing hydrogen. The hy- 
dride ion, H”, exists in ionic hydrides. The three classes of 
hydrides are covalent, interstitial, and ionic. (18.3) 





Hydrocarbon: a compound composed of carbon and hydro- 
Sem (Zoe) 

Hydrocarbon derivative: an organic molecule that contains 
one or more elements in addition to carbon and hydro- 
gen. (21.4) 

Hydrogen bonding: unusually strong dipole-dipole attrac- 
tions that occur among molecules in which hydrogen is 
bonded to a highly electronegative atom. (16.1) 

Hydrogenation reaction: a reaction in which hydrogen is 
added, with a catalyst present, to a carbon-carbon multi- 
ple bond. (21.2) 

Hydrohalic acid: an aqueous solution of a hydrogen halide. 


(18.13) 
Hydronium ion: the H;O0* ion; a hydrated proton. (7.1) 
Hypothesis: one or more assumptions put forth to explain 


the observed behavior of nature. (1.3) 


Ideal gas: a gas that obeys the equation, PV = mRT. (5.2) 

Ideal gas law: an equation of state for a gas, where the state 
of the gas is its condition at a given time; expressed by 
PV = nRT, where P = pressure, V = volume, 2 = moles 
of the gas, R = the universal gas constant, and T = abso- 
lute temperature. This equation expresses behavior ap- 
proached by real gases at high T and low P. (5.3) 

Ideal solution: a solution whose vapor pressure is directly 
proportional to the mole fraction of solvent present. 
(17.4) 

Indicator: a chemical that changes color and is used to mark 
the endpoint of a titration. (4.9; 8.5) 

Inert pair effect: the tendency for the heavier Group 3A ele- 
ments to exhibit the +1 as well as the expected +3 oxida- 
tion states, and Group 4A elements to exhibit the +2 as 
well as the +4 oxidation states. (18.5) 

Integrated rate law: an expression that shows the concentra- 
tion of a reactant as a function of time. (15.2) 

Intermediate: a species that is neither a reactant nor a prod- 
uct but that is formed and consumed in the reaction se- 
quence. (15.6) 

Intermolecular forces: relatively weak interactions that occur 
between molecules. (16.1) 

Internal energy: a property of a system that can be changed 
by a flow of work, heat, or both; AE = g + w, where AE 
is the change in the internal energy of the system, g is heat, 
and w is work. (9.1) 

Ion: an atom or a group of atoms that has a net positive or 
negative charge. (2.7) 

Ion exchange (water softening): the process in which an ion- 
exchange resin removes unwanted ions (for example, 
Ca** and Mg?*) and replaces them with Na* ions, which 
do not interfere with soap and detergent action. (18.4) 

Ion pairing: a phenomenon occurring in solution when op- 
positely charged ions aggregate and behave as a single 
particle. (17.7) 

Ion-product constant (K,,): the equilibrium constant for the 
autoionization of water; K,, = [H*][OH7™]. At 25°C, K, 
equals*t Oma g0nM a7) 

Ion-selective electrode: an electrode sensitive to the concen- 
tration of a particular ion in solution. (11.4) 

Ionic bonding: the electrostatic attraction between oppo- 
sitely charged ions. (2.7; 13.1) 


Ionic compound (binary): a compound that results when a 
metal reacts with a nonmetal to form a cation and an 
anion. (13.1) 

Tonic solid: a solid containing cations and anions that dis- 
solves in water to give a solution containing the separated 
ions, which are mobile and thus free to conduct electric 
current. (16.3) 

Ionization energy: the quantity of energy required to remove 
an electron from a gaseous atom or ion. (12.15) 

Irreversible process: any real process. When a system under- 
goes the changes State 1 — State 2 — State 1 by any real 
pathway, the universe is different than before the cyclic 
process took place in the system. (10.2) 

Isoelectronic ions: 
trons. (13.4) 

Isomers: species with the same formula but different proper- 
ties. (19.4) 

Isothermal process: a process in which the temperature re- 
mains constant. (10.2) 

Isotonic solutions: 
sures. (17.6) 

Isotopes: atoms of the same element (the same number of 
protons) with different numbers of neutrons. They have 
identical atomic numbers but different mass numbers. 


ions containing the same number of elec- 


solutions having identical osmotic pres- 





(2.6) 
Ketone: an organic compound containing the carbonyl group 
Soa 
¢ 
O 


bonded to two carbon atoms. (21.4) 

Kinetic energy 5 mv): energy resulting from the motion of 
an object; dependent on the mass of the object and the 
square of its velocity. (9.1) 

Kinetic molecular theory: a model that assumes that an ideal 
gas is composed of tiny particles (molecules) in constant 
motion. (5.6) 


Lanthanide contraction: the decrease in the atomic radii of 
the lanthanide series elements, going from left to right in 
the periodic table. (19.1) 

Lanthanide series: a group of 14 elements following lantha- 
num in the periodic table, in which the 4f orbitals are be- 
ing filled. (12.13; 18.1; 19.1) 

Lattice: a three-dimensional system of points designating the 
positions of the centers of the components of a solid (at- 
oms, ions, or molecules). (16.3) 

Lattice energy: the energy change occurring when separated 
gaseous ions are packed together to form an ionic solid. 
(13:5) 

Law of conservation of energy: energy can be converted from 
one form to another but can be neither created nor de- 
stroyed. (9.1) 

Law of conservation of mass: 
stroyed. (2.2) 

Law of definite proportion: a given compound always con- 
tains exactly the same proportion of elements by mass. 

nen) 


mass is neither created nor de- 
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Law of mass action: a general description of the equilibrium 
condition; it defines the equilibrium constant expression. 
(6.2) 

Law of multiple proportions: when two elements form a se- 
ries of compounds, the ratios of the masses of the second 
element that combine with one gram of the first element 
can always be reduced to small whole numbers. (2.2) 

Lead storage battery: a battery (used in cars) in which the 
anode is lead, the cathode is lead coated with lead diox- 
ide, and the electrolyte is a sulfuric acid solution. (11.5) 

Le Chatelier’s principle: if a change is imposed on a system at 
equilibrium, the position of the equilibrium will shift in a 
direction that tends to reduce the effect of that change. 
(6.8) 

Lewis acid: an electron-pair acceptor. (19.3) 

Lewis base: an electron-pair donor. (19.3) 

Lewis structure: a diagram of a molecule showing how the 
valence electrons are arranged among the atoms in the 
molecule. (13.10) 

Ligand: a neutral molecule or ion having a lone pair of elec- 
trons that can be used to form a bond to a metal ion; a 
Lewis base. (19.3) 

Lime-soda process: a water-softening method in which lime 
and soda ash are added to water to remove calcium and 
magnesium ions by precipitation. (7.6) 

Limiting reactant (limiting reagent): the reactant that is com- 
pletely consumed when a reaction is run to completion. 
(3) 

Line spectrum: a spectrum showing only certain discrete 
wavelengths. (12.3) 

Linear accelerator: a type of particle accelerator in which a 
changing electric field is used to accelerate a positive ion 
along a linear path. (20.3) 

Linkage isomerism: isomerism involving a complex ion 
where the ligands are all the same but the point of attach- 
ment of at least one of the ligands differs. (19.4) 

Liquefaction: the transformation of a gas into a liquid. (18.1) 

Localized electron (LE) model: a model that assumes that a 
molecule is composed of atoms that are bound together 
by sharing pairs of electrons using the atomic orbitals of 
the bound atoms. (13.9) 

London dispersion forces: the forces, existing among noble 
gas atoms and nonpolar molecules, that involve an acci- 
dental dipole that induces a momentary dipole in a neigh- 
bor. (16.1) 

Lone pair: an electron pair that is localized on a given atom; 
an electron pair not involved in bonding. (13.9) 


Magnetic quantum number (m,): the quantum number relat- 
ing to the orientation of an orbital in space relative to the 
other orbitals with the same € quantum number. It can have 
integral values between € and —, including zero. (12.9) 

Main-group (representative) elements: elements in the 
groups labeled 1A, 2A, 3A, 4A, 5A, 6A, 7A, and 8A in the 
periodic table. The group number gives the sum of valence 
s and p electrons. (12.13; 18.1) 

Major species: the components present in relatively large 
amounts in a solution. (7.4) 

Manometer: a device for measuring the pressure of a gas ina 
container. (5.1) 
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Mass defect: the change in mass occurring when a nucleus is 
formed from its component nucleons. (20.5) 

Mass number: the total number of protons and neutrons in 
the atomic nucleus of an atom. (2.6) 

Mass percent: the percent by mass of a component of a mix- 
ture (17.1) or of a given element in a compound. (3.4) 

Mass spectrometer: an instrument used to determine the rel- 
ative masses of atoms by the deflection of their ions in a 
magnetic field. (3.1) 

Matter: the material of the universe. 

Mean free path: the average distance a molecule in a given 
gas sample travels between collisions with other mole- 
cules. (5.6; 5.9) 

Measurement: a quantitative observation. (A1.5) 

Messenger RNA (mRNA): a special RNA molecule built in 
the cell nucleus that migrates into the cytoplasm and par- 
ticipates in protein synthesis. (21.6) 

Metal: an element that gives up electrons relatively easily 
and is lustrous, malleable, and a good conductor of heat 
and electricity. (2.8) 

Metalloids (semimetals): elements along the division line in 
the periodic table between metals and nonmetals. These 
elements exhibit both metallic and nonmetallic proper- 
tess 12 6218. 1) 

Metallurgy: the process of separating a metal from its ore 
and preparing it for use. (18.1) 

Millimeters of mercury (mm Hg): a unit of pressure, also 
called a torr; 760 mm Hg = 760 torr = 101,325 Pa = 
1 standard atmosphere. (5.1) 

Mixture: a material of variable composition that contains 
two or more substances. 

Model (theory): a set of assumptions put forth to explain the 
observed behavior of matter. The models of chemistry 
usually involve assumptions about the behavior of indi- 
vidual atoms or molecules. (1.3) 

Moderator: a substance used in a nuclear reactor to slow 
down the neutrons. (20.6) 

Molal boiling-point elevation constant: a constant character- 
istic of a particular solvent that gives the change in boiling 
point as a function of solution molality; used in molecular 
weight determinations. (17.5) 

Molal freezing-point depression constant: a constant charac- 
teristic of a particular solvent that gives the change in 
freezing point as a function of the solution molality; used 
in molecular weight determinations. (17.5) 

Molality: the number of moles of solute per kilogram of sol- 
vent in a solution. (17.1) 

Molar heat capacity: the energy required to raise the tem- 
perature of one mole of a substance by one degree Celsius. 
(ioe 9A) 

Molar mass: the mass in grams of one mole of molecules or 
formula units of a substance; also called molecular weight. 
(3.3) 

Molar volume: the volume of one mole of an ideal gas; equal 
to 22.42 liters at STP. (5.4) 

Molarity: moles of solute per volume of solution in liters. 
(453597.1) 

Mole (mol): the number equal to the number of carbon at- 
oms in exactly 12 grams of pure '*C; Avogadro’s number. 
One mole represents 6.022 X 1073 units. (3.2) 


Mole fraction: the ratio of the number of moles of a given 
component in a mixture to the total number of moles in 
the mixture. (5.5; 17.1) 

Mole ratio (stoichiometry): the ratio of moles of one sub- 
stance to moles of another substance in a balanced chemi- 
cal equation. (3.8) 

Molecular equation: an equation representing a reaction in 
solution showing the reactants and products in undissoci- 
ated form, whether they are strong or weak electrolytes. 
(4.6) 

Molecular formula: the exact formula of a molecule, giving 
the types of atoms and the number of each type. (3.5) 
Molecular orbital (MO) model: a model that regards a mol- 
ecule as a collection of nuclei and electrons, where the 
electrons are assumed to occupy orbitals much as they do 
in atoms, but having the orbitals extend over the entire 
molecule. In this model the electrons are assumed to be 
delocalized rather than always located between a given 

pair of atoms. (14.2) 

Molecular orientations (kinetics): orientations of molecules 
during collisions, some of which can lead to a reaction 
and some of which cannot. (15.8) 

Molecular solid: a solid composed of neutral molecules at 
the lattice points. (16.3) 

Molecular structure: the three-dimensional arrangement of 
atoms in a molecule. (13.13) 

Molecular weight: the mass in grams of one mole of mole- 
cules or formula units of a substance; also called molar 
mass. (3.3) 

Molecularity: the number of species that must collide to pro- 
duce the reaction represented by an elementary step in a 
reaction mechanism. (15.6) 

Molecule: a bonded collection of two or more atoms of the 
same or different elements. (2.7) 

Monodentate (unidentate) ligand: a ligand that can form one 
bond to a metal ion. (19.3) 

Monoprotic acid: an acid with one acidic proton. (7.2) 

Monosaccharide (simple sugar): a polyhydroxy ketone or al- 
dehyde containing from three to nine carbon atoms. 
(21.6) 

Myoglobin: an oxygen-storing biomolecule consisting of a 
heme complex and a protein. (19.8) 


Natural law: a statement that expresses generally observed 
behavior. (1.3) 

Nernst equation: an equation relating the potential of an 
electrochemical cell to the concentrations of the cell 
components 


_ 0.0591 


n 


€E=E° log(Q) at 25°C. (11.4) 

Net ionic equation: an equation for a reaction in solution, 
where strong electrolytes are written as ions, showing 
only those components that are directly involved in the 
chemical change. (4.6) 

Network solid: an atomic solid containing strong directional 
covalent bonds. (16.5) 

Neutralization reaction: an acid-base reaction. (4.9) 

Neutron: a particle in the atomic nucleus with mass virtually 
equal to the proton’s but with no charge. (2.6) 


Nitrogen cycle: the conversion of N> to nitrogen-containing 
compounds, followed by the return of nitrogen gas to the 
atmosphere by natural decay processes. (18.8) 

Nitrogen fixation: _ the process of transforming N> to nitrogen- 
containing compounds useful to plants. (18.8) 

Nitrogen-fixing bacteria: bacteria in the root nodules of 
plants that can convert atmospheric nitrogen to ammonia 
and other nitrogen-containing compounds useful to plants. 
(18.8) 

Noble gas: a Group 8A element. (2.8; 18.14) 

Node: an area of an orbital having zero electron probability. 
(12.9) 

Nonelectrolyte: a substance that, when dissolved in water, 
gives a nonconducting solution. (4.2) 

Nonmetai: an element not exhibiting metallic characteristics. 
Chemically, a typical nonmetal accepts electrons from a 
metal. (2.8) 

Normal boiling point: the temperature at which the vapor 
pressure of a liquid is exactly one atmosphere. (16.10) 

Normal melting point: the temperature at which the solid 
and liquid states have the same vapor pressure under con- 
ditions where the total pressure on the system is one at- 
mosphere. (16.10) 

Normality: the number of equivalents of a substance dis- 
solved in a liter of solution. (17.1) 

Nuclear atom: an atom having a dense center of positive 
charge (the nucleus) with electrons moving around the 
outside. (2.5) 

Nuclear transformation: 
other. (20.3) 

Nucleon: a particle in an atomic nucleus, either a neutron or 
a proton. (2.6) 

Nucleotide: a monomer of the nucleic acids composed of a 
five-carbon sugar, a nitrogen-containing base, and phos- 
phoric acid. (21.6) 

Nucleus: the small, dense center of positive charge in an 
atom. (2.5) 

Nuclide: the general term applied to each unique atom; rep- 
resented by $X, where X is the symbol for a particular ele- 
ment. (20.2) 


the change of one element into an- 


Octet rule: the observation that atoms of nonmetals tend to 
form the most stable molecules when they are surrounded 
by eight electrons (to fill their valence orbitals). (13.10) 

Optical isomerism: isomerism in which the isomers have op- 
posite effects on plane-polarized light. (19.4) 

Orbital: a specific wave function for an electron in an atom. 
The square of this function gives the probability distribu- 
tion for the electron. (12.5) 

d-Orbital splitting: a splitting of the d orbitals of the metal 
ion in a complex such that the orbitals pointing at the li- 
gands have higher energies than those pointing between 
the ligands. (19.6) 

Order (of reactant): the positive or negative exponent, deter- 
mined by experiment, of the reactant concentration in a 
rate law. (15.2) 

Organic acid: an acid with a carben-atom backbone; often 
contains the carboxyl group. (7.2) 

Organic chemistry: the study of carbon-containing compounds 

. (typically chains of carbon atoms) and their properties. (21) 
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Osmosis: the flow of solvent into a solution through a semi- 
permeable membrane. (17.6) 

Osmotic pressure (7): the pressure that must be applied to a 
solution to stop osmosis; = MRT. (17.6) 

Ostwald process: a commercial process for producing nitric 
acid by the oxidation of ammonia. (18.8) 

Oxidation: an increase in oxidation state (a loss of elec- 
trons). (4.10; 11.1) 

Oxidation—-reduction (redox) reaction: a reaction in which 
one or more electrons are transferred. (4.4; 4.10; 11.1) 

Oxidation states: a concept that provides a way to keep 
track of electrons in oxidation-reduction reactions ac- 
cording to certain rules. (4.10) 

Oxidizing agent (electron acceptor): a reactant that accepts 
electrons from another reactant. (4.10; 11.1) 

Oxyacid: an acid in which the acidic proton is attached to an 
oxygen atom. (7.2) 

Ozone: QO, the form of elemental oxygen in addition to the 
much more common Q), (18.11) 


Paramagnetism: a type of induced magnetism, associated 
with unpaired electrons, that causes a substance to be at- 
tracted into the inducing magnetic field. (14.3) 

Partial pressures: the independent pressures exerted by dif- 
ferent gases in a mixture. (5.5) 

Particle accelerator: a device used to accelerate nuclear par- 
ticles to very high speeds. (20.3) 

Pascal: the SI unit of pressure; equal to newtons per meter 
squared. (5.1) 

Pauli exclusion principle: in a given atom no two electrons 
can have the same set of four quantum numbers. (12.10) 

Penetration effect: the effect whereby a valence electron pen- 
etrates the core electrons, thus reducing the shielding ef- 
fect and increasing the effective nuclear charge. (12.14) 

Peptide linkage: the bond resulting from the condensation 
reaction between amino acids; represented by 


Ihe 


aN (256) 


Percent dissociation: the ratio of the amount of a substance 
that is dissociated at equilibrium to the initial concentra- 
tion of the substance in a solution, multiplied by 100. (7.5) 

Percent yield: the actual yield of a product as a percentage of 
the theoretical yield. (3.9) 

Periodic table: a chart showing all the elements arranged in 
columns with similar chemical properties. (2.8) 

pH curve (titration curve): a plot showing the pH of a solu- 
tion being analyzed as a function of the amount of titrant 
added. (8.5) 

PH scale: a log scale based on 10 and equal to —log[H*]; a 
convenient way to represent solution acidity. (7.3) 

Phase diagram: a convenient way of representing the phases 
of a substance in a closed system as a function of tempera- 
ture and pressure. (16.11) 

Phenyl group: the benzene molecule minus one hydrogen 
atom. (21.3) 

Photochemical smog: air pollution produced by the action of 
light on oxygen, nitrogen oxides, and unburned fuel from 
auto exhaust to form ozone and other pollutants. (5.11) 
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Photon: a quantum of electromagnetic radiation. (12.2) 

Physical change: a change in the form of a substance, but not 
in its chemical composition; chemical bonds are not bro- 
ken in a physical change. 

Pi (7) bond: a covalent bond in which parallel p orbitals 
share an electron pair occupying the space above and be- 
low the line joining the atoms. (14.1) 

Planck’s constant: the constant relating the change in energy 
for a system to the frequency of the electromagnetic radia- 
tion absorbed or emitted; equal to 6.626 X 10°-*4 Js. (12.2) 

Polar covalent bond: a covalent bond in which the electrons 
are not shared equally because one atom attracts them 
more strongly than the other. (13.1) 

Polar molecule: a molecule that has a permanent dipole mo- 
ment. (4.1) 

Polyatomic ion: an ion containing a number of atoms. (2.7) 

Polyelectronic atom: an atom with more than one electron. 
(STL) 

Polymer: a large, usually chainlike molecule built from many 
small molecules (monomers). (21.5) 

Polymerization: a process in which many small molecules 
(monomers) are joined together to form a large molecule. 
(21.2) 

Polypeptide: a polymer formed from amino acids joined to- 
gether by peptide linkages. (21.6) 

Polyprotic acid: an acid with more than one acidic proton. It 
dissociates in a stepwise manner, one proton at a time. (7.7) 

Porous disk: a disk in a tube connecting two different solu- 
tions in a galvanic cell that allows ion flow without exten- 

- sive mixing of the solutions. (11.1) 

Porphyrin: a planar ligand with a central ring structure and 
various substituent groups at the edges of the ring. (19.8) 

Positional probability: a type of probability that depends on 
the number of arrangements in space that yield a particu- 
lar state. (10.1) 

Positron production: a mode of nuclear decay in which a 
particle is formed having the same mass as an electron but 
opposite charge. The net effect is to change a proton to a 
neutron. (20.1) 

Potential energy: energy resulting from position or composi- 
tion. (9.1) 

Precipitation reaction: a reaction in which an insoluble sub- 
stance forms and separates from the solution. (4.5) 

Precision: the degree of agreement among several measure- 
ments of the same quantity; the reproducibility of a mea- 
surement. (A1.5) 

Primary structure (of a protein): the order (sequence) of 
amino acids in the protein chain. (21.6) 

Principal quantum number: the quantum number relating to 
the size and energy of an orbital; it can have any positive 
integer value. (12.9) 

Probability distribution: the square of the wave function in- 
dicating the probability of finding an electron at a partic- 
ular point in space. (12.8) 

Product: a substance resulting from a chemical reaction. It is 
shown to the right of the arrow in a chemical equation. 
(3.6) 

Protein: a natural high-molecular-weight polymer formed by 
condensation reactions between amino acids. (21.6) 


Proton: a positively charged particle in an atomic nucleus. 
(2.6; 20) 


Qualitative analysis: the separation and identification of in- 
dividual ions from a mixture. (4.7; 8.9) 

Quantization: the concept that energy can occur only in dis- 
crete units called quanta. (12.2) 


Rad: a unit of radiation dosage corresponding to 10~? J of 
energy deposited per kilogram of tissue (from radiation 
absorbed dose). (20.7) 

Radioactive decay (radioactivity): the spontaneous decom- 
position of a nucleus to form a different nucleus. (20.1) 

Radiocarbon dating (carbon-14 dating): a method for dating 
ancient wood or cloth based on the rate of radioactive 
decay of the nuclide ‘ZC. (20.4) 

Radiotracer: a radioactive nuclide, introduced into an organ- 
ism for diagnostic purposes, whose pathway can be traced 
by monitoring its radioactivity. (20.4) 

Random error: an error that has an equal probability of be- 
ing high or low. (A1.5) 

Raoult’s law: the vapor pressure of a solution is directly pro- 
portional to the mole fraction of solvent present. (17.4) 

Rate constant: the proportionality constant in the relationship 
between reaction rate and reactant concentrations. (15.2) 

Rate of decay: the change in the number of radioactive nu- 
clides in a sample per unit time. (20.2) 

Rate-determining step: the slowest step in a reaction mecha- 
nism, the one determining the overall rate. (15.6) 

Rate law (differential rate law): an expression that shows 
how the rate of reaction depends on the concentration of 
reactants. (15.2) 

Reactant: a starting substance in a chemical reaction. It ap- 
pears to the left of the arrow in a chemical equation. (3.6) 

Reaction mechanism: the series of elementary steps involved 
in a chemical reaction. (15.6) 

Reaction quotient: a quotient obtained by applying the law 
of mass action to initial concentrations rather than to 
equilibrium concentrations. (6.6) 

Reaction rate: the change in concentration of a reactant or 
product per unit time. (15.1) 

Reactor core: the part of a nuclear reactor where the fission 
reaction takes place. (20.6) 

Reducing agent (electron donor): a reactant that donates 
electrons to another substance to reduce the oxidation 
state of one of its atoms. (4.10; 11.1) 

Reduction: a decrease in oxidation state (a gain of electrons). 
(4.10; 11.1) 

Rem: a unit of radiation dosage that accounts for both the 
energy of the dose and its effectiveness in causing biologi- 
cal damage (from roentgen equivalent for man). (20.7) 

Resonance: a condition occurring when more than one valid 
Lewis structure can be written for a particular molecule. 
The actual electronic structure is not represented by any 
one of the Lewis structures but by the average of all of 
them. (13.11) 

Reverse osmosis: the process occurring when the external 
pressure on a solution causes a net flow of solvent through 
a semipermeable membrane from the solution to the sol- 
vent. (17.6) 

Reversible process: a cyclic process carried out by a hypo- 
thetical pathway, which leaves the universe exactly the 


same as it was before the process. No real process is re- 
versible. (10.2) 


Ribonucleic acid (RNA): a nucleotide polymer that transmits 
the genetic information stored in DNA to the ribosomes 
for protein synthesis. (21.6) 

Root mean square velocity: the square root of the average of 


the squares of the individual velocities of gas particles. 
(5.6) 


Salt: an ionic compound. (7.8) 

Salt bridge: a U-tube containing an electrolyte that connects 
the two compartments of a galvanic cell, allowing ion 
flow without extensive mixing of the different solutions. 
(11.1) 

Scientific method: the process of studying natural phenom- 
ena, involving observations, forming laws and theories, 
and testing of theories by experimentation. (1.3) 

Scintillation counter: an instrument that measures radioac- 
tive decay by sensing the flashes of light produced in a 
substance by the radiation. (20.4) 

Second law of thermodynamics: in any spontaneous process, 
there is always an increase in the entropy of the universe. 
(10.5) 

Secondary structure (of a protein): the three-dimensional 
structure of the protein chain (for example, a-helix, ran- 
dom coil, or pleated sheet). (21.6) 

Selective precipitation: a method of separating metal ions 
from an aqueous mixture by using a reagent whose anion 
forms a precipitate with only one or a few of the ions in 
the mixture. (4.7; 8.8) 

Semiconductor: a substance conducting only a slight electric 
current at room temperature, but showing increased con- 
ductivity at higher temperatures. (16.5) 

Semipermeable membrane: a membrane that allows solvent 
but not solute molecules to pass through. (17.6) 

Shielding: the effect by which the other electrons screen, or 
shield, a given electron from some of the nuclear charge. 
(12.14) 

SI units: International System of units based on the metric 
system and units derived from the metric system. (A2.1) 

Side chain (of amino acid): the hydrocarbon group on an 
amino acid represented by H, CH3, or a more complex 
substituent. (21.6) 

Sigma (a7) bond: a covalent bond in which the electron pair 
is shared in an area centered on a line running between 
the atoms. (14.1) 

Significant figures: the certain digits and the first uncertain 
digit of a measurement. (A1.5) 

Silica: the fundamental silicon-oxygen compound, which 
has the empirical formula SiO2, and forms the basis of 
quartz and certain types of sand. (16.5) 

Silicates: salts that contain metal cations and polyatomic 
silicon—oxygen anions that are usually polymeric. (16.5) 

Single bond: a bond in which one pair of electrons is shared 
by two atoms. (13.8) 

Solubility: the amount of a substance that dissolves in a 
given volume of solvent at a given temperature. (4.2) 
Solubility product constant: the constant for the equilibrium 

expression representing the dissolving of an ionic solid in 
water. (8.8) 
Solute: a substance dissolved in a liquid to form a solution. 
42 A Gal) 
Solution: a homogeneous mixture. (17) 
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Solvent: the dissolving medium in a solution. (4.2) 

Somatic damage: radioactive damage to an organism result- 
ing in its sickness or death. (20.7) 

Space-filling model: a model of a molecule showing the rela- 
tive sizes of the atoms and their relative orientations. (2.7) 

Specific heat capacity: the energy required to raise the tem- 
perature of one gram of a substance by one degree Cel- 
sius. (9.4) 

Spectator ions: ions present in solution that do not partici- 
pate directly in a reaction. (4.6) 

Spectrochemical series: a listing of ligands in order based on 
their ability to produce d-orbital splitting. (19.6) 

Spectroscopy: the study of the interaction of electromagnetic 
radiation within matter. (14.7) 

Spontaneous fission: the spontaneous splitting of a heavy nu- 
clide into two lighter nuclides. (20.1) 

Spontaneous process: a process that occurs without outside 
intervention. (10.1) 

Standard atmosphere: 
Heg.(5.1) 

Standard enthalpy of formation: the enthalpy change that 
accompanies the formation of one mole of a compound at 
25°C from its elements, with all substances in their stan- 
dard states at that temperature. (9.6) 

Standard free energy change: the change in free energy that 
will occur for one unit of reaction if the reactants in their 
standard states are converted to products in their stan- 
dard states. (10.9) 

Standard free energy of formation: the change in free energy 
that accompanies the formation of one mole of a sub- 
stance from its constituent elements with all reactants and 
products in their standard states. (10.9) 

Standard hydrogen electrode: a platinum conductor in con- 
tact with 1 M H* ions and bathed by hydrogen gas at one 
atmosphere. (11.2) 

Standard reduction potential: the potential of a half-reaction 
under standard state conditions, as measured against the 
potential of the standard hydrogen electrode. (11.2) 

Standard solution: a solution whose concentration is accu- 
rately known. (4.3) 

Standard state: a reference state for a specific substance de- 
fined according to a set of conventional definitions. (9.6) 

Standard temperature and pressure (STP): the condition 0°C 
and 1 atm of pressure. (5.4) 

Standing wave: a stationary wave as on a string of a musical 
instrument; in the wave mechanical model, the electron in 
the hydrogen atom is considered to be a standing wave. 
(12.5) 

State function: 
way. (9.1) 

States of matter: the three different forms in which matter 
can exist: solid, liquid, and gas. (5) 

Stereoisomerism: isomerism in which all the bonds in the 
isomers are the same but the spatial arrangements of the 
atoms are different. (19.4) 

Steric factor: the factor (always less than one) that reflects 
the fraction of collisions with orientations that can pro- 
duce a chemical reaction. (15.8) 

Stoichiometric quantities: quantities of reactants mixed in 
exactly the correct amounts so that all are used up at the 
same time. (3.9) 


a unit of pressure equal to 760 mm 


a property that is independent of the path- 
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Strong acid: an acid that completely dissociates to produce a 
H* ion and the conjugate base. (4.2; 7.2) 

Strong base: a metal hydroxide salt that completely dissoci- 
ates into its ions in water. (4.2; 7.6) 

Strong electrolyte: a material that, when dissolved in water, 
gives a solution that conducts an electric current very ef- 
ficiently. (4.2) 

Structural formula: the representation of a molecule in which 
the relative positions of the atoms are shown and the 
bonds are indicated by lines. (2.7) 

Structural isomerism: isomerism in which the isomers con- 
tain the same atoms but one or more bonds differ. (19.4; 
21.1) 

Subcritical reaction (nuclear): a reaction in which less than 
one neutron causes another fission event and the process 
dies out. (20.6) 

Sublimation: the process by which a substance goes directly 
from the solid to the gaseous state without passing 
through the liquid state. (16.10) 

Subshell: a set of orbitals with a given angular momentum 
quantum number. (12.9) 

Substitution reaction (hydrocarbons): a reaction in which an 
atom, usually a halogen, replaces a hydrogen atom in a 
hydrocarbon. (21.1) 

Supercooling: the process of cooling a liquid below its freez- 
ing point without its changing to a solid. (16.10) 

Supercritical reaction (nuclear): a reaction in which more 
than one neutron from each fission event causes another 
fission event. The process rapidly escalates to a violent 
explosion. (20.6) 

Superheating: the process of heating a liquid above its boil- 
ing point without its boiling. (16.10) 

Superoxide: a compound containing the O,~ anion. (18.2) 

Surface tension: the resistance of a liquid to an increase in its 
surface area. (16.2) 

Surroundings: everything in the universe surrounding a ther- 
modynamic system. (9.1) 

Syngas: synthetic gas, a mixture of carbon monoxide and hy- 
drogen, obtained by coal gasification. (9.8) 

System (thermodynamic): that part of the universe on which 
attention is to be focused. (9.1) 

Systematic error: an error that always occurs in the same di- 
rection. (A1.5) 


Termolecular step: a reaction involving the simultaneous 
collision of three molecules. (15.6) 

Tertiary structure (of a protein): the overall shape of a pro- 
tein, long and narrow or globular, maintained by different 
types of intramolecular interactions. (21.6) 

Theoretical yield: the maximum amount of a given product 
that can be formed when the limiting reactant is com- 
pletely consumed. (3.9) 

Theory: a set of assumptions put forth to explain some as- 
pect of the observed behavior of matter. (1.3) 

Thermal pollution: the oxygen-depleting effect on lakes and 
rivers of using water for industrial cooling and returning 
it to its natural source at a higher temperature. (17.3) 

Thermodynamic stability (nuclear): the potential energy of a 
particular nucleus as compared with the sum of the po- 


tential energies of its component protons and neutrons. 
(20.1) 


Thermodynamics: the study of energy and its interconver- 
sions. (9.1) 

Third law of thermodynamics: 
tal at 0 K is zero. (10.8) 

Titration: a technique in which one solution is used to ana- 
lyze another. (4.9) 

Torr: another name for millimeter of mercury (mm Hg). (5.1) 

Transfer RNA (tRNA): asmall RNA fragment that finds spe- 
cific amino acids and attaches them to the protein chain 
as dictated by the codons in mRNA. (21.6) 
Transition metals: several series of elements in which inner 
orbitals (d or f orbitals) are being filled. (12.13; 18.1) 
Transuranium elements: the elements beyond uranium that 
are made artificially by particle bombardment. (20.3) 
Triple bond: a bond in which three pairs of electrons are 
shared by two atoms. (13.8) 

Triple point: the point on a phase diagram at which all three 
states of a substance are present. (16.11) 

Tyndall effect: the scattering of light by particles in a suspen- 
sion. (17.8) 


the entropy of a perfect crys- 


Uncertainty (in measurement): the characteristics that any 
measurement involves estimates and cannot be exactly re- 
produced. (A1.5) 

Unimolecular step: a reaction step involving only one mole- 
cule. (15.6) 

Unit cell: the smallest repeating unit of a lattice. (16.3) 

Unit factor: an equivalence statement between units used for 
converting from one unit to another. (A2.2) 

Universal gas constant: the combined proportionality con- 
stant in the ideal gas law; 0.08206 L atm/K mol or 
8.3145 J/K mol. (5.3) 


Valence electrons: the electrons in the outermost principal 
quantum level of an atom. (12.13) 

Valence shell electron-pair repulsion (VSEPR) model: a 
model whose main postulate is that the structure around 
a given atom in a molecule is determined principally by 
minimizing electron-pair repulsions. (13.13) 

van der Waals’s equation: a mathematical expression for de- 
scribing the behavior of real gases. (5.10) 

van’t Hoff factor: the ratio of moles of particles in solution 
to moles of solute dissolved. (17.7) 

Vapor pressure: the pressure of the vapor over a liquid at 
equilibrium. (16.10) 

Vaporization: the change in state that occurs when a liquid 
evaporates to form a gas. (16.10) 

Viscosity: the resistance of a liquid to flow. (16.2) 

Volt: the unit of electrical potential defined as one joule of 
work per coulomb of charge transferred. (11.1) 

Voltmeter: an instrument that measures cell potential by 
drawing electric current through a known resistance. (11.1) 

Volumetric analysis: a process involving titration of one so- 
lution with another. (4.9) 


Wave function: a function of the coordinates of an electron’s 
position in three-dimensional space that describes the 
properties of the electron. (12.5) 

Wave mechanical model: a model for the hydrogen atom in 


which the electron is assumed to behave as a standing 
wave. (12.7) 


Wavelength: the distance between two consecutive peaks or 
troughs in a wave. (12.1) 

Weak acid: an acid that dissociates only slightly in aqueous 
solution. (4.2; 7.2) 

Weak base: a base that reacts with water to produce hydroxide 
ions to only a slight extent in aqueous solution. (4.2; 7.6) 

Weak electrolyte: a material that, when dissolved in water, 
gives a solution that conducts only a small electric cur- 
rent. (4.2) 

Weight: the force exerted on an object by gravity. (2.3) 

Work: force acting over a distance. (9.1) 
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X-ray diffraction: a technique for establishing the structures 
of crystalline solids by directing X rays of a single wave- 
length at a crystal and obtaining a diffraction pattern 
from which interatomic spaces can be determined. (16.3) 


Zone of nuclear stability: the area encompassing the stable 
nuclides on a plot of their positions as a function of the 
number of protons and the number of neutrons in the 
nucleus. (20.1) 


Answers to Selected Exercises 





The answers listed here are from the Complete Solutions Guide, in 
which rounding is carried out at each intermediate step in a calcula- 
tion in order to show the correct number of significant figures for 
that step. Therefore, an answer given here may differ in the last digit 
from the result obtained by carrying extra digits throughout the 
entire calculation and rounding at the end (the procedure you should 
follow). 
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19. CIF; 21. NH3; Avogadro’s hypothesis (law) implies that volume 
ratios are equal to molecule ratios at constant temperature and pres- 
sure. Here, 1 volume of N> reacts with 3 volumes of H) to produce 

2 volumes of the gaseous product. Or in terms of molecule ratios, 

1 molecule of N> reacts with 3 molecules of H) to produce 2 mole- 
cules of a product. In order for the equation to be balanced, the 
product must be NH3. 23. All the masses of hydrogen in these three 
compounds can be expressed as simple whole-number ratios. The 

g H/g N in hydrazine, ammonia, and hydrogen azide are in the ratios 
6:9:1. 25. O, 7.94; Na, 22.8; Mg, 11.9; O and Mg are incorrect by 
a factor of ~2; correct formulas are H,O, Na.O, and MgO. 

27. d(nucleus) = 3 X 10! g/cm?; d(atom) = 0.4 g/cm? 29. Since all 
charges are whole-number multiples of 6.40 X 107! zirkombs, then 
the charge on one electron could be 6.40 x 10~!3 zirkombs. 
However, 6.40 X 107! zirkombs could be the charge of two elec- 
trons (or three electrons, etc.). All one can conclude is that the charge 
of an electron is 6.40 * 107 zirkombs or an integer fraction of 
6.40 x 10-8. 31. If the plum pudding model were correct (a diffuse 
positive charge with electrons scattered throughout), then a@ particles 
should have traveled through the thin foil with very minor deflections 
in their path. This was not the case because a few of the a particles 
were deflected at very large angles. Rutherford reasoned that the 
large deflections of these a particles could be caused only by a center 
of concentrated positive charge that contains most of the atom’s mass 
(the nuclear model of the atom). 33. The atomic number of an 
element is equal to the number of protons in the nucleus of an atom 
of that element. The mass number is the sum of the number of 
protons plus neutrons in the nucleus. The atomic mass is the actual 
mass of a particular isotope (including electrons). As we will see in 
Chapter 3, the average mass of an atom is taken from a measurement 
made on a large number of atoms. The average atomic mass value is 
listed in the periodic table. 35. a. The noble gases are He, Ne, Ar, 
Kr, Xe, and Rn (helium, neon, argon, krypton, xenon, and radon). 
Radon has only radioactive isotopes. In the periodic table, the whole 
number enclosed in parentheses is the mass number of the longest- 
lived isotope of the element. b. promethium (Pm) and technetium 
(Tc) 37. a. Cl; halogen; b. Be; alkaline earth metal; c. Eu; lantha- 
nide metal; d. Hf; transition metal; e. He; noble gas; f. U; actinide 
metal; g. Cs; alkali metal 39. For lighter, stable isotopes, the 
number of protons in the nucleus is about equal to the number of 
neutrons. When the number of protons and neutrons is equal to each 
other, the mass number (protons + neutrons) will be twice the atomic 
number (protons). Therefore, for lighter isotopes, the ratio of the 
mass number to the atomic number is close to 2. For example, con- 
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sider 28Si, which has 14 protons and (28 — 14 =) 14 neutrons. Here, 
the mass number to atomic number ratio is 28/14 = 2.0. For heavier 
isotopes, there are more neutrons than protons in the nucleus. There- 
fore, the ratio of the mass number to the atomic number increases 
steadily upward from 2 as the isotopes get heavier and heavier. For 
example, 238U has 92 protons and (238 — 92 =) 146 neutrons. The 
ratio of the mass number to the atomic number for 7°8U is 238/92 = 
D6. 4iea. 12 peldin Wren bat? palo Ole weare, Pao oatts 
Stems 27) pyoe ly 24 €: (em D7, Proc tt D 1.6 tens Psst: 

g. 34p,45n, 36e; h. 28 p, 35 n, 28 e; 1. 28 p, 31 n, 26e 
43, iF ust; 138Sn2+ 45. a. Lose 2 e~ to form Ra**; b. Lose 3 €~ to 
form In3*; c. Gain 3 e~ to form P?-; d. Gain 2 e~ to form Te? ; 
e. Gain 1 e- to form Br; f. Lose 1e toformRb~ 47. AICI, alu- 
minum chloride; CrCl;, chromium(III) chloride; ICl;, iodine trichlo- 
ride; AICI; and CrCl, are ionic compounds following the rules for 
naming ionic compounds. The major difference is that CrCl; contains 
a transition metal (Cr) that generally exhibits two or more stable 
charges when in ionic compounds. We need to indicate which 
charged ion we have in the compound. This is generally true when- 
ever the metal in the ionic compound is a transition metal. IC]; is 
made from only nonmetals and is a covalent compound. Predicting 
formulas for covalent compounds is extremely difficult. Because of 
this, we need to indicate the number of each nonmetal in the binary 
covalent compound. The exception is when there is only one of the 
first species present in the formula; when this is the case, mono- is 
not used (it is assumed). 49. a. sulfur difluoride; b. dinitrogen 
tetroxide; c. iodine trichloride; d. tetraphosphorus hexoxide 
51. a. copper(I) iodide; b. copper(II) iodide; c. cobalt(II) iodide; 
d. sodium carbonate; e. sodium hydrogen carbonate or sodium 
bicarbonate; f. tetrasulfur tetranitride; g. selenium tetrabromide; 
h. sodium hypochlorite; i. barium chromate; j. ammonium nitrate 
53. a. SO2; b. SO3; c. Na2SO3; d. KHSO3; e. Li3N; f. Cro(CO3)3; 
g. Cr(C,H303)2; h. SnF4; i. NHs3HSO, (composed of NH,* and 
HSO,4° ions); j. (NH4)2HPO4; k. KClO,4; 1. NaH; m. HBrO; 
n. HBr 55. a. lead(II) acetate; b. copper(II) sulfate; c. calcium 
oxide; d. magnesium sulfate; e. magnesium hydroxide; f. calcium 
sulfate; g. dinitrogen monoxide or nitrous oxide (common) 
$7. a. nitric acid, HNO3; b. perchloric acid, HCIO4; c. acetic acid, 
HC3H;O0,;  d. sulfuric acid, H,SO4; e. phosphoric acid, H;PO,4 
59. The equation for the reaction would be 2 Na(s) + Cl(g) > 
2 NaCl(s). The sodium reactant exists as singular sodium atoms 
packed together very tightly and in a very organized fashion. This 
type of packing of atoms represents the solid phase. The chlorine 
reactant exists as Cl, molecules. In the picture of chlorine, there is a 
lot of empty space. This occurs only in the gaseous phase. When 
sodium and chlorine react, the ionic compound NaCl forms. NaCl 
exists as separate Na* and Cl- ions. Because the ions are packed very 
closely together and are packed in a very organized fashion, NaCl is 
depicted in the solid phase. 61.299g 63.a. True; b. False. The 
isotope has 34 protons; c. False. The isotope has 45 neutrons; 
d. False. The identity is selenium, Se. 65. Ra;142n 67. SeQ,2>: 
selenate; SeO3~: selenite; TeO,?~: tellurate; TeO32~: tellurite 
69. InO, atomic mass of In = 76.54; In.O3, atomic mass of In = 114.8 


71. SbCl; antimony(III) chloride 73. chlorine; 18 electrons 

75. a. The compounds have the same number and types of atoms 
(same formula), but the atoms in the molecules are bonded together 
differently. Therefore, the two compounds are different compounds 
with different properties. The compounds are called isomers of each 
other. b. When wood burns, most of the solid material in wood is 
converted to gases, which escape. The gases produced are most likely 
CO, and H30. c. The atom is not an indivisible particle, but is 
instead composed of other smaller particles—electrons, neutrons, and 
protons. d. The two hydride samples contain different isotopes of 
either hydrogen or lithium. Although the compounds are composed 
of different isotopes, their properties are similar because different iso- 
topes of the same element have similar properties (except, of course, 
their mass). 77. The ratio of the masses of R that combine with 
1.00 g Q is 3:1, as expected by the law of multiple proportions. 

R3Q_ 79. C:H ratio = 8:18 or 4:9 
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23.47.88 amu; Ti 25.108.9 amu 27.185 amu 29. There are 
three peaks in the mass spectrum, each two mass units apart. This is 
consistent with two isotopes, differing in mass by two mass units. 
The peak at 157.84 corresponds to a Br. molecule composed of two 
atoms of the lighter isotope. This isotope has mass equal to 157.84/2 
or 78.92, which corresponds to ”’Br. The second isotope is ®!Br with 
mass equal to 161.84/2 = 80.92. The peaks in the mass spectrum 
correspond to “Bro, ’’Br®'Br, and *!Bry, in order of increasing mass. 
The intensities of the highest and lowest masses tell us the two iso- 
topes are present at about equal abundance. The actual abundance is 
50.68% “Br and 49.32% *'Br. 31. GaAs can be either ©’GaAs or 
71GaAs. The mass spectrum for GaAs will have 2 peaks at 144 

(69 + 75) and 146 (71 + 75) with intensities in the ratio of 60:40 or 
3:2. GazAs> can be ©’GazAso, ©?Ga7!GaAs, or 7!Ga As). The mass 
spectrum will have 3 peaks at 288, 290, and 292 with intensities in 
the ratio of 36:48:16 or 9:12:4. 33. a. 180.158 g/mol; b. 2.78 x 
10-3 mol; 1.67 X 107! molecules 35. a. 1.03 X 10-4 mol; b. 4.52 
x 10-3 mol; c. 3.41 X 10°? mol 37. 4.0 g He < 1.0 mol F; < 
44.0 ¢CO)<4.0gHs <146 gSF, 39.a. 165.39 g/mol; 

b. 3.023 mol; c. 3.3 g; d. 5.5 X 107? atoms; e. 1.6 g; f. 1.373 X 
10°’ g 41. 71.40% C; 8.689% H; 5.648% F; 14.26% O 

43. 13.35% Y, 41.22% Ba, 28.62% Cu, and 16.81% O 45. Only 
NO is 46.7% N by mass, so NO could be this species. Any other 
compound having NO as an empirical formula could also be the 
compound. 47. 6.54 X 10* g/mol 49. a. 40.002% C, 6.7135% H, 
53.285% O; b. 40.002% C, 6.7136% H, 53.284% O; c. 40.002% 
C, 6.7135% H, 53.285% O; All three compounds have the same 
empirical formula, CHO, but different molecular formulas. The 
composition of all three in mass percent is also the same (within 
rounding differences). Therefore, elemental analysis will give us only 
the empirical formula. 51. a. S4N4H4; b. N3P3Clg; c. CozCgOz; 

d. S4Nq4 53: HgO and Hg,0 ape C7H;5N30¢ SF PsNsChio 

59. C3H4O3; CsHgO,¢ 61. Only one product is formed in this repre- 
sentation. This product has two Ys bonded to an X. The other sub- 
stance present in the product mixture is just the excess of one of the 
reactants (Y). The best equation has smallest whole numbers. Here, 
answer c would be this smallest whole number equation (X + 2Y > 
XY>). Answers a and b have incorrect products listed, and for 
answer d, an equation includes only the reactants that go to produce 
the product; excess reactants are not shown in an equation. 

63. a. C6H12O¢(s) + 602(g) > 6CO2(g) + 6H2O(g); b. Fe2S3(s) + 
6HCI(g) > 2FeCl;(s) + 3H2S(g); c. CS2(/) + 2NH3(g) > H2S(g) + 
NHuSCN(s) 65. a. 16Cr(s) + 3Sg(s) > 8Cr2S3(s); b. 2NaHCO;(s) 
— Na>CO3;(s) + CO2(g) + H2O(g); c. 2KCIO3(s) > 2KCI(s) + 
302(g);_ d. 2Eu(s) + 6HF(g) > 2EuF;(s) + 3H2(g); e. 2C6He6(/) + 
1503(g) > 12CO2(g) + 6H2O0(g) 67.4355 g 69. 21.5 g Fe2O3; 
7.26 g Al; 13.7gAlLO3 71.2.8days 73.150g 75.2NO(g) + 
O2(g) > 2NO,(g); NO is limiting. 77. 0.301 g H2O2; 3.6 x (0)-2ye 
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HCl 79. 1.20 metric tons 81. 2.81 X 10° g HCN; 5.63 X 10° ¢ 
H,0 83.99.8¢F, 85.4.30 X 10°? mol; 2.50 g 87. M is 
yttrium, and X is chlorine. Yttrium(III) chloride; 1.84 ¢ 89. 5 

91. AlsSe3; 93.42.8% 95.83.40% 97. 86.2% 99. 86.92 amu 
101. 1. NH; Il. NoH4; Il. HN;; If we set the atomic mass of H equal 
to 1.008, then the atomic mass of N is 14.01. 103. 87.8 amu 

105. C39H390 107. The gas mixture consists of 1®©O!%O, !°O180, 
and *°Ar. The isotope composition is 42.82% !°O, 8.6 x 10°-2% 180, 
and 57.094% *#Ar. 109.207 amu;Pb 111.Ge 113.184 amu 
Dd SeeleOSemoliy75 VOR lease 9080 Was S119 22996 

121. 0.48 mol 


Chapter 4 


11. Solution A has the most molecules per unit volume so solution A 
is most concentrated. This is followed by solution D, then solution C. 
Solution B has the fewest molecules per unit volume, so solution B is 
least concentrated. 13. a. Polarity is a term applied to covalent 
compounds. Polar covalent compounds have an unequal sharing of 
electrons in bonds that results in unequal charge distribution in the 
overall molecule. Polar molecules have a partial negative end and a 
partial positive end. These are not full charges as in ionic compounds 
but are charges much smaller in magnitude. Water is a polar molecule 
and dissolves other polar solutes readily. The oxygen end of water 
(the partial negative end of the polar water molecule) aligns with the 
partial positive end of the polar solute, whereas the hydrogens of 
water (the partial positive end of the polar water molecule) align 
with the partial negative end of the solute. These opposite-charge 
attractions stabilize polar solutes in water. This process is called 
hydration. Nonpolar solutes do not have permanent partial negative 
and partial positive ends; nonpolar solutes are not stabilized in water 
and do not dissolve. b. KF is a soluble ionic compound, so it is a 
strong electrolyte. KF(aq) actually exists as separate hydrated K* ions 
and hydrated F~ ions in solution: CgH;2O¢ is a polar covalent mole- 
cule that is a nonelectrolyte. C6H;20¢ is hydrated as described in 
part a. c. RbCl is a soluble ionic compound, so it exists as separate 
hydrated Rb* ions and hydrated Cl ions in solution. AgCl is an 
insoluble ionic compound, so the ions stay together in solution and 
fall to the bottom of the container as a precipitate. d. HNO; isa 
strong acid and exists as separate hydrated H* ions and hydrated 
NO; ions in solution. CO is a polar covalent molecule and is 
hydrated as explained in parta. 15. a. picture iv; b. picture ii; 

c. picture iii; d. picture i; 17. a. Place 20.0 g NaOH in a 2-L volu- 
metric flask; add water to dissolve the NaOH, and fill to the mark 
with water, mixing several times along the way. b. Add 500. mL of 
1.00 M NaOH stock solution to a 2-L volumetric flask; fill to the 
mark with water, mixing several times along the way. c. Similar to 
the solution made in part a, instead using 38.8 g K,CrO,. d. Similar 
to the solution made in part b, instead using 114 mL of the 1.75 M 
K,CrO, stock solution. 19.4.00g 21. 100.0 mL of 0.30 M AICI; 
contains the most moles of Cl” ions. 23.4.5 M 25.5.95 x 1078 
M 272a:2.5 x 10>? M; b: 8:4 x 10 M; c& 1:33 x 10s Ms; 

d. 2.8 x 10-7 M_ 29. Bromides: NaBr, KBr, and NH4Br (and others) 
would be soluble, and AgBr, PbBr2, and Hg)Br) would be insoluble. 
Sulfates: Na»SO4, K,SO4, and (NH4)2SO,4 (and others) would be 
soluble, and BaSO4, CaSO4, and PbSO, (or Hg2SO,4) would be insolu- 
ble. Hydroxides: NaOH, KOH, Ca(OH), (and others) would be 
soluble, and Al(OH)3, Fe(OH) 3, and Cu(OH), (and others) would be 
insoluble. Phosphates: Na3PO4, K3PO4, (NH4)3PO4 (and others) 
would be soluble, and Ag3PO4, Ca3(PO4)2, and FePO, (and others) 
would be insoluble. Lead: PbCh, PbBr2, Pbly, Pb(OH)2, PbSO4, and 
PbS (and others) would be insoluble. Pb(NO3)2 would be a soluble 
Pb?* salt. 31. a. precipitate = Hg ,SO,; b. no precipitate forms; 

c. precipitate = MgCO;; d. precipitate = Al)(CrO4)3 

33. a. (NH4)2SO4(aq) + Ba(NO3)2(aq) ~ 2NH4NO3(aq) + BaSO4(s); 
2NH,*(aq) + SO? (aq) + Ba**(aq) + 2NO3 (aq) > 2NH4*(aq) + 
2NO3 (aq) + BaSO,(s); Ba?*(aq) + SO4* (aq) > BaSO,(s); 
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b. Pb(NO3)2(aq) + 2NaCl(aq) > PbClh(s) + 2NaNO3(aq); Pb?* (aq) 
+ 2NO37(aq) + 2Na*(aq) + 2Cl (aq) > PbCla(s) + 2Na*(aq) + 
2NO3 (aq); Pb?* (aq) + 2Cl- (aq) — PbCli(s); c. No reaction occurs 
since all possible products are soluble. d. No reaction occurs since 
all possible products are soluble. e. CuCls(aq) + 2NaOH(aq) > 
Cu(OH),(s) + 2NaCl(aq); Cu**(aq) + 2Cl- (aq) + 2Na*(aq) + 
2OH- (aq) > Cu(OH),(s) + 2Na*(aq) + 2Cl- (aq); Cu?*(aq) + 
2OH~ (aq) > Cu(OH),(s) 35. a. When CuSO,(aq) is added to 
Na»S(aq), the precipitate that forms is CuS(s). Therefore, Na* (the 
gray spheres) and $O,?~ (the bluish green spheres) are the spectator 
ions. CuSO,4(aq) + Na2S(aq) > CuS(s) + Na2SO,4(aq); Cu?* (aq) + 
S?-(aq) > CuS(s) b. When CoCl,(aq) is added to NaOH{(aq), the 
precipitate that forms is Co(OH))(s). Therefore, Na* (the gray 
spheres) and Cl- (the green spheres) are the spectator ions. 
CoCl,(aq) + 2NaOH(aq) — Co(OH)2(s) + 2NaCl(aq); Co?* (aq) + 
20H“ (aq) — Co(OH)2(s) c. When AgNO3(aq) is added to KI(aq), 
the precipitate that forms is AgI(s). Therefore, K* (the red spheres) 
and NO3~ (the blue spheres) are the spectator ions. AgNO3(aq) + 

KI (aq) — Agl(s) + KNO3(aq); Ag*(aq) + I-(aq) > Agl(s) 37. From 
the solubility rules in Table 4.1, the possible cations could be Ba?* 
and Ca?*. 39.2.9 g AgCl; 0.050 M Cl; 0.10 M NO; ; 0.075 M 
Ca** 41.0.607g 43.16.2% 45.39.49 mg/tablet; 67.00% 
47.23 amu; Na 49. a. Perchloric acid reacted with potassium 
hydroxide is a possibility. HClO4(aq) + KOH(aq) > H2O(/) + 
KC1O,4(aq); b. Nitric acid reacted with cesium hydroxide is a 
possibility. HNO3(aq) + CsOH(aq) > H,O(/) + CsNO3(aq); 

c. Hydroiodic acid reacted with calcium hydroxide is a possibility. 
2HI(aq) + Ca(OH) (aq) > 2H2,O(/) + Cal,(aq) 51. a. 50.0 mL; 

Dee 5.0imle sem Seao milbndaS3-onmll-sen5) Ome aiao,3 Spmale 

53. The acid is a diprotic acid (H)A), meaning that it has two H* 
ions in the formula to donate to a base. The reaction is H,A(aq) + 
2NaOH (aq) — 2H,O(/) + NaA(aq), where A*~ is what is left over 
from the acid formula when the two protons (H* ions) are reacted. 
For the HCI reaction, the base has the ability to accept two protons. 
The most common examples are Ca(OH), Sr(OH)2, and Ba(OH)). 
A possible reaction would be 2HCl(aq) + Ca(OH)2(aq) > 2H20(I) 
+ CaCl,(aq). 55.4.7X10°*M 57.a. 0.8393 M; b. 5.010% 
59. The resulting solution is not neutral. 5.9 x 10-> M OH 

61.2.0 x 10°* MOH 63.a. The species reduced is the element 
that gains electrons. The reducing agent causes reduction to occur by 
itself being oxidized. The reducing agent generally refers to the entire 
formula of the compound/ion that contains the element oxidized. 

b. The species oxidized is the element that loses electrons. The oxi- 
dizing agent causes oxidation to occur by being reduced itself. 

The oxidizing agent generally refers to the entire formula of the 
compound/ion that contains the element reduced. c. For simple 
binary ionic compounds, the actual charge on the ions are the oxida- 
tion states. For covalent substances, nonzero oxidation states are 
imaginary charges the elements would have if they were held together 
by ionic bonds (assuming the bond is between two different nonmet- 
als). Nonzero oxidation states for elements in covalent compounds 
are not actual charges. Oxidation states for covalent compounds are 
a bookkeeping method to keep track of electrons in a reaction. 

65. an Ky tls OL 2: Mn a-7s ib. Ni) -+4;.O, 2c. Fe, +25 d. A. 
+1; O, —2; N, —3; P, +5; e. P, +3; O, 2; f. O, -2; Fe, +8 g. O, 
SPINE NS KE aRGB lng OS anaes) ale wy, (Cp evs Oh =e i, (COR Ieh 
qPilg QQ) = 2 Oey 88 128 O) =H Ge ase lo (Cu, s-2e Ol, ile ce, O} 
OB Gh Je sPile@), ile G IMks, se2eO) =23 (Cy aide te, ING OR ee Wey, Hae 
O, S28 SS see IO) =P oy, see tis INE APSO), =MeXC,, a8 th. Ok 
HOG aeals Ike Isl, sails INE = se), —29S, -PGe Cs, i Ih 0}, Soe Ge 
+3 69.a.2Al(s) + 6HCl(aq) > 2AICl3(aq) + 3H2(g); H is reduced, 
and Al is oxidized. b, CH4(g) + 4S(s) > CS,(/) + 2H,S(g); S is 
reduced, and C is oxidized. c. C3Hg(g) + 5O2(g) > 3CO2(g) + 
4H,O(/); O is reduced, and C is oxidized. d. Cu(s) + 2Ag*(aq) > 
2Ag(s) + Cu**(aq); Ag is reduced, and Cu is oxidized. 

71. a. 3Cu(s) + 8H*(aq) + 2NO3 (aq) > 3Cu?*(aq) + 2NO(g) + 


4H,O(/); b. 14H*(aq) + CryO7?-(aq) + 6Cl-(aq) > 3Cla(g) + 
2Cr3+ (aq) + 7H,O(I); c. Pb(s) + 2H,SO4(aq) + PbO2(s) > 
2PbSO4(s) + 2H,O(/); d. 14H* (aq) + 2Mn** (aq) + SNaBiO3(s) > 
2MnO,7 (aq) + SBi?*(aq) + SNa*(aq) + 7H2O(I); e. 8H*(aq) + 
H3AsO,(aq) + 4Zn(s) > 4Zn**(aq) + AsH3(g) + 4H,O(/); 

f, 7TH,O(l) + 4H*(aq) + 3As203(s) + 4NO3 (aq) > 4NO(g) + 
6H;3AsO,(aq); g. 16H*(aq) + 2MnO, (aq) + 10Br-(aq) > 

5Br,(/) + 2Mn?*(aq) + 8H,O(/); hb. 8H* (aq) + 3CH30H(aq) + 
Cr,O77~ (aq) > 2Cr3* (aq) + 3CH2O(aq) + 7H20(I) 

73. a. 8HCI(aq) + 2Fe(s) > 2HFeCl4(aq) + 3H2(g); b. 6H* (aq) + 
8I- (aq) + 103~(aq) — 3137 (aq) + 3H2O(l); c. 97Ce**(aq) + 
54H,O(/) + Cr(NCS)¢4 (aq) > 97Ce?* (aq) + Cr3*(aq) + 

6NO; (aq) + 6CO2(g) + 68042" (aq) + 108H* (aq); d. 64OH (aq) 
+ 2CrI;(s) + 27Cl(g) > 54Cl-(aq) + 2CrO,?~ (aq) + 61047 (aq) + 
32H,O(I); e. 258OH~(aq) + Fe(CN)«4~(aq) + 61Ce4* (aq) > 
Fe(OH)3(s) + 61Ce(OH)3(s) + 6CO3* (aq) + 6NO3 (aq) + 
36H,O(!) 75.1.622* 107M 77.34.6% 79.49.4 mL 

81.173 mL 83.a.14.2%; b. 8.95mL 85. a. 24.8% Co, 29.7% 
Cl, 5.09% H, 40.4% O; b. CoCl, - 6H2O; c. CoCl, - 6H2O(aq) 

+ 2AgNO3(aq) > 2AgCl(s) + Co(NO3)2(aq) + 6H2O(/), 

CoCl, - 6H:O(aq) + 2NaOH(aq) > Co(OH)a(s) + 2NaCl(aq) + 
6H,O(!), 4Co(OH)2(s) + O2(g) > 2Co203(s) + 4H2O(/) 87. 72.4% 
KCl; 27.6% NaCl 89.2.00M 91.0.0785 + 0.0002 M 93. three 
acidic hydrogens 95.3.442% 97.a.31.3%; b. 6.00 M 

99. 14.6 ¢ Zn, 14.4g Ag 101. 77.1% KCl; 22.9% KBr 

103°4, mass of AgCl 143.41 

"4 "mass of PCB. 154.20 + 34.44 
masSagc (154.20 + 34.44 ) = masspcg (143.4 2); b. 7.097 

105. a. 5.35 X 104 L/s; b. 4.25 ppm; c. 1.69 X 10° g; d. 10.3 ppm 
107. a. YBa,Cu30¢5: +2; only Cu** present; YBayCu307: +2.33; 
two Cu** and one Cu?* present; YBayCu3O¢: +3; only Cu*~ present; 
b. 2Cu2*(aq) + SI-(aq) > 2Cul(s) + 137 (aq); Cu>*(aq) + 41° (aq) > 
Cul(s) + 1,7 (aq); 2820377 (aq) + 137 (aq) > 31" (aq) + S406? (aq); 

c. YBazCu30725; +2.50 109. 24.99% AgNO3; 40.07% CuCl; 
34.94% FeCl; 





or 
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21. 47.5 torr; 6.33 X 103 Pa; 6.25 X 10-2 atm 23. 1.01 X 10° Pa; 
10:3:m 25-7a.3:6 < 10? mm He; b. 3:6 <x 10° torr: c. 4.9 x 

10° Pa; d. 71 psi 27. The decrease in temperature causes the 
balloon to contract (V and T are directly related). Because weather 
balloons do expand, the effect of the decrease in pressure must be 
dominant. 29. Py, = 317 torr; Px, = 50.7 torr; Pro) =368 torr 
31.309 g 33. 3.08 atm; Pco, = 3.08 atm, Prorat = 4.05 atm 

35. 4.44 X 103 g He; 2.24 x 103g H, 37.7.0 X 10°C 

39.12.5 mL 41. /n; = 0.921 43.a.The He flask has 1.5 times 
as many atoms of gas present as the Ne flask, so the pressure in the 
He flask will be 1.5 times greater (assuming a constant temperature). 
b. Because the flask volumes are the same, your drawing should have 
the various atoms equally distributed between the two flasks. So each 
flask should have 3 He atoms and 2 Ne atoms. c. Penaj = >Prie, initial = 
Pre, initial = 

5 5 452516915 

47. a.Xcu, = 0.412, Xo, = 0.588; b. 0.161 mol; c. 1.06 g CHy, 
3.03 gO, 49. Px, = 1.1 atm; Po, = 0.10 atm; Pxy, = 0.18 atm; 
Protai = 1.4 atm $1. Rigid container: pressure increases, density is 
constant; flexible container: pressure is constant, density decreases 
53. N,H,y 55. The calculated molar masses are 209 g/mol from data 
set I and 202 g/mol from data set II. These values are close to the 
expected molar mass (207 g/mol) for the divalent metal compound, 
Be(CsH7O)2. 57.1.16% 59.1.5 X 10’ g Fe; 2.6 X 107 g 98% 
H2S$O, 61.46.5% 63. Px, = 0.74 atm; Proqi = 2.2 atm 
65.18.0% 67.13.3% 69.0.333 atm 71.2NH3(g) > N;(g) + 
3H)(g): As reactants are converted into products, we go from 2 mol 
of gaseous reactants to 4 mol of gaseous products (1 mol N) + 

3 mol H3). Because the moles of gas double as reactants are con- 


Pre, initial = 
> 5 Pre, final — 





Sy 
4P ne, initials d. Prue, final > 


verted into products, the volume of the gases will double (at constant 
P and T). Pressure is directly related to m at constant T and V. As the 
reaction occurs, the moles of gas will double, so the pressure will 
double. Because 1 mol of N; is produced for every 2 mol of NH; 
reacted, Py, = 5 Phi. Due to the 3:2 mole ratio in the balanced 
equation, Py, = 3P&u,. Note: Prot = Pu, + Px, = $PQu, + $P&u, = 
2PNu,. As said earlier, the total pressure will double from the initial 
pressure of NH; as the reactants are completely converted into 
products. 73. The number of gas particles is constant, so at con- 
stant moles of gas, either a temperature change or a pressure change 
results in the smaller volume. If the temperature is constant, an 
increase in the external pressure would cause the volume to decrease. 
Gases are mostly empty space, so gases are easily compressible. If the 
pressure is constant, a decrease in temperature would cause the 
volume to decrease. As the temperature is lowered, the gas particles 
move with a slower average velocity and don’t collide with the con- 
tainer walls as frequently and as forcefully. As a result, the internal 
pressure decreases. In order to keep the pressure constant, the volume 
of the container must decrease in order to increase the gas particle 
collisions per unit area. 75. a. Both gas samples have the same 
number of molecules present (7 is constant); b. Since T is constant, 
(KE) yg must be the same for both gases [(KE)ayg = RT]; ¢. The 
lighter gas A molecules will have the faster average velocity; d. The 
heavier gas B molecules do collide more forcefully, but gas A mole- 
cules, with the faster average velocity, collide more frequently. The 
end result is that P is constant between the two containers. 

77. 3.40 X 10% J/mol = 5.65 X 1072! J/molecule (for each gas at 
273 K); 6.81 X 103 J/mol = 1.13 X 10~7° J/molecule (for each gas at 
546 K) 79. No; there is a distribution of energies with only the 
average kinetic energy equal to 3RT. Similarly, there is always a dis- 
tribution of velocities for a gas sample at some temperature. 

81. a. All the same; b. Flask C; c. Flask A 83. CF,Cl, 

85. 63.7 g/mol 87. a. 12.24 atm; b. 12.13 atm; c. The ideal gas 
law is high by 0.91%. 89. The kinetic molecular theory assumes 
that gas particles do not exert forces on each other and that gas par- 
ticles are volumeless. Real gas particles do exert attractive forces on 
each other, and real gas particles do have volumes. A gas behaves 
most ideally at low pressures and high temperatures. The effect of 
attractive forces is minimized at high temperatures since the gas par- 
ticles are moving very rapidly. At low pressure, the container volume 
is relatively large (P and V are inversely related), so the volume of the 
container taken up by the gas particles is negligible. 91. The pres- 
sure measured for real gases is too low compared to ideal gases. This 
is due to the attractions gas particles do have for each other; these 
attractions “hold” them back from hitting the container walls as 
forcefully. To make up for this slight decrease in pressure for real 
gases, a factor is added to the measured pressure. The measured 
volume is too large. A fraction of the space of the container volume is 
taken up by the volume of gas of the molecules themselves. There- 
fore, the actual volume available to real gas molecules is slightly less 
than the container volume. A term is subtracted from the container 
volume to correct for the volume taken up by real gas molecules. 

93. CO, since it has the largest a value. 95. Um, = 667 m/s; Ump = 
545 m/s; Uayg = 615 m/s 97. Impact force (H2)/impact force (He) = 
0.7097 99. The change in momentum per impact is 2.827 times 
larger for O molecules than for He atoms. There are 2.827 times as 
many impacts per second for He as compared with those for O. 
101. 1.0 X 10° collisions/s; 1.3 X 10°°m 103. a. 0.19 torr; 

b. 6.6 X 102! molecules/m3; c. 6.6 X 10!5 molecules/cm? 

105. Benzene: 9.47 X 10-3 ppmy; 2.31 X 10!! molecules/cm?; 
toluene: 1.37 X 10-2 ppmvy; 3.33 X 10"! molecules/cm? 107. Pro- 
cesses a, c, and d will all result in a doubling of the pressure. Process 
a has the effect of halving the volume, which would double the pres- 
sure (Boyle’s law). Process c doubles the pressure because the abso- 
lute temperature is doubled (from 200. K to 400. K). Process d 
doubles the pressure because the moles of gas are doubled (28 g N> is 
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1 mol of N32). Process b won’t double the pressure because the abso- 
lute temperature is not doubled (303 K to 333 K). 109. 46 mL 
111. at 25°C: 2.00 atm; at 125°C: 4.00 atm 113. MnCl, 

115. BrF; 117.1.61 x 10° g 119. 0.990 atm; 0.625 g Zn 

121. Py. = 50.0 torr; Pye = 76.0 torr; Pa, = 90.0 torr; Prorat = 
216.0 torr 123.a.78.0%; b. 0.907L 125.1490 127. 60.6 kJ 
129. 7.00 mL 131. a. 2CH,4(g) + 2NH3(g) + 302(g) > 

2HCN(g) + 6H2O(g) b. 15.6 g/s 133.30.% 135.29.0% 








P(mol 
137. dT ae 7 BES) = constant so d = constant( +} 
—272.6°C 139. 16.03 g/mol 141. From Figure 5.16 of the text, as 


temperature increases, the probability that a gas particle has the most 
probable velocity decreases. Since the probability of the gas particle 
with the most probable velocity decreased by one-half, the tempera- 
ture must be higher than 300. K. The temperature is 1.20 « 103 K. 
143.1.3L 145. Xco = 0.291; Xco, = 0.564; Xo, = 0.145 

WW el ts7f 4 IO air/min; b. Xco = 0.0017, Xco, = 0.032, Xo, = 
0.13, Xn, = OWT. XH,0 = 0.067; Cc. Poo = 0.0017 atm, Peo, = 

0.032 atm, Po, = 0.13 atm, Py, = 0.77 atm, Py,o = 0.067 atm 

149. 2.1 X 10? stages 151. a. A given volume of air at a given set of 
conditions has a larger density than helium at those conditions. We 
need to heat the air to greater than 25°C to lower the air density (by 
driving air out of the hot-air balloon) until the density is the same as 
that for helium (at 25°C and 1.00 atm). b. 2150 K 153. C3Hs is 
possible. 
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11. 2NOCI(g) —= 2NO(g) + Cl(g); K = 1.6 x 10-5 

The expression for K is the product concentrations divided by the 
reactant concentrations. When K has a value much less than 1, the 
product concentrations are relatively small and the reactant concen- 
trations are relatively large. 


2NO(g) == Nz(g) + Or(g); K = 1 x 10°? 





When K has a value much greater than 1, the product concentrations 
are relatively large and the reactant concentrations are relatively 
small. In both cases, however, the rate of the forward reaction equals 
the rate of the reverse reaction at equilibrium (this is a definition of 
equilibrium). 13. No, it doesn’t matter in which direction the equi- 
librium position is reached. Both experiments will give the same equi- 
librium position since both experiments started with stoichiometric 
amounts of reactants or products. 15. When equilibrium is reached, 
there is no net change in the amount of reactants and products 
present since the rates of the forward and reverse reactions are equal. 
The first diagram has 4 A,B molecules, 2 A> molecules, and 1 B, mol- 
ecule present. The second diagram has 2 A,B molecules, 4 A, mole- 
cules, and 2 B, molecules. The first diagram cannot represent equilib- 
rium because there was a net change in reactants and products. Is the 
second diagram the equilibrium mixture? That depends on whether 
there is a net change between reactants and products when going 
from the second diagram to the third diagram. The third diagram 
contains the same number and type of molecules as the second 
diagram, so the second diagram is the first illustration that represents 
equilibrium. The reaction container initially contained only A2B. 
From the first diagram, 2 Aj molecules and 1 B) molecule are present 
(along with 4 A,B molecules). From the balanced reaction, these 2 Ay 
molecules and 1 B» molecule were formed when 2 A,B molecules 
decomposed. Therefore, the initial number of A,B molecules present 
equals 4 + 2 = 6 A,B molecules. 17. K and K, are equilibrium con- 
stants as determined by the law of mass action. For K, concentration 
units of mol/L are used, and for K,, partial pressures in units of atm 
are used (generally). O is called the reaction quotient. O has the 
exact same form as K or K,, but instead of equilibrium concentra- 
tions, initial concentrations are used to calculate the O value. The use 
of O is when it is compared to the K value. When Q = K (or when 
Q, = K,), the reaction is at equilibrium. When Q # K, the reaction is 
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not at equilibrium, and one can deduce the net change that must 
occur for the system to get to equilibrium. 
[H,0] Pio 








19. 22K SR . b. K = [Nb|[Be,}; 
: [NH;?([CO,]) ? Py,” X Poo, ee 
H,O 
K, 7 Py, x Pes cak = [Oo]; I = Po dak = i 3 
2 


_ Pro -5 3 
IS = re 21. 1:7 x 10 23.4.6 X 10° 25.4.08 x 
108; yes, this set of concentrations represents a system at equilibrium 
because the calculated value of K using these concentrations gives 
4.08 X 10°. 27.0.16 mol 29.4.07 31. 0.72; 
0.017 33.0.056 35.a. Reaction shifts left to reach equilib- 
rium. b. At equilibrium; c. Reaction shifts left to reach equilib- 
rium. 37. a. decrease; b. will not change; c. will not change; 
d. increase 39. a.[HOCI] = 9.2 x 10-3 M, [Cl,O] = 1.8 x 10>? M, 
[H,O] = 5.1 X 10-2 M; b. [HOCI] = 0.07 M, [Cl,O] = [HO] = 
0.22M 41. Pso, = 0.38 atm, Po, = 0.44 atm, Pso, = 0.12 atm 
43. The assumption comes from the value of K being much less than 
1. For these reactions, the equilibrium mixture will not have a lot of 
products present; mostly reactants are present at equilibrium. If we 
define the change that must occur in terms of x as the amount 
(molarity or partial pressure) of a reactant that must react to reach 
equilibrium, then x must be a small number because K is a very small 
number. We want to know the value of x in order to solve the 
problem, so we don’t assume x = 0. Instead, we concentrate on the 
equilibrium row in the ICE table. Those reactants (or products) that 
have equilibrium concentrations in the form of 0.10 — x or 0.25 + x 
or 3.5 — 3x, etc., is where an important assumption can be made. 
The assumption is that because K << 1, x will be small (x << 1) 
and when we add x or subtract x from some initial concentration, it 
will make little or no difference. That is, we assume that 0.10 — x = 
0.10 or 0.25 + x ~ 0.25 or 3.5 — 3x ~ 3.5; we assume that the 
initial concentration of a substance is equal to the equilibrium con- 
centration. This assumption makes the math much easier and usually 
gives a value of x that is well within 5% of the true value of x (we 
get about the same answer with a lot less work). When the 5% rule 
fails, the equation must be solved exactly or by using the method of 
successive approximations (see Appendix A1.4). 45. [CO,] = 
0.39 M; [CO] = 8.6 X 10-3 M; [O.] = 4.3 X 10°3M 47. 66.0% 
A Blo, jlo 2X 108; b. Poco = Pa, =i es atm; Pcoa, = 
5.0 atm 51. Only statement d is correct. Addition of a catalyst has 
no effect on the equilibrium position; the reaction just reaches equi- 
librium more quickly. Statement a is false for reactants that are either 
solids or liquids (adding more of these has no effect on the equilib- 
rium). Statement b is false always. If temperature remains constant, 
then the value of K is constant. Statement c is false for exothermic 
reactions where an increase in temperature decreases the value of K. 
53. a. no effect; b. shifts left; c. shifts right 55.H* +OH- — 
H,O; sodium hydroxide (NaOH) will react with the H* on the 
product side of the reaction. This effectively removes H* from the 
equilibrium, which will shift the reaction to the right to produce 
more H* and CrO,?~. Since more CrO,?~ is produced, the solution 
turns yellow. 57. a. right; b. right; c. no effect; d. left; e. no 
effect 59. a. left; b. right; c. left; d. no effect; e. no effect; 
f. right 61. An endothermic reaction, where heat is a reactant, will 
shift right to products with an increase in temperature. The amount 
of NH;(g) will increase as the reaction shifts right, so the smell of 
ammonia will increase. 63.a. 2 X 10? molecules/cm? b. There is 
more NO in the atmosphere than expected from the value of K. The 
reason is the slow rate (kinetics) of the reaction at low temperatures. 
Nitric oxide is produced in high-energy or high-temperature environ- 
ments. In nature some NO is produced by lightning, and the primary 
man-made source is automobiles. The production of NO is endother- 
mic. At high temperatures K will increase and the rates of the reac- 
tion will also increase, resulting in a higher production of NO. Once 





the NO gets into a more normal temperature environment, it doesn’t 
go back to N2 and O; because of the slow rate of the reaction. 
65.2.6 X 108! 67. [Hoo = 11.0 M, [Na]o = 10.0 M 

69. a. Pec, = Pa, = 0.2230 atm; Ppci, = 0.0259 atm; K, = 192: 

b. Pra, = 0.0650 atm; Pot, = 5.44 atm; Pre, = 0.1839 atm 

71. Pxo, = 0.704 atm; Py,o, = 0.12 atm 73. AP COs EO 
0.50 atm; b. 7.5 g NaHCOs, 1.6 g Na,CO3; c. 3.9L 75.192 ¢ 
NH,HS; 1.3 atm 77. 6.74 10-*. 79. a. 134; b. Pro = 

0.052 atm; Pz,, = 0.18 atm; Prop, = 0.25 atm 81. Pp, = 0.73 atm, 
Pp, = 0.270 atm; 0.16 dissociated 83.1.5 85. 0.23 

87. a. Ppcj, = 0.137 atm; Pec, = Pci, = 0.191 atm; b. 39.4 g 

89.71 atm 91.0.63 93. See the Solutions Guide for the plot. 
The data for the plot follow. At Pyora1 = 1.0 atm, Pyy, = 0.024 atm; 
at Protal = 10.0 atm, Pxu, = 1.4 atm; at Protal = 100. atm, Pyu, = 
32 atm; at Protai = 1000. atm, Pry, = 440 atm; notice that as Protal 
increases larger fractions of both N2 and H) are converted to NH, 
i.e., aS Ptoraj increases, (V decreases), the reaction shifts further to 
the right, as predicted by Le Chatelier’s principle. 95. 4.81 g/L; 
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17. a. The first equation is for the reaction of some generic acid, HA, 
with H,O. HA is the proton donor (the acid), and HO is the proton 
acceptor (the base). In the reverse reaction, H;O* is the proton donor 
(the acid) and A~ is the proton acceptor (the base). The second equa- 
tion is for some generic base, B, with some generic acid, HX. Note 
that B has three hydrogens bonded to it. B is the proton acceptor 
(the base), and HX is the proton donor (the acid). When B accepts a 
proton, the central atom goes from having 3 bonded hydrogens to 

4 bonded hydrogens. In the reverse reaction, BH™ is the proton 
donor (the acid) and X7~ is the proton acceptor (the base). b. Arrhe- 
nius acids produce H™ in solution. So HA in the first equation is an 
Arrhenius acid. However, in the second equation, H™ is not a 
product, so HX is not an Arrhenius acid. Both HA in the first equa- 
tion and HX in the second equation are proton donors, so both are 
considered Bronsted—Lowry acids. For the bases in the two equa- 
tions, H,O and B, neither of them produce OH 7 in their equations, 
so neither of them are Arrhenius bases. Both H,O and B accept 
protons, so both are Brensted—Lowry bases. 





Conjugate 





19: Conjugate 
Acid Base Base of Acid Acid of Base 
a. H,CO, H,0 HCO;37 Hs, @# 
b. CsH;NH* H,0 CsH;N H;07 
Cc: C;H;NH* HGOzes CsH;N 


H,CO; 





21. a. HC,H302(aq) == H*(aq) + CyH302 (aq); 
¢ _ EIGH.O,") 
: [HC,H;0,] 








; b. Co(H,O).3* (aq) = H*(aq) + 


[H*][Co(H,0).(OH)?*] 
[coe] * 


H* (aq) + CH3NH),(aq); K, 








Co(H,O)s(OH)**(aq); Ka = 


[H” ][CH;NH)] 
[CH;NH;"] 
23. The beaker on the left represents a strong acid in solution; the 
acid HA is 100% dissociated into the H* and A~ ions. The beaker on 
the right represents a weak acid in solution; only a little bit of the 
acid HB dissociates into ions, so the acid exists mostly as undissoci- 
ated HB molecules in water. 
a. HNO): weak acid beaker; b. HNO3: strong acid beaker; 
c. HCI: strong acid beaker; d. HF: weak acid beaker; 
e. HC,H3O): weak acid beaker 25. HCIO, > HCIO, > NH,* > 
H20 27.a. HCl; b. HNO; c. HCN 29.a.H)O and CH;CO,-; 
b. An acid-base reaction can be thought of as a competition between 
two opposing bases. Since this equilibrium lies far to the left (K, < 1), 
then CH;CO)~ is a stronger base than H}0O. c. The acetate ion is a 








Cc. CH3NH;*(aq) 








better base than water and produces basic solutions in water. When 
we put acetate ion into solution as the only major basic species, the 
reaction is 


CH3CO,)— ctl) Ope——- CH3CO>,H + OH- 


Now the competition is between CH;CO)~ and OH~ for the proton. 
Hydroxide ion is the strongest base possible in water. The above 
equilibrium lies far to the left, resulting in a Ky value less than 1. 
Those species we specifically call weak bases (10~'4 < K, < 1) lie 
between HO and OH" in base strength. Weak bases are stronger 
than water but are weaker bases than OH~. 31. a. weak acid; 
b. strong acid; c. weak base; d. strong base; e. weak base; f. weak 
acid; g. weak acid; h. strong base; i. strong acid 33. a. [H*] = 
[OHs) = 1571 1057 M: bi 6.7673"¢. 12:54 35%. [H*] = 6.7 X 
10715 M; basic; pH = 14.18; pOH = —0.18; b. [H+] = 2.8 M; 
acidic; pH = —0.44; pOH = 14.44; c. [H*] = 1.0 xX 10-7 M; 
neutral; pH = pOH = 7.00; d. [H*] = 1.4 X 107!! M; basic; pH = 
10.86; pOH = 3.14 37. a. [H*] = 4.0 x 10-§ M; [OH™] = 2.5 x 
107-7 M; basic; b. [H*] = 5 xX 107'* M; [OH™] = 20 M; basic; 
ce. [H*] = 10 M; [OH-] = 1 X 107 M3 acidic; d. [H*] = 6.3 X 
10-4 M; [OH-] = 1.6 X 107"! M; acidic; e. [H*] = 1 x 10-2 M; 
[OH] = 1 X 10> M; basic; f. [H*] = 4.0 X 10> .M; [OH™] = 
2.5 X 107'9 M; acidic 39. a. 1.00; b. —0.70; c. 7.00 41. Use 
4.2 mL of 12 M HCl with enough water added to make 1600 mL 
of solution. 43. a. HNO) and H30; 2.00; b. CH;CO3H and H,0; 
2.68 45. [H*] = [F-] = 3.5 X 10-3 M; [OH-] = 2.9 x 10°” M; 
[HF] = 0.017 M; pH = 2.46 47. a. HA is a weak acid. Most of the 
acid is present as HA molecules; only one set of H* and A~ ions is 
present. In a strong acid, all of the acid would be dissociated into H* 
and A” ions. b. K, = 2.2 X 1073; exactly 10% dissociated 49. 2.02 
51. [CsH;CO2H] = 4.1 X 107-3 M; [CgHsCO27] = [H*] = 5.1 x 
LOne IVE TOES |= 19S 1.05 M3291 55352168" S5-ay 1.00; 
Beedes00 57210083) 59-35-410— (61. 65610) 2M 163..NH; > 
CsHsN > H,O >NO; 65. a. CeHsNH>; b. CsHsNH); c. OH; 
d. CH3NHy 67.a. 13.00; b. 7.00; c. 14:30 69.1.6 x 10°*M 
71. [OH-] = [H:NNH;*] = 2.4 x 10-3 M; [H,NNH,] = 2.0 M; 
[H*] = 4.2 x 10°? M; pH = 11.38 73. Neutrally charged organic 
compounds containing at least one nitrogen atom generally behave as 
weak bases. The nitrogen atom has an unshared pair of electrons 
around it. This lone pair of electrons is used to form a bond to H*. 
FIaL2OONN 759-59) 87 9nae Wis Jos by A276: 6.4%) (81 1:0X< 
10° 83. H3CsH;sO7(aq) === H2CsHs;O7 (aq) + H*(aq); 
[H,C.H;07_JLH™] 
* [H3C.H307] 





K wb @cisO7 (4g). —— 


[HC,H;07-][H*] 
pee ae az . = = 5 
HC.H;07* (aq) + H* (aq); K,, aRKCAsEOs |) 


HC,H;077-(aq) == CsH;07* (aq) + H*(aq); 
_ (Cg4,0°-108"1 
% [HC.H;07"] 
3 X 10713 M, [H3AsO,] = 0.17 M, [H2AsO,7] = 3 X 10°27 M; 
[HAsO,2-] = 8 X 1078 M, [AsO,3-] = 2 x 10°15 M_ 87. 3.00 
89. —0.30 91. a. These are strong acids such as HCl, HBr, HI, 
HNO3, H)S$O4, and HCIO,. b. These are salts of the conjugate acids 
of the bases in Table 7.3. These conjugate acids are all weak acids. 
NH, Cl, CH;NH3NO3, and C)H;NH3Br are three examples. Note 
that the anions used to form these salts (Cl-, NO3-, and Br) are 
conjugate bases of strong acids; this is so because they have no acidic 
or basic properties in water (with the exception of HSO,_, which has 
weak acid properties). c. These are strong bases such as LiOH, 
NaOH, KOH, RbOH, CsOH, Ca(OH), Sr(OH)2, and Ba(OH)p. 
d. These are salts of the conjugate bases of the neutrally charged 
weak acids in Table 7.2. The conjugate bases of weak acids are weak 
bases themselves. Three examples are NaClO2, KC,H3O2, and 
CaF). The cations used to form these salts are Lit, Na*, K*, Rb*, 
Cst, Ca2*, Sr2+, and Ba** since these cations have no acidic or basic 








85. [H*] = 3 x 10-2 M, [OH-] = 
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properties in water. Notice that these are the cations of the strong 
bases you should memorize. e. There are two ways to make a 
neutral salt. The easiest way is to combine a conjugate base of a 
strong acid (except for HSO,_) with one of the cations from a strong 
base. These ions have no acidic/basic properties in water so salts of 
these ions are neutral. Three examples are NaCl, KNO3, and Srl. 
Another type of strong electrolyte that can produce neutral solutions 
are salts that contain an ion with weak acid properties combined 
with an ion of opposite charge having weak base properties. If the K, 
for the weak acid ion is equal to the Ki, for the weak base ion, then 
the salt will produce a neutral solution. The most common example 
of this type of salt is ammonium acetate (NH4C,H;0,). For this salt, 
K, for NH4* = K, for CyH;0.- = 5.6 X 10719. This salt at any con- 
centration produces a neutral solution. 93. a. HI < HF < Nal < 
NaF; b. HBr < NH,Br < KBr < NH;; c. HNO; < C,H;NH;NO; 
< HOCH; < NaNO; < Cs;H;NH> < KOC,;H; < NaOH 

95. a. Neutral; Sr** and NO3~ have no acidic or basic properties; 

b. Basic; K, for CN~ > K, for CyH;NH;* (CN7 is a better base than 
C,H;NH3°* is as an acid); c. Acidic; K, for C;sH;NH* > K, for F; 
d. Neutral; K, for NH4* = Kj, for C)H30)°; e. Basic; HCO37 is a 
stronger base than an acid because K;, for HCO3" > K, for HCO;-. 
97. a. [OH] = [H*] = 1.0 x 107-7 M; pH = 7.00; b. [OH] = 

3.7 X 10> M; [H*] = 2.7 XK 10-7 M; pHi = 8.57 99: 3:66 

101. a. 8.23; b. 10.56; c. 4.82 103. NaF; this was determined by 
calculating K, for F~. 105.3.00 107.8.37 109. 7.4; when an 
acid is added to water, the pH cannot be basic. Must account for the 
autoionization of water. 111.6.24 113.6.15 115.a.1.8 x 10’; 
by Dos) os NO ce, Sil Se Os el, IO << OR ee. SGX ies 

f. 4.0 x 10!° 117.990 mL 119. a. In the lungs there is a lot of 
QO», and the equilibrium favors Hb(O2),. In the cells there is a lower 
concentration of Op, and the equilibrium favors HbH,#*. b. CO; is a 
weak acid. Removing CO) essentially decreases [H*]. Hb(O2)4 is then 
favored, and O, is not released by hemoglobin in the cells. Breathing 
into a paper bag increases CO) in the blood, thus increasing [H*], 
which shifts the equilibrium left. c. CO, builds up in the blood, and 
it becomes too acidic, which drives the equilibrium to the left. Hemo- 
globin can’t bind O, as strongly in the lungs. Bicarbonate ion acts as 
a base in water and neutralizes the excess acidity. 121. NH,Cl 
1237 1253 36 27 saeelk6Gs) bse Os7.8>ncsBecauseronthe 
lower charge, Fe**(aq) will not be as strong an acid as Fe**(aq). A 
solution of iron(II) nitrate will be less acidic (have a higher pH) than 
a solution with the same concentration of iron(III) nitrate. 

129. 0.022 M 131.0:022.M 133.a. 2.80; b. 1.1 x 105? M 
13551-9608 1372asmlele al Ome sabe [E> COs) 1 ((COsaal: 

c. pH= PRs + PRs 
d. 8.35 139.20.0¢ 141. K, for HX = 1.0 x 10> 
145.6.16L 147.10.00 149.7.20 151. 6.72 


(see Solutions Guide for derivation); 


143. 2.492 


Chapter 8 


15. A buffer solution is one that resists a change in its pH when 
either hydroxide ions or protons (H*) are added. Any solution that 
contains a weak acid and its conjugate base or a weak base and its 
conjugate acid is classified as a buffer. The pH of a buffer depends on 
the [base]/[acid] ratio. When H* is added to a buffer, the weak base 
component of the buffer reacts with the H* and forms the acid com- 
ponent of the buffer. Even though the concentrations of the acid and 
base components of the buffer change some, the ratio of [base]/[acid] 
does not change that much. This translates into a pH that doesn’t 
change much. When OH" is added to a buffer, the weak acid compo- 
nent is converted into the base component of the buffer. Again, the 
ratio of [base]/[acid] does not change a lot (unless a large quantity 
of OH~ is added), so the pH does not change much. H*(aq) + 
CO;*- (aq) > HCO3~(aq); OH (aq) + HCO3 (aq) > CO; (aq) + 
H,O(/) 17. Only the third beaker represents a buffer solution. 

A weak acid and its conjugate base must both be present in large 
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quantities in order to have a buffer solution. This is only the case in 
the third beaker. The first beaker represents a beaker full of strong 
acid, which is 100% dissociated. The second beaker represents a 
weak acid solution. In a weak acid solution, only a small fraction of 
the acid is dissociated. In this representation, 1/10 of the weak acid 
has dissociated. The only B~ present in this beaker is from the disso- 
ciation of the weak acid. A buffer solution has B~ added from 
another source. 19. When [weak acid] > [conjugate base], pH < 
pK,. When [conjugate base] > [weak acid], pH > pK,. 21. a. 2.96; 
bs 8:94: (c 7.00;d 4.89) 23) a, 4:29: 1b. 12-30; en 12-30;7d9.07 
25.3.37 27.3.48;3.14 29. 8.18; 0.20 mol NaOH 31. 4.37 

33e a ONO-sbaO)5 9 cmleOsicemle eS SemaO25 Ommolsab 0275 
mas © Oeil Sie Shae Tee IMB lo, Bo Gil i, thal 

~ 1; b. A best buffer has approximately equal concentrations of 
weak acid and conjugate base so that pH ~ pK, for a best buffer. The 
pK, value for a H3PO./H,PO,~ buffer is —log(7.5 1073) = 2.12. 

A pH of 7.1 is too high for a H3PO4/H2PO,” buffer to be effective. 
At this high pH, there would be so little H;PO, present that we could 
hardly consider it a buffer; this solution would not be effective in 
resisting pH changes, especially when a strong base is added. 

43. The [H:CO3]:[HCO 37] concentration ratio must increase from 
0.093 to 0.10 in order for the onset of acidosis to occur. 45. Only 
mixture c results in a buffered solution. 47. HOCI; there are many 
possibilities. One possibility is a solution with [HOCI] = 1.0 M and 
[NaOCl] = 0.35 M. 49.7.0 10°7M 51.6.89 53.a. Let’s call 
the acid HB, which is a weak acid. When HB is present in the 
beakers, it exists in the undissociated form, which makes it a weak 
acid. A strong acid would exist as separate H* and B- ions. 

b. beaker c > beaker a — beaker e — beaker b — beaker d; 

c. pH = pK, when a buffer solution is present that has equal concen- 
trations of the weak acid and conjugate base. This is beaker e. 

d. The equivalence point is when just enough OH™ has been added 
to exactly react with all of the acid present initially. This is beaker b. 
e. Past the equivalence, the pH is dictated by the concentration of 
excess OH~ added from the strong base. We can ignore the amount 
of hydroxide added by the weak conjugate base that is also present. 
This is beaker d. 

a)0% 







Be (a) and (e) 


(f) all points after 
stoichiometric point 


mL acid ————> 


B + H* — BH*; added H* from the strong acid converts the weak 
base, B, into its conjugate acid, BH*. Initially, before any H* is added 
(point d), B is the dominant species present. After H* is added, both 
B and BH* are present and a buffered solution results (region b). At 
the equivalence point (points a and e), exactly enough H* has been 
added to convert all of the weak base present initially into its conju- 
gate acid, BH~. Past the equivalence point (region f), excess H* is 
present. For the answer to part b, we included almost the entire 
buffer region. The maximum buffer region is around the halfway 
point to equivalence (point c) where [B] = [BH*]. Here, pH = pK,, 
which is a characteristic of a best buffer. 57. a. all the same; 

b. i<iv < iii < ii; c. i<iv < iii < ii; d. iii < ii =i < iv; the only 
different answer would be part c. The ordering would be i < iii < iv 
<ii. 59. a. f; b. a; the best point to look at to differentiate a 
strong acid from a weak acid titration (if initial concentrations are 
not known) is the equivalence point pH. If the pH = 7.00, the acid 
titrated is a strong acid; if the pH is greater than 7.09, the acid 


titrated is a weak acid. c.d 61. a. 0.699; b. 0.854; c. 1.301; 
d. 7.00; e. 12.15 63. a. 2.72; b. 4.26; c. 4.74; d. 5.22; e. 8.79; 
fa S 


65. 
Volume (mL) pH 
0.0 2.43 
4.0 3.14 
8.0 See: 
IA235) 3.86 
20.0 4.46 
24.0 5.24 
24.5 5.6 
24.9 6.3 
DSO 8.28 
val 10.3 
26.0 SB sl0) 
28.0 bes) 
30.0 11.96 See Solutions Guide for pH plot. 
67. 
Volume (mL) pH 
0.0 ALileil4h 
4.0 9.97. 
8.0 9.58 
eS 9.25 
20.0 8.65 
24.0 7.87 
24.5 7.6 
24.9 6.9 
25.0 5.28 
Adel Bef), 
26.0 Papi 
28.0 2.24 
30.0 2.04 See Solutions Guide for pH plot. 


69. a. 4.19, 8.45; b. 10.74, 5.96; c. 0.89,7.00 71.6.6 X 10-7 
73. a. yellow; b. 8.0; c. blue 75. The pH is between 5 and 8. 

77. Bromthymol blue or phenol red are possible indicators for Exer- 
cise 61, and o-cresolphthalein or phenolphthalein are possible indica- 
tors for Exercise 63. 79. Phenolphthalein is a possible indicator 

for Exercise 65, and bromcresol green is a possible indicator for 
Exercise 67. 81. Methyl red changes color in a pH range of about 
pH = pK, + 1 = S.3 + 1. Therefore, methyl red is a useful indicator 
at pH values approximately between 4.3 and 6.3. In titrating a weak 
acid with a base, we start off with an acidic solution with pH < 4.3 
so the color would change from red to reddish-orange at pH ~ 4.3. 
In titrating a weak base with an acid, the color change would be 
from yellow to yellowish-orange at pH ~ 6.3. Only a weak base- 
strong acid titration would have an acidic pH at the equivalence 
point, so only in this type of titration would the color change of 
methyl red indicate the approximate endpoint. 83. a. 200.0 mL; 

b. i. H)A and H;O are the major species; ii. HyA, HA~, H)O, and 
Na*; ili, HA~, H2O, and Na’*; iv. HA~, A?~ , H,O, and Nat; v. A2-, 
H,0, and Na*; vi. OH”, A?~, H,O, and Na*; c. K,, = 1 X 1074; 

Ka, = "1X 1078 85.'a! 2.183) BL 2.553°C 23-00-2500, ea6740- 

f. 7.00; g. 9.50; h. 11.63; i. 12.00; j. 12.34 87. a. K,,=1.5 X 
1074; K,, = 2.8 X 1077; K,, = 3.6 X 107"; b. The pH at the third 
halfway point to equivalence (60.5 mL of NaOH added) will be 
equal to pK,, = 9.44. The pH at 59.0 mL NaOH added should be 
slightly less than 9.44. c.9.34 89. a. Na* is present in all solutions. 
A: CO;*-, H,0; B: CO? HCO34 HO, Cl-"G. HCO; 3 HAO, Cl: 
1D). HGOrs CO (H,CO;), H,0, Cla E. CO,(H2CO3), H,0, Cle: 

F. H® (excess), CO2(H2CO3), HO, Cl-; b. A, 11.66; B, 10.32; 

C, 8.35; D, 6.37; E, 3.92 91. The representations all show 1:1 salts 
(i.e., the formula of the solid contains 1 cation for every 1 anion 


[either +1 and —1, or +2 and —2, or +3 and —3]). The solution 
with the largest number of ions (largest [M®*] and [X*~]) will have 
the largest K,, value. From the representations, the second beaker has 
the largest number of ions present, so this salt has the largest K 
value. Conversely, the third beaker, with the fewest number of 
hydrated ions, will have the smallest Ky, value. 93. a. 1.6 X 
10 mol/L; 6.7 X 1073 g/L; b. 9.3 X 1075 mol/L; 9.3 X 1073 g/L; 
GOS 00 100% mole 31 1054 g/l 9S. 9.2.2 X 1079 hb. 8.20 x 
10° 97.5.3 10-'% 99, a. CaF, has the smallest molar solubil- 
ity since it has the smaller K,, value. b. FePO, has the smallest molar 
solubility (must be calculated). 101. a. 4 X 10>! mol/L; b. 4 x 
107"! mol/L; c. 4X 10-7? mol/L 103. 1.5 X 10°!" g 105. If the 
anion in the salt can act as a base in water, then the solubility of the 
salt will increase as the solution becomes more acidic. Added H* will 
react with the base, forming the conjugate acid. As the basic anion is 
removed, more of the salt will dissolve to replenish the basic anion. 
The salts with basic anions are Ag3PO4, CaCO3, CdCO, and 
Sr3(PO4)2. Hg2Cl> and Pbl, do not have any pH dependence since 


Cl and I are terrible bases (the conjugate bases of strong acids). 
Excess H* 


sp 


Ag3PO4(s) + H*(aq) > 3Ag*(aq) + HPO (aq) ———> 
3Ag*(aq) + H3PO4(aq); CaCO3(s) + H*(aq) as. Ca**(aq) + 


HCO ;~(aq) =" Ca2+(aq) + H2CO3(aq) [H,O(l) + CO2(g)]; 


CdCO3(s) + H*(aq) — Cd?*(aq) + HCO3 (aq) — Cd**(aq) + 
H2CO3(aq) [H2O(/) + CO2(g)]; Sr3(PO4)2(s) + 2H*(aq) > 

3S17* (aq) + 2HPOZ- aa 3Sr2* (aq) + 2H3PO,(aq) 

107. a. AgF; b. Pb(OH)»; c. Sr(NOz)2; d. Ni(CN), 109. [Ba?*] = 
6.0 X 10-5 M; [Br~] = 1.2 x 10-* M; [K*] = 4.8 x 10-4 M; 
[C,047-] = 2.4 X 10°*M 111. Precipitation of Al(OH)3(s) will 
begin when pH > 3.7. 113. When [AgNO3]p is greater than 

5.6 X 10-5 M, then Ag3;PO4(s) will precipitate. 115. See the Solu- 
tions Guide for the flowchart for each separation. A possible order 
of chemicals necessary to separate the ions follows. a. NaCl(aq) 
followed by NH3;(aq) followed by H2S(aq); b. NaCl(aq) followed 
by Na2SOx4(aq) followed by the basic addition of H»S(aq); 

c. AgNO;(aq) followed by NH;(aq) followed by Na2S.03(aq); 

d. NaxSOx followed by the basic addition of H)S(aq) 117. S?~ is 

a very basic anion and reacts significantly with H* to form HS~ 

(S?- + H* =— HS). The actual concentration of S?~ in solution 
depends on the amount of H* present. In basic solutions, little H~ is 
present, which shifts the above reaction to the left. In basic solutions, 
the S*- concentration is relatively high. So, in basic solutions, a wider 
range of sulfide salts will precipitate. However, in acidic solutions, 
added H* shifts the equilibrium to the right, which results in a lower 
S2- concentration. In acidic solutions, only the least soluble sulfide 
salts will precipitate out of solution. 119. Hg?*(aq) + 21" (aq) > 
Hgl)(s), orange ppt.; Hgl2(s) + 21” (aq) > Hgl,? (aq), soluble 
complexion 121.3.3 x 10°2M 123. [F-] = 4.0 M; [Be**] = 
2.6 X 10-29 M; [BeF*+] = 8.2 x 10-4 M; [BeF] = 1.9 x 10710 M; 
[BeF;-] = 4.6 X 10-7 M; [BeF,2-] = 5.0 X 10-5 M_ 125. a. 1.6 X 
10-6; b. 0.056 mol/L 127.42 g 129. Test tube 1: added Cl- 
reacts with Ag* to form a silver chloride precipitate. The net ionic 
equation is Ag*(aq) + Cl-(aq) > AgCl(s). Test tube 2: added NH; 
reacts with Ag* ions to form a soluble complex ion, Ag(NHs3)2*. As 
this complex ion forms, Ag* is removed from the solution, which 
causes the AgCl(s) to dissolve. When enough NH; is added, all of the 
silver chloride precipitate will dissolve. The equation is AgCl(s) + 
2NH;(aq) > Ag(NHs)2* (aq) + Cl (aq). Test tube 3: added H* reacts 
with the weak base, NH3, to form NH,*. As NH; is removed from 
the Ag(NH3).* complex ion, Ag* ions are released to solution and 
can then react with Cl- to re-form AgCl(s). The equations are 
Ag(NHs3)2* (aq) + 2H*(aq) > Ag*(aq) + 2NH4* (aq) and Ag*(aq) + 
Cl-(aq) > AgCl(s). 131.4. 8.1; b. pH = 7.00: 0.083; pH = 9.00: 
8.3; c. 8.08; 7.95 133. a. potassium fluoride + HCl; b. benzoic 
acid + NaOH; c. sodium acetate + acetic acid; d. HOC] + NaOH 
or ammonium chloride + sodium acetate; e. ammonium chloride + 
NaOH 135. 99.5%; for a strong base-strong acid titration, the 
equivalence point occurs at pH = 7.0. Bromthymol blue is a good 
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indicator choice since it changes color at pH ~ 7 (from base color to 
acid color). 137. Since the equivalence point occurs at pH = 8.9, 
phenolphthalein would be a good indicator choice because it changes 
color at pH ~ 9 (from acid color to base color). 139. Precipitation 
of CaF (s) will begin to occur when just more than 9.0 x 107° g 
Ca(NO3). has been added. 141. a. 6.7 X 10-° M; b. 1.2 X 

10°13 M; c. 2.3 X 10-! M; no, since O (= 2.3 x 1072!) is less 

than the K,, value. 143.65 mL 145.4.92 147. 180. g/mol; 

3.3 X 10-4 149. K,, is so small (4.8 X 10713) that a break is not 
seen at the third stoichiometric point. 151.49 mL 153. a. See the 
Solutions Guide for the derivation. b. ammonium formate, 6.50; 
ammonium acetate, 7.00; ammonium bicarbonate, 7.81; 

c. NH4*(aq) + OH (aq) > NH3(aq) + H,O(/), C)H302 (aq) + 

H* (aq) > HC,H302(aq) 155. a.0.33 mol/L; b. 0.33 M; c. 4.8 Xx 
10°>M 157. a. 5.8 X 10-4 mol/L; b. Greater; since F~ is a weak 
base, the F~ concentration is lowered by reaction with water, which 
causes more SrF(s) to dissolve. c. 3.5 X 10°? mol/L 159. Any 

pH less than 8.7 is a correct answer to this problem. 161. 5.7 X 
10>* mol/L 163.3.9L 165.a. 2.21; b. 2.30 x 10-2M 

167. 12.34 169. pH = 9.50: 10.0 mL; pH = 4.00: 4.55 mL 


Chapter 9 


15. KE = 78 J; PE=118J 17. Path-dependent functions for a trip 
from Chicago to Denver are those quantities that depend on the 
route taken. One can fly directly from Chicago to Denver or one 
could fly from Chicago to Atlanta to Los Angeles and then to Denver. 
Some path-dependent quantities are miles traveled, fuel consumption 
of the airplane, time traveling, airplane snacks eaten, etc. State func- 
tions are path-independent; they depend only on the initial and final 
states. Some state functions for an airplane trip from Chicago to 
Denver would be longitude change, latitude change, elevation change, 
and overall time zone change. 19.70.J 21. q = 30.9 kJ; w= 
—12.4kJ; AE = 18.5 k] 23. —37-56k)] 25. AH = AE + PAV at 
constant P; from the strict definition of enthalpy, the difference 
between AH and AE is the quantity PAV. Thus, when a system at 
constant P can do pressure-volume work, then AH # AE. When the 
system cannot do PV work, then AH = AE at constant pressure. An 
important way to differentiate AH from AE is to concentrate on q, 
the heat flow; the heat flow by a system at constant pressure equals 
AH, and the heat flow by a system at constant volume equals AE. 
27. Since the reaction is exothermic (heat is a product), one should 
provide cooling for the reaction mixture to prevent H)SO,(aq) from 
boiling. 29. a. 1650 kJ of heat released; b. 826 kJ of heat released; 
c. 7.39 kJ of heat released; d. 34.4 kJ of heat released 31. When 

a liquid is converted into gas, there is an increase in volume. The 

2.5 kJ/mol quantity is the work done by the vaporization process in 
pushing back the atmosphere. 33. Constant V: AE = q = 74.3 kJ, 
w = 0, AH = 88.1 kJ; constant P: AH = q = 88.1 kJ, w = —13.8 kJ, 
AE = 74.3 kJ 35. Pathway one: step 1: g = 30.4 kJ, w = 

—12.2 kJ, AE = 18.2 kJ, AH = 30.4 kJ; step 2: g = —28.1 kJ, 

w = 21.3 kJ, AE = —6.8 kJ, AH = —11 kJ; total: g = 2.3 kJ, w = 
9.1 kJ, AE = 11.4 kJ, AH = 19 kJ; pathway two: step 3: g = 6.84 kJ, 
w = 0, AE = 6.84 kJ, AH = 11.40 kJ; step 4: g = 7.6 kJ, w = 

—3.0 kJ, AE = 4.6 kJ, AH = 7.6 kJ; total: q = 14.4 kJ, w = -3.0 kJ, 
AE = 11.4 kJ, AH = 19.0 kJ; state functions are independent of the 
particular pathway taken between two states; path functions are 
dependent on the particular pathway. In this problem, the overall 
values of AH and AE for the two pathways are the same; hence, AH 
and AE are state functions. The overall values of g and w for the two 
pathways are different; hence, g and w are path functions. 37. In 
calorimetry, heat flow is determined into or out of the surroundings. 
Because AE, ni, = 0 by the first law of thermodynamics, AE,,, = 
—AE 3 What happens to the surroundings is the exact opposite of 
what happens to the system. To determine heat flow, we need to 
know the heat capacity of the surroundings, the mass of the sur- 
roundings that accepts/donates the heat, and the change in tempera- 
ture. If we know these quantities, qsu,, can be calculated and then 
equated to sys (—surr = sys): For an endothermic reaction, the sur- 
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roundings (the calorimeter contents) donate heat to the system. This 
is accompanied by a decrease in temperature of the surroundings. For 
an exothermic reaction, the system donates heat to the surroundings 
(the calorimeter) so temperature increases. q, = AH; q, = AE; a 
coffee cup calorimeter is at constant (atmospheric) pressure. The heat 
released or gained at constant pressure is AH. A bomb calorimeter is 
at constant volume. The heat released or gained at constant volume 
is AE. 39. H,O(I), 2.30 x 10 J; Hg(/), 140°C 41.75.08 
43.28¢ 45.—66kJ/mol 47.170 J/g; 20. kJ/mol 49. 39.2°C 
51. a. 31.5 kJ/°C; b. —1.10 X 10? kJ/mol 53. a. Cy2H2011(s) + 
120,(g) > 12CO,(g) + 11H,O(); b. —5630 kJ/mol; 

c. —5630 kJ/mol 55. 1268 kJ; since the reaction is very endo- 
thermic (requires a lot of heat), high energy costs would make it an 
impractical way of making ammonia. 57.226kJ 59. —713 kJ 
61. -158kJ 63.—-202.6kJ 65. Na(s) + +Ch(g) > NaCl(s); 
Hy(g) + 5O2(g) > H2O(I); 6 C(graphite, s) + 6 Ha(g) + 3 O2(g) > 
C6H120¢(s); Pb(s) + S(s) + 2 O2(g) > PbSO.«(s) 67. a. —940. kJ; 
Ih, 265 els ec; =176 1s ch s11235 Ikls @, —320), Iki[p ti, = 37! 'I] 
69. —832 kJ; —368 kJ; —133 kJ; in both cases sodium metal reacts 
with the “extinguishing agent.” Both reactions are exothermic and 
each reaction produces a flammable gas—H) and CO, respectively. 
71. —4594kJ 73.a. 632 kJ; b. Since 3C,H)(g) is higher in energy 
than C.H,(/), acetylene will release more energy per gram when 
burned in air. 75.—169 kJ/mol 77.3.97g 79. —-129kJ 

81. —22.7 kJ/g versus —29.67 kJ/g for ethanol. Ethanol has a higher 
fuel value than methanol. 83.25J 85.282.1kJ 87. Cyo= 
4.18 kJ/°C; Cai = 6.66 kJ/C 89. —306 kJ/mol 91. 4.2 kJ of heat 
released 93. When AV > 0 (An > 0), then w < 0 and the system 
does work on the surroundings (c and e). When AV < 0 (An < 0), 
then w > 0 and the surroundings do work on the system (a and d). 
When AV = 0 (An = 0), thenw = 0 (b). 95. 16.8 kJ/mol 

97. a. 2Al(s) + 302(g) > Al,O3(s); b. CyHsOH(I) + 302(g) > 
2CO3(g) + 3H20(/); c. Ba(OH)3(aq) + 2HCl(aq) > 2H2O(/) + 
BaCl,(aq) d. 2C(graphite) + $H>(g) + $Clo(g) > CoH3Cl(g); 

e. CgH,(/) + BOn(g) — 6CO2(g) + 3H,O(/) (Note: AH omp values 
generally assume 1 mol of compound combusted); f. NH4Br(s) > 
NH,* (aq) + Br-(aq) 99. 6.02 kJ/mol 101. 43.58 kJ/mol; from 
Appendix 4 data, AH® = 44 kJ/mol. The AH values agree to two sig- 
nificant figures (as they should). 103.32 m? 105. For an isother- 
mal expansion of an ideal gas, AT = 0, so AE = 0 (and AH = 0); 
therefore, g = —w = PAV. As long as the gas expands against a 
nonzero external pressure, gq # 0 because w # 0. 
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13. Possible arrangements for one molecule: 


1 way 1 way 


Both are equally probable. 
Possible arrangements for two molecules: 


1 way 2 ways 1 way 
Most probable 


Possible egy for three molecules: 
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1 way 3 ways 








Equally most probable 
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17.c,e,f 19. a. Positional probability increases; there is a greater 
volume accessible to the randomly moving gas molecules, which 
increases positional probability. b. The positional probability does 
not change. There is no change in volume and thus no change in the 
numbers of positions of the molecules. c. Positional probability 
decreases; volume decreases. 21. There are six ways to get a seven, 
more than any other number. The seven is not favored by energy; 
rather it is favored by probability. To change the probability we 
would have to expend energy (do work). 23. q, = AE = 71.9 kJ; 
dp = AH = 85.3 kJ; AE = 71.9 kJ for both constant-volume and 
constant-pressure processes. 25.77.0°C 27.w=q =03 Grey = 
350J 29.a. constant V, 1.51 kJ; constant P, 1.94 kJ; b. 219.63 
JK i mol-*e. 218.30 7K" mol * 731.750 X 107) “a2 
35. Living organisms need an external source of energy to carry out 
these processes. Green plants use the energy from sunlight to produce 
glucose from carbon dioxide and water by photosynthesis. In the 
human body, the energy released from the metabolism of glucose 
helps drive the synthesis of proteins. For all processes combined, 
ASyniy must be greater than zero (second law). 37. AS.u,, is primarily 
determined by heat flow. This heat flow into or out of the surround- 
ings comes from the heat flow out of or into the system. In an exo- 
thermic process (AH < 0), heat flows into the surroundings from the 
system. The heat flow into the surroundings increases the random 
motions in the surroundings and increases the entropy of the sur- 
roundings (AS,,,, > 0). This is a favorable driving force for spontane- 
ity. In an endothermic reaction (AH > 0), heat is transferred from the 
surroundings into the system. This heat flow out of the surroundings 
decreases the random motions in the surroundings and decreases the 
entropy of the surroundings (AS,,,, < 0). This is unfavorable. The 
magnitude of AS,,,, also depends on the temperature. The relation- 
ship is inverse; at low temperatures, a specific amount of heat 
exchange makes a larger percent change in the surroundings than the 
same amount of heat flow at a higher temperature. The negative sign 
in the AS.urr = —AH/T equation is necessary to get the signs correct. 
For an exothermic reaction where AH is negative, this increases 
AS.ury SO the negative sign converts the negative AH value into a 
positive quantity. For an endothermic process where AH is positive, 
the sign of AS,,,, is negative and the negative sign converts the posi- 
tive AH value into a negative quantity. 39. a. 7.45 x 10° J/K; 

b. —376 J/K 41. a. negative; b. positive; c. negative; d. nega- 
tive; e. negative; f. positive 43.262 JK~! mol! 45.184 

JK-' mol 47.629.7K 49.a. Yes, NH; will melt since AG < 0. 
b. 196K $1.43.7K 53.-16 kJ/mol 55. —5.40 kJ; 328.6 K; 
AG* is negative below 328.6 K where the favorable AH® term domi- 
nates. 57.a.464kJ; b. Since AG° is positive, this reaction is not 
spontaneous at standard conditions at 298 K. c. This reaction will 
be spontaneous at standard conditions (AG° < 0) at T > 2890 K 
where the favorable entropy term will dominate. 59. CH4(g) + 
CO,(g) > CH3CO>2H(/), AH® = —16 kJ, AS° = —240. J/K, AG? = 

56 kJ; CH3OH(g) + CO(g) > CH3;CO>H(/), AH® = —173 kJ, AS° = 
—278 J/K, AG® = —90. kJ; the second reaction is preferred at stan- 
dard conditions since it will be spontaneous at high enough tempera- 
tures so that the rate of the reaction should be reasonable. It should 
be run at temperatures below 622 K. 61. Enthalpy is not favorable, 
so AS must provide the driving force for the change. Thus AS is posi- 
tive. There is an increase in positional probability, so the original 
enzyme has the more ordered structure. 63. Since there are more 
product gas molecules than reactant gas molecules (An > 0), AS will 
be positive. From the signs of AH and AS, this reaction is spontane- 
ous at all temperatures. It will cost money to heat the reaction 


mixture. Since there is no thermodynamic reason to do this, the 
purpose of the elevated temperature must be to increase the rate of 
the reaction, i.e., kinetic reasons. 65. The sign of AG (positive or 
negative) tells us which reaction is spontaneous (the forward or 
reverse reaction). If AG < 0, then the forward reaction is spontane- 
ous and if AG > 0, then the reverse reaction is spontaneous. If 

AG = 0, then the reaction is at equilibrium (neither the forward reac- 
tion nor the reverse reaction is spontaneous). AG® gives the equilib- 
rium position by determining K for a reaction utilizing the equation 
AG® = —RT In K, AG® can be used to predict spontaneity only when 
all reactants and products are present at standard pressures of 1 atm 
and/or standard concentrations of 1 M. 67. a. shifts right; b. no 
shift (at equilibrium); c. shifts left 69. AH® = —92 kJ, AS° = 
—199 JK, AG° = —34 kJ, K = 9.1 X 105; a. AG = —67kj; 

b. AG = —68 kJ; c. AG = —85 kJ; d. AG = —41 kJ 71. —90. kJ; 
5.9 X 101; because there is a decrease in the number of moles of 
gaseous particles, AS° is negative. Because AG® is negative, AH°® must 
be negative. The reaction will be spontaneous at low temperatures 
(the favorable AH® term dominates at low temperatures). 73. To 
determine K at a temperature other than 25°C, one needs to know 
AG®* at that temperature. We assume AH® and AS° are temperature- 
independent and use the equation AG° = AH® — TAS® to estimate 
AG* at the different temperature. For K = 1, we want AG° = 0, 
which occurs when AH® = TAS?. Again, assume AH® and AS° are 
temperature-independent, and then solve for T (= AH*/AS°). At this 
temperature, K = 1 because AG° = 0. This works only for reactions 
where the signs of AH® and AS° are the same (either both positive or 
both negative). When the signs are opposite, K will always be greater 
than one (when AH? is negative and AS° is positive) or K will always 
be less than one (when AH* is positive and AS° is negative). When 
the signs of AH® and AS° are opposite, K can never equal one. 
75.725 K 77.—71 kJ/mol 79. —4.1 kJ/mol 81. 140 kJ/mol 
83.60 85. At 25.0°C, K = 8.72; at 100.0°C, K = 0.0789 

87. a. AH® = 57.5 kJ, AS° = —75.6 J/K; b. 106.4 kJ 89. 310K; 
—310JK =! mol! 91.12.8L;3.84x107J 93. a.g=4.01 x 
103 J; w = —4.01 X 103 J; AE = 0; b. g = 1.99 X 103 J; w = 
~1.99 x 103 J; AE = 0; c. g = 0; w = AE = -2.6 X 103J 

95. The light source for the first reaction is necessary for kinetic 
reasons. Kinetics is the study of the rate of reactions. The first reac- 
tion is just too slow to occur unless a light source is available. The 
kinetics of a reaction are independent of the thermodynamics of a 
reaction. Even though the first reaction is more favorable thermody- 
namically (assuming standard conditions), it is unfavorable for 
kinetic reasons. The second reaction has a negative AG® value and is 
a fast reaction, so the second reaction, which occurs very quickly, is 
favored both kinetically and thermodynamically. When considering 
if a reaction will occur, thermodynamics and kinetics must both be 





considered. 97. All are positive. 99. Wmax = AG; when AG is nega- 


tive, the magnitude of AG is equal to the maximum possible useful 
work obtainable from the process (at constant T and P), When AG is 
positive, the magnitude of AG is equal to the minimum amount of 
work that must be expended to make the process spontaneous. Due 
to waste energy (heat) in any real process, the amount of useful work 
obtainable from a spontaneous process is always less than Wax, and 
for a nonspontaneous reaction, an amount of work greater than Wax 
must be applied to make the process spontaneous. 101. AS.,, = 
2S) Ke tense = 935.8 | Ro vAsey — 0 103 ean AG'= AG: = 
1.8 X 10* J/mol, shifts left; b. AG = 0, at equilibrium; c. AG = 
—1.1 X 10¢ J/mol, shifts right; d. AG = 0, at equilibrium; e. AG = 
2 X 103 J/mol, shifts left 105. AS° will be negative because 2 mol of 
gaseous reactants forms 1 mol of gaseous product. For AG® to be 
negative, AH° must be negative (exothermic). For this sign combina- 
tion, K decreases as T increases. Therefore, the ratio of the partial 
pressure of PCI; to the partial pressure of PC; will decrease when 

T is raised. 107. Using Le Chatelier’s principle: A decrease in pres- 
sure (volume increases) will favor the side with the greater number of 
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particles. Thus 2I(g) will be favored at low pressure. Looking at AG: 
AG = AG® + RT In(P/’/P;,); In(P?/P;,) > 0 for P; = P;, = 10 atm and 
AG is positive (not spontaneous). But at P; = P;, = 0.10 atm, the log- 
arithm term is negative. If IRT In(Q)| > AG®, then AG becomes nega- 
tive, and the reaction is spontaneous. 109.6 M 111. AS is more 
favorable for reaction two than for reaction one. In reaction one, 
seven particles in solution are forming one particle in solution. In 
reaction two, four particles are forming one particle, which results in 
a smaller decrease in positional probability than for reaction one and 
a larger equilibrium constant value for reaction two. 113. Note that 
these substances are not in the solid state but are in the aqueous 
state; water molecules are also present. There is an apparent increase 
in ordering (decrease in positional probability) when these ions are 
placed in water as compared to the separated state. The hydrating 
water molecules must be in a highly ordered arrangement when sur- 
rounding these anions. 115.1.6 X 10° 117. AG = 11.5 kJ; AH = 
0; AS = —38.3 J/K 119. a. AE = 0, AH = 0, AS = 7.62 J/K, 

AG = —2320 J, w = —1500 J, q = 1500 J; b. Since ASyniy (2.7 J/K) 
is positive, the process is spontaneous. 121. a. 226 K; b. 239K 
123. a. —2.87 J/K; b. 2.87 J/K 125.88 J/K 127. greater than 
7.5) torr 129. AB? =286 kJ, AG° = 326 kJ, K = 7.22 « 10%: 

Po, = 3.3 X 10~4! atm; this partial pressure represents one molecule 
of ozone per 9.5 X 10!’ L of air. Equilibrium is probably not main- 
tained under these conditions since the concentration of ozone is not 
large enough to maintain equilibrium. 131. a. 0.333; b. Pa = 

1.50 atm, Pg = 0.50 atm; c. AG = 2722 J + (8.3145)(298) 
In(0.50/1.50) = 2722 J — 2722 J = 0 (carrying extra significant 
figures) 
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15. Electrochemistry is the study of the interchange of chemical and 
electrical energy. A redox (oxidation-reduction) reaction is a reaction 
in which one or more electrons are transferred. In a galvanic cell, a 
spontaneous redox reaction occurs that produces an electric current. 
In an electrolytic cell, electricity is used to force a nonspontaneous 
redox reaction to occur. 17. a. Zn is oxidized in the galvanic cell, 
so Zn is the reducing agent. Cu** is reduced in the galvanic cell, so 
Cu?* is the oxidizing agent. Electrons will flow from the zinc com- 
partment (the anode) to the copper compartment (the cathode). 

b. 1.10 V; c. The copper electrode will increase in mass as Cu** is 
reduced to Cu. The zinc electrode will decrease in mass as Zn is oxi- 
dized to Zn**. 19. See Fig. 11.2 for a typical galvanic cell. The 
anode compartment contains the oxidation half-reaction compounds/ 
ions, and the cathode compartment contains the reduction half- 
reaction compounds/ions. The electrons flow from the anode to the 
cathode. In the salt bridge, cations flow to the cathode and anions 
flow to the anode. For each of the following answers, all solutes are 
1.0 M and all gases are at 1.0 atm. a. 7H,O(/) + 2Cr3*(aq) + 
3Chi(g) > CryO7~ (aq) + 6Cl (aq) + 14H* (aq); E°cer = 0.03 V5 
cathode: Pt electrode; Cl, bubbled into solution, Cl~ in solution; 
anode: Pt electrode; Cr3+, H*, and Cr:O,*~ in solution; b. Cu**(aq) 
+ Mg(s) > Cu(s) + Mg**(aq); €°ce. = 2.71 V; cathode: Cu elec- 
trode; Cu2* in solution; anode: Mg electrode; Mg?* in solution; 

c. 12H*(aq) + 2103 (aq) + 10Fe**(aq) > 10Fe** (aq) + In(s) + 
6H3O(1); Seco, = 0.43 V; cathode: Pt electrode; IO3”, In, and H,SO4 
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(H* source) in solution; anode: Pt electrode; Fe** and Fe** in solu- 
tion; d. Zn(s) + 2Agt(aq) > 2Ag(s) + Zn**(aq); 6° = 1.56 V; 
cathode: Ag electrode; Ag* in solution; anode: Zn electrode; Zn** in 
solution 21. See Exercise 19 for a description of a galvanic cell. For 
each of the following answers, all solutes are 1.0 M and all gases are 
at 1.0 atm. a. Cly(g) + 2Br- (aq) — Br2(aq) + 2Cl (aq); €° = 

0.27 V; cathode: Pt electrode; Cl:(g) bubbled in, Cl- in solution; 
anode: Pt electrode; Br) and Br in solution; b. 3H,O(/) + 

5104 (aq) + 2Mn**(aq) — SIO3 (aq) + 2MnO, (aq) + 6H* (aq); 
€° = 0.09 V; cathode: Pt electrode; 104, 1037, and H SO, (as a 
source of H*) in solution; anode: Pt electrode; Mn**, MnO,_, and 
H)SO, in solution; c. 2H,O2(aq) > 2H,O(!) + On(g); Elen = 

1.10 V; cathode: Pt electrode; HO, and H?* in solution; anode: 

Pt electrode; O2(g) bubbled in, HyO, and H’* in solution; 

d. 2Fe+(aq) + 3Mn(s) > 2Fe(s) + 3Mn**(aq); Eo = 1.14 V5 
cathode: Fe electrode; Fe3* in solution; anode: Mn electrode; Mn?* 
in solution 23. a. Pt|Br~ (1.0 M), Bry (1.0 M) || Cl, (1.0 atm) | Cl- 
(1.0 M)| Pt; b. Pt | Mn?* (1.0 M), MnO, (1.0 M), H* (1.0 M) |} 
10,47 (1.0 M), 103;~ (1.0 M), H+ (1.0 M) | Pt; c. Pt | HO, (1.0 M), 
H* (1.0 M) | O, (1.0 atm) || H,O, (1.0 M), H* (1.0 M)| Pt; d. Mn| 
Mn?* (1.0 M) || Fe3+ (1.0 M)|Fe 25. a. no; b. yes; c. yes; d. no 
itm Oral Cura en<q Kan nae Cr, O7-a Opin @>. 
1@zeceby RbS@Ox) Cda es, Crs 7 nar, EDO) 3illaSincesée ais 
positive for this reaction, at standard conditions ClO” can spontane- 
ously oxidize NH; to the somewhat toxic N»H,. 33. An extensive 
property is one that depends directly on the amount of substance. 
The free energy change for a reaction depends on whether 1 mole of 
product is produced or 2 moles of product are produced or 1 million 
moles of product are produced. This is not the case for cell potentials, 
which do not depend on the amount of substance. The equation that 
relates AG to € is AG = —nF€. It is the m term that converts the 
intensive property © into the extensive property AG. 7 is the number 
of moles of electrons transferred in the balanced reaction that AG is 
associated with. 35. —0.829 V; the two values agree to two signifi- 
cant figures (—0.83 V in Table 11.1). 37. a.—388 kJ; b. —270. kJ 
39. a. AG® = —52 kJ, K = 1.4 X 10’; b. AG° = —90:kJ, K = 2 Xx 
10%; c AG? = —212 kj, K = 1.68 X 1077; d. AG? = —660. kJ, K = 
5.45 X10! 41.a. 3Mn(s) + 8H*(aq) + 2NO3 (aq) > 2NO(g) 
+ 4H,O(/) + 3Mn?*(aq); 51047 (aq) + 2Mn?2*(aq) + 3H,O(l) > 
S5IO3 (aq) + 2MnO, (aq) + 6H* (aq); b. reaction one: €°ce) = 

2.14 V, AG° = —1240 kJ, K ~ 102!’; reaction two: €°ce, = 0.09 V, 


TAS® AH? 
TN Gio iga ie ay ao (Ua lg Se eee graph 


nF nF 

€° vs. T, we should get a straight line (y = mx + b). The slope of 

the line is equal to AS°/nF and the y-intercept is equal to -AH°/nF. 
€° will have a small temperature dependence when AS° is close to 
zero. 45. a. spontaneous; —35 kJ; 1.2 X 10°; b. not spontaneous; 
c. spontaneous; —85 kJ; 7.8 x 104 47.6.5 x 102° 49. -—0.19 V 
51.pH=0.05 53.a. Au>*(aq) + 3Tl(s) > Au(s) + 3TI*(aq); 
Soe = 1.84 V; b. AG° = —533 kJ; K = 2.52 X 1073; c. 2.04 V 
55.1.50V 57. a. 2.12 V; b. 1.98 V; c. 2.05 V; d. Cell potential 
decreases with decreasing T (also, oil becomes more viscous). 

59. Concentration cell: a galvanic cell in which both compartments 
contain the same components but at different concentrations. All 
concentration cells have €°.., = 0 because both compartments 
contain the same contents. The driving force for the cell is the differ- 
ent ion concentrations at the anode and cathode. The cell produces a 
voltage as long as the ion concentrations are different. The lower ion 
concentration is always at the anode. The magnitude of the cell 
potential depends on the magnitude of the differences in ion concen- 
trations between the anode and cathode. The larger the difference in 
ion concentrations, the more negative is the log O term, and the 
more positive is the cell potential. Thus, as the difference in ion con- 
centrations between the anode and cathode compartments increase, 
the cell potential increases. This can be accomplished by decreasing 
the ion concentration at the anode and/or by increasing the ion con- 
centration at the cathode. 61. Electron flow is always from the 





anode to the cathode. For the cells with a nonzero cell potential, we 
will identify the cathode, which means the other compartment is the 
anode. a. 0.0 V; b. 8.9 X 1073 V; compartment with [Ni?*] = 2.0 
M is the cathode; c. 0.030 V; compartment with [Ni**] = 1.0 M is 
the cathode; d. 0.13 V; compartment with [Ni?*] = 1.0 M is the 
cathode; e. 0.0V 63. a. 0.23 V; b. 0.16 V (the reverse reaction 
from part a occurs); c. 1.2 X 10-5 M; d. A graph of € versus 
log{[Cu2*] will yield a straight line with slope equal to 0.0296 V or 
29.6 mV. 65. a.1.4 X 10-4 M; b.2.9 X 10! 67.0.99 V 

69. a. 16g; b. 25g; c. 71g; d.4.9g 71.5548 73. a. cathode: 
Ni2+ + 2e- > Ni, anode: 2Br-> — Br) + 2e7; b. cathode: Al>* + 
3e- — Al, anode: 2F~- > F, + 2e7; c. cathode: Mn** + 2e° > 
Mn, anode: 2I- — I, + 2e~; d. cathode: Ni?* + 2e~ — Ni, anode: 
2Br- — Bro + 2e°; e. cathode: 2H,O + 2e° — H, + 20H , 
anode: 2H,O — O, + 4H* + 4e7; f. cathode: 2H,O + 2e7° > 

H, + 2OH-, anode: 21- > I, + 2e~ 75. Au(s) will plate out first 
since it has the most positive reduction potential, followed by Ag(s), 
which is followed by Ni(s), and finally Cd(s) will plate out last since 
it has the most negative reduction potential of the metals listed. 

77. Yes, since the range of potentials for plating out each metal do 
not overlap, we should be able to separate the three metals. The 
order of plating will be Ir(s) first, followed by Pt(s), and finally Pd(s) 
as the potential is gradually increased. 79.MgCl, 81.9.12 LF; 

at the anode; 29.2 gK at the cathode 83.6.00L 85.a. The spoon 
is where Cu** is reduced to Cu, so the spoon will be the cathode. 
The anode will be the copper strip where Cu is oxidized to Cu*”. 

b. cathode reaction: Cu2* + 2 e~ — Cu; anode reaction: Cu > Cu2* 
+2.e° 87.0.98V 89.1.14V 91.—212 k] 93: a. Paint: coyers 
the metal surface so no contact occurs between the metal and air. 
This works only as long as the painted surface is not scratched. 

b. Durable oxide coatings: covers the metal surface so no contact 
occurs between the metal and air. c. Galvanizing: coating steel with 
zinc; Zn forms an effective oxide coating over steel; also, zinc is more 
easily oxidized than the iron in the steel. d. Sacrificial metal: a more 
easily oxidized metal attached to an iron surface; the more active 
metal is preferentially oxidized instead of iron. e. Alloying: adding 
chromium and nickel to steel; the added Cr and Ni form oxide coat- 
ings on the steel surface. f. Cathodic protection: a more easily oxi- 
dized metal is placed in electrical contact with the metal we are 
trying to protect. It is oxidized in preference to the protected metal. 
The protected metal becomes the cathode electrode, thus, “cathodic 
protection.” 95. It is easier to oxidize Zn than Fe, so the Zn will be 
oxidized, protecting the iron of the Monitor’s hull. 97. The poten- 
tial oxidizing agents are NO;" and H~. Hydrogen ion cannot oxidize 
Pt under either condition. Nitrate cannot oxidize Pt unless there is 
Cl” in the solution. Aqua regia has both Cl- and NO3;-. The overall 
reaction is 12Cl~(aq) + 3Pt(s) + 2NO3 (aq) + 8H*(aq) > 
3PtCly2-(aq) + 2NO(g) + 4H2O(I); See, = 0.21V 99. a. £0.02 
pH units; +6 X 10°° MH*; b. +0.001 V 101. a. decrease; 

b. increase; c. decrease; d. decrease; e. no effect 103. osmium(IV) 
nitrate; copper,Cu 105.a. 1.14 V; b. 1.09 V; c. 78 g Zn, 319 g 
Cusid5 13.4:h 107 1a55677 X 10529 be 169M 11095239 

10-7 111. a. 0.16 V; b. 8.6 mol 113.0.64V 115. a. yes; 

b, 3H,O(/) + Zr(s) > 2Ho(g) + ZrOz + HyO(s); c. S = 1.53 V; 
AGS S590 wks = LO di 4 Al <a 0% eo F523) od OSE 

e. Probably yes; less radioactivity overall was released by venting the 
H) than what would have been released if the H) had exploded inside 
the reactor (as happened at Chernobyl). Neither alternative is pleas- 
ant, but venting the radioactive hydrogen is the less unpleasant of the 
two alternatives. 
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21. 3.0 X 10!° s~1; 2.0 X 10-23 J/photon; 12 J/mol 23. 107.1 MHz 
electromagnetic radiation is FM radio-waves, 2.12 X 107!° m elec- 

tromagnetic radiation is X rays, and the 3.97 X 107! J/photon elec- 
tromagnetic radiation is visible (green) light. The order of increasing 


photon energy and increasing frequency is: FM radiowaves < visible 
(green) light < X rays. 25. a. 5.0 X 10-6 m; b. infrared; c. 4.0 x 
10° J/photon; 2.4 X 104 J/mol; d. less 27.427.7nm_ 29. 4.36 X 
10° J 31. The photoelectric effect refers to the phenomenon in 
which electrons are emitted from the surface of a metal when light 
strikes it. The light must have a certain minimum frequency (energy) 
in order to remove electrons from the surface of a metal. Light 
having a frequency below the minimum results in no electrons being 
emitted, whereas light at or higher than the minimum frequency does 
cause electrons to be emitted. For light having a frequency higher 
than the minimum frequency, the excess energy is transferred into 
kinetic energy for the emitted electron. Albert Einstein explained the 
photoelectric effect by applying quantum theory. 33. a. 1.32 X 
10-3 m; b. 5.3 X 103 m/s 35.Ca 37. a. For hydrogen (Z = 1), 
the energy levels in units of joules are given by the equation E,, = 
—2.178 X 10~!8(1/#7). Because the differences between 1/n2 values 
for consecutive energy levels decrease as increases, the energy levels 
get closer together as ” increases. b. In the diagram, the red line is for 
the m; = 3 to m; = 2 transition. The calculated wavelength for this 
emission using the Bohr model is 656.7 nm. From Figure 12.3, = 
656.7 nm is red light, so the diagram is correct for the red line. The 
green line is for the m; = 4 to 1; = 2 transition. The calculated wave- 
length for this emission is 486.4 nm. From Figure 12.3,A = 486.4 nm 
is green-blue light. The diagram is consistent with this line. The blue 
line is for the nj = 5 to m; = 2 transition. The calculated wavelength 
for this emission is 434.3 nm. From Figure 12.3, A = 434.3 nm is 
blue or blue-violet light. The diagram is consistent with this line 
also. 39.10 41. a. False; It takes less energy to ionize an electron 
from 2 = 3 than from the ground state. b. True; c. False; The 
energy difference between m = 3 and n = 2 is smaller than the energy 
difference between = 3 and m = 1. Thus the wavelength of light 
emitted is longer for the 7 = 3 to m = 2 electronic transition than for 
the 2 = 3 tom = 1 transition. d. True; e. False; 7 = 2 is the first 
excited state and 7 = 3 is the second excited state. 43.” =7 
45.n=4 47.n=4 49.4.5.79 X 10° * m; b. 3.64 X 107%? m; 
the diameter of an H atom is roughly 2 X 10-8 cm. The uncertainty 
in the position of the electron is much larger than the size of the 
atom, whereas the uncertainty in the position of the baseball is insig- 
nificant as compared to the size of a baseball. 51. At x = 0, the 
value of the square of the wave function must be zero. The particle 
must be inside the box. For % = A cos(Lx), at x = 0, cos(0) = 1 and 
U? = A?. This violates the boundary condition. 53. 3.50 nm 

55. As L increases, E,, will decrease and the spacing between energy 
levels will also decrease. 57. Since E,, is inversely proportional to 
L?, the electron in the larger box (107° m) has the lowest ground- 
state energy. 59. The 2p orbitals differ from each other in the direc- 
tion in which they point in space. The 2p and 3p orbitals differ from 
each other in their size, energy, and number of nodes. A nodal surface 
in an atomic orbital is a surface in which the probability of finding 
an electron is zero. 61. 1p, 3f, and 2d are all incorrect designations. 
63. a. For 2 = 3, € = 3 is not possible. d. m, cannot equal —1. 

e. € cannot be a negative number. f. For € = 1, m cannot equal 2. 
65. 1p, 0 electrons (€ # 1 when » = 1); 6d,2_,2, 2 electrons (specifies 
one atomic orbital); 4f, 14 electrons (7 orbitals have 4f designation); 
7py, 2 electrons (specifies one atomic orbital); 2s, 2 electrons (speci- 
fies one atomic orbital); 7 = 3, 18 electrons (3s, 3p, and 3d orbitals 
are possible; there are one 3s orbital, three 3p orbitals, and five 3d 
orbitals) 67. The diagrams of the orbitals in the text give only 90% 
probabilities of where the electron may reside. We can never be 
100% certain of the location of the electrons due to Heisenberg’s 
uncertainty principle. 69.0 =0 : 2.46 x 1078; 4 = 90° : 0 

71. He: 1s?; Ne: 1s?2s?2p°; Ar: 1s?2s?2p°3s*3p°; each peak in the 
diagram corresponds to a sublevel with different values of . Corre- 
sponding sublevels are closer to the nucleus for heavier elements 
because of the increased nuclear charge. 73. Valence electrons are 
the electrons in the outermost principal quantum level of an atom 
(those electrons in the highest 7 value orbitals). The electrons in the 
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lower 7 value orbitals are all inner core or just core electrons. The 
key is that the outermost electrons are the valence electrons. When 
atoms interact with each other, it will be the outermost electrons 
that are involved in these interactions. In addition, how tightly the 
nucleus holds these outermost electrons determines atomic size, 
ionization energy, and other properties of atoms. Elements in the 
same group have similar valence electron configurations and, as a 
result, have similar chemical properties. 75. a. 32; b. 8; c. 25; 

ob MOR ©. 68 1, 0b 511g In, G2 Ob 2 77, Ser IPG Dy Reavy Pe ayo 
Fe: 1s2s?2.p°3s?3p°4s?3d°; P: 1s?2s?2.p°3s?3p3; 

Cs: 1s?2s?2p°3s*3p°4s?3d'4p°5s*4d"5p°6s!; 

Eu: 1s?2s?2p°3s?3p°4s?3d'94p°5s*4d!95p°6s?4f°Sd! (actual: 
[Xe]6s°4/7); Pt: 1s?2s?2p°3s?3p%4s73d!94p°5s74d!95 p56s*4f145 d8 
(actual: [Xe]6s!4f'45d?); Xe: 1s?2s?2p°3s*3p%4s73d!94p°5s24d9 Sp; 
Br: 1s?2s*2,p°3s?3p°4s°3d'!4p> 79. Cr, Cu, Nb, Mo, Tc, Ru, Rh, Pd, 
Ag, Pt, Au 81. Cr: 1s72s*2/p°3s?3p%4s!3d5; Cr has 6 unpaired 


electrons. 

iw iw NIN] Ny] I 
Is Ag 2p 35 3p 
neers Ae rey CSE ake or LL I I 
4s 4s 3d 3d 


Cu: 1s?2s?2p°3s73p°4s!3d"; Cu has 1 unpaired electron. 


(] 1] AYA] N] ANIA 
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83. a. 2 valence electrons; 4s; b. 6 valence electrons; 2s?2p*; 

c. 7 valence electrons; 7s*7p*; d. 3 valence electrons; 5s*5p'; 

e. 8 valence electrons; 3s*3p°; f. 5 valence electrons; 6s76p* 

85. a. 32; b. 28; c. 23; d.560r59 87. Li(1 unpaired electron), 
N (3 unpaired electrons), Ni (2 unpaired electrons), and Te 

(2 unpaired electrons) are paramagnetic. 89. H, Li, Na, K, B, Al, 
Ga, F, Cl, Br, Sc, and Cu all have one unpaired electron in the ground 
Gee, Bil, (O49 10)", Se Or. ile Og aie Ji eS. 8 Va ite aN (0) 

93. Ionization energy: P(g) > P*(g) + e7; electron affinity: P(g) + e7 
— P(g) 95. As successive electrons are removed, the net positive 
charge on the resultant ion increases. This increase in positive charge 
binds the remaining electrons more firmly, and the ionization energy 
increases. The electron configuration for Si is 1s*2s?2p°3s?3p7. There 
is a large jump in ionization energy when going from the removal of 
valence electrons to the removal of core electrons. For silicon, this 
occurs when the fifth electron is removed since we go from the 
valence electrons in n = 3 to the core electrons in n = 2. There 
should be another big jump when the thirteenth electron is removed 
(i.e., when a ls electron is removed). 97. a.S < Se < Te; b. Br < 
Ni < K; c. F < Si < Ba; d. Be < Na < Rb; e. Ne < Se < Sr; f. 0 < 
P<Fe 99.a.Ba; b. K; c.O;d.$2~; e.Cs 101. As: [Ar]4s23d!°4p°; 
Se: [Ar]4s*3d!°4p4; The general ionization energy trend predicts that 
Se should have a higher ionization energy than As. Se is an exception 
to the general ionization energy trend. There are extra electron— 
electron repulsions in Se because two electrons are in the same 

4p orbital, resulting in a lower ionization energy for Se than pre- 
dicted. 103. Size also decreases going across a period. Sc and Ti, 
along with Y and Zr, are adjacent elements. There are 14 elements 
(the lanthanides) between La and Hf, making Hf considerably 
smaller. 105. a. [Rn]7s?5f'46d'°7p°; b. At; c. NaUus, Mg(Uus), 
C(Uus)4, O(Uus); d. UusO~, UusO,~, UusO3°, UusO4g~ —- 107. In 
each case something energetically unfavorable occurs when an elec- 
tron is added. For Be, the added electron must go into a higher- 
energy 2p atomic orbital because the 2s orbital is full. In N, the 
added electron must pair up with another electron in one of the 

2p atomic orbitals; this adds electron-electron repulsions. In Ne, the 
added electron must be added to a much higher-energy 3s atomic 
orbital because the = 2 orbitals are full. 109. Electron-electron 
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repulsions are much greater in O~ than in S~ because the electron 
goes into a smaller 2p orbital versus the larger 3p orbital in sulfur. 
This results in a more favorable (more exothermic) electron affinity 
for sulfur, 111. a. —1445 kJ/mol; b. —580 kJ/mol; c. 348.7 kJ/mol; 
d. 1255 kJ/mol; e. -1255 kJ/mol 113. Yes; ionization energy 
generally decreases down a group, and atomic radius generally 
increases down a group. The data in Table 12.9 confirm both of 
these general trends. 115. a. 6Li(s) + No(g) > 2Li;N(s); b. 2Rb(s) 
+ S(s) > RbS(s); c. 2Cs(s) + 2H ,O(!) > 2CsOH(aq) + Ha(g); 

d. 2Na(s) + Cly(g) > 2NaCl(s) 117. For 589.0 nm: 5.090 x 

10'4 5-1, 3.373 X 10~' J/photon, 203.1 kJ/mol; for 589.6 nm: 
52085 LOM Sais 369m j/phocon, 20229 kiimolm lis 19: 
[Rn]7s75f46d'°7p°8s! 121.a.n; b.nand€ 123. Size decreases 
from left to right and increases going down the periodic table. So 
going one element right and one element down would result in a 
similar size for the two elements diagonal to each other. The ioniza- 
tion energies will be similar for the diagonal elements since the peri- 
odic trends also oppose each other. Electron affinities are harder to 
predict, but atoms with similar size and ionization energy should also 
have similar electron affinities. 125. 200s (about 3 minutes) 

127. greenish yellow light 129. When the p and d orbital functions 
are evaluated at various points in space, the results sometimes have 
positive values and sometimes have negative values. The term 
“phase” is often associated with the + and — signs. For example, a 
sine wave has alternating positive and negative phases. This is analo- 
gous to the positive and negative values (phases) in the p and d orbit- 
als. 131. a. 146 kJ; b. 407 kJ; c. 1117 kJ; d.1524kJ 133. alka- 
line earth metal family 135. a.24; b. 6; c. 12; d.2; e. 26; 

f.24.9 g; g. 1s*2s*2p°3s*3p%4s!3d> 137. a. 4; b. four elements in 
the first period and 16 elements in the second period; c. 20; d. 28 
139. S-type cone receptors detect 400-500 nm light; from Figure 
12.3 in the text, this is violet to green light. M-type cone receptors 
detect 450-630 nm light, which is blue to orange light. L-type cone 
receptors detect 500-700 nm light, which is green to red light. 

141. a. Line A: 6 — 3; Line B: 5 — 3; b.121.6nm 143. X= 
carbon; m = 5(C°*) 145. a. The quantum numbers are: 


ground state (E;) > n,=1,1,=1 
first excited state (Ex;) —> nm,=2,ny=1 
second excited state (Ey) > mn, = 1, n, = 2 


ly 4 Otic, PDO MNOS Io, I< Ors es ASS 
Opto dell a1 Omi vende Og? 1495247 Onis el Silleea 433335 
b. Zep is slightly less than Z. Electrons in other orbitals can penetrate 
the 1s orbital. Thus a 1s electron can be slightly shielded from the 
nucleus, giving a Z., close to but less than Z. 
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11. Electronegativity is the ability of an atom in a molecule to attract 
electrons to itself. Electronegativity is a bonding term. Electron affin- 
ity is the energy change when an electron is added to a substance. 
Electron affinity deals with isolated atoms in the gas phase. A cova- 
lent bond is a sharing of an electron pair in a bond between two 
atoms. An ionic bond is a complete transfer of electrons from one 
atom to another to form ions. The electrostatic attraction of the 
oppositely charged ions is the ionic bond. A pure covalent bond is an 
equal sharing of a shared electron pair in a bond. A polar covalent 
bond is an unequal sharing. Ionic bonds form when there is a large 
difference in electronegativity between the two atoms bonding 
together. This usually occurs when a metal with a small electronega- 
tivity is bonded to a nonmetal having a large electronegativity. A pure 
covalent bond forms between atoms having identical or nearly identi- 
cal electronegativities. A polar covalent bond forms when there is an 
intermediate electronegativity difference. In general, nonmetals bond 
together by forming covalent bonds, either pure covalent or polar 
covalent. Ionic bonds form due to the strong electrostatic attraction 
between two oppositely charged ions. Covalent bonds form because 


the shared electrons in the bond are attracted to two different nuclei, 
unlike the isolated atoms, in which electrons are attracted to only 
one nuclei. The attraction to another nuclei overrides the added 
electron-electron repulsions. 


132 
Halogen (IE — EA) (IE — EA)/502 EN(text) 


lf 2006 kJ/mol 4.0 4.0 
Cl 1604 kJ/mol ye B70) 
Br 1463 kJ/mol DS) 2.8 
1302 kJ/mol 2.6 De) 


same trend as (and agree fairly closely) with the values given in the 
text.) 1a — NO pase <a 0a Cl enon Gea of 

dy Dl Ge Sve. Rbi=x K = Nat Ga << Baa One a G22) 
<N (3.0) < O (3.5), same as predicted; b. Se (2.4) < S (2.5) < 

Cl (3.0), same; c. Si (1.8) = Ge (1.8) = Sn (1.8), different; 

d. Tl (1.8) = Ge (1.8) < S (2.5), different; e. Rb (0.8) = K (0.8) < 
Na (0.9), different; f. Ga (1.6) < B (2.0) < O (3.5), same; Most 
polar bonds in Exercise 16 using actual EN values: a. Si—F and 
Ge—F (Ge—F predicted); b. P—Cl (same as predicted); c. S—F 
(same as predicted); d. Ti—Cl (same as predicted); e. Si—H 

and Sn—H (Sn—H predicted); f. AI—Br (TI—Br predicted) 

19. Br—Br < N—O < C—F < Ca—O < K—F 21. (NH4)2SO4 and 
Ca3(PO,)2 are the compounds with both ionic and covalent bonds. 
23. Anions are larger than the neutral atom, and cations are smaller 
than the neutral atom. For anions, the added electrons increase the 
electron-electron repulsions. To counteract this, the size of the elec- 
tron cloud increases, placing the electrons further apart from one 
another. For cations, as electrons are removed, there are fewer 
electron-electron repulsions, and the electron cloud can be pulled 
closer to the nucleus. Isoelectronic: same number of electrons. Two 
variables, the number of protons and the number of electrons, deter- 
mine the size of an ion. Keeping the number of electrons constant, we 
have to consider only the number of protons to predict trends in size. 
The ion with the most protons attracts the same number of electrons 
most strongly, resulting in a smaller size. 25.a. Cu> Cu > 

OUR os Nae Soe SIN aionien (OS™ SO SHOR val line Se 

Bue Gd Vib sr e5 lem = Cue Bae ae 

27. Rb*: [Ar]4s?3d1°4p°; Ba?*: [Kr]5s24d!05p®; Se?-: [Ar]4s?3d!04p°; 
L: [Kr]5s*4d'°Sp® 29. a. Cs)S is composed of Cs* and S2~. Cs* has 
the same electron configuration as Xe, and S*~ has the same configu- 
ration as Ar. b. SrF; Sr?* has the Kr electron configuration and F~ 
has the Ne configuration. c. Ca3N; Ca?~ has the Ar electron config- 
uration and N*~ has the Ne configuration. d. AIBr3; Al5* has the 
Ne electron configuration and Br~ has the Kr configuration. 

31. Se?-, Br~, Rb*, Sr2*, Y°*, and Zr** are some ions that are iso- 
electronic with Kr (36 electrons). In terms of size, the ion with the 
most protons will hold the electrons tightest and will be the smallest. 
The size trend is 
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smallest largest 


33. a. Al,S3, aluminum sulfide; b. K3N, potassium nitride; c. MgCl, 
magnesium chloride; d. CsBr, cesium bromide 35. —411 kJ/mol 
37.161 kJ/mol 39. a. From the data given, less energy is required 
to produce Mg*(g) + O(g) than to produce Mg?*(g) + O27(g). 
However, the lattice energy for Mg**O2~ will be much more exother- 
mic than for Mg*O™ (because of the greater charges in Mg?*O2-). 
The favorable lattice energy term will dominate and Mg?*+O2- 
forms. b. Mg* and O~ both have unpaired electrons. In Mg?* and 
O*~, there are no unpaired electrons. Hence, Mg*O~ would be para- 
magnetic; Mg**O*~ would be diamagnetic. Paramagnetism can be 
detected by measuring the mass of a sample in the presence and 
absence of a magnetic field. The apparent mass of a paramagnetic 


substance will be larger in a magnetic field because of the force 
between the unpaired electrons and the field. 41. Ca?* has greater 
charge than Na*, and Se?~ is smaller than Te*~. The effect of charge 
on the lattice energy is greater than the effect of size. We expect the 
trend from most exothermic to least exothermic to be 


CaSe > CaTe > NaSe > NaoTe 
(—2862) (-2721) (—2130) (—2095 kJ/mol) 


43. a. —183 kJ; b. -109 kJ; c.-158 kJ; d.—1169kJ 45. —42 kJ 
47, —1228 kJ 49. —S681kJ 51. Since both reactions are highly 
exothermic, the high temperature is not needed to provide energy. It 
must be necessary for some other reason. This will be discussed in 
Chapter 15 on kinetics. 53. a. 1549 kJ; b. 1390. kJ; c. 1312 kJ; 


d. 1S99 kJ 55. Deaie = 389 kJ/mol as compared with 391 kJ/mol in 
the table. 
fai H=CHNe-bsH—PSH'e. H eh) Ale 
hi cd: H—-N-H 
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59. Molecules or ions that have the same number of valence electrons 
and the same number of atoms will have similar Lewis structures. 
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69. Statements a and c 
are true. For statement b, SF, has 5 electron pairs around the sulfur 
in the best Lewis structure; it is an exception to the octet rule. 
Because OF; has the same number of valence electrons as SF4, OF, 
would also have to be an exception to the octet rule. However, Row 
2 elements like O never have more than 8 electrons around them, so 
OF, does not exist. For statement d, two resonance structures can be 
drawn for ozone: 
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O 

ioe GIRLS oF 
When resonance structures can be drawn, the actual bond lengths 
and strengths are all equal to each other. Even though each Lewis 
structure implies the two O—O bonds are different, this is not the 
case in real life. In real life, both of the O—O bonds are equivalent. 
When resonance structures can be drawn, you can think of the 
bonding as an average of all of the resonance structures. 


Ale - duke :B: 
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Row 3 and heavier nonmetals can have more than 8 electrons 
around them when they have to. Row 3 and heavier elements have 
empty d orbitals which are close in energy to the valence s and 

p orbitals. These empty d orbitals can accept extra electrons. 

73. Three resonance structures can be drawn for CO;*~. The actual 
structure for CO3?~ is an average of these three resonance structures. 
That is, the three C—O bond lengths are all equivalent, with a length 
somewhere between a single bond and a double bond. The actual 
bond length of 136 pm is consistent with this resonance view of 
CO;7=, 75.NO*=N,O=NO,- = NO;- < HjNOH 


iene Or 


In the CO Lewis structure, carbon has a formal charge of —1 and 
oxygen has a formal charge of +1. Electronegativity predicts the 

opposite polarization. The two opposing effects seem to partially 

cancel to give a much less polar molecule than expected. 79. a-f 
and h all have similar Lewis structures: 
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81, }Cl—-S=s—cl: 

8. -0-6-#: 
Formal charge: OPO S OO 
Oxidationistateay lected 


Oxidation states are more useful when accounting for the reactivity 
of OF). We are forced to assign +1 as the oxidation state for 
oxygen due to the bonding of fluorine. Oxygen is very electronega- 
tive, and +1 is not a stable oxidation state for this element. 

85. a. V-shaped or bent; b. see-saw; c. trigonal pyramid; 

d. trigonal bipyramid; e. tetrahedral 87. [57] a. linear, 180°; 

b. trigonal pyramid, < 109.5°; c. tetrahedral, 109.5°; d. tetra- 
hedral, 109.5°; e. trigonal planar, 120°; f. V-shaped, < 109.5°; 

g. linear, 180°; h. andi. linear, no bond angle in diatomic molecules; 
[58] a. All are tetrahedral, 109.5°; b. All are trigonal pyramid, 

< 109.5°; c. All are V-shaped, < 109.5°; [60] a. NO2~: V-shaped, 

~ 120°; NO; : trigonal planar, 120°; N,Ox: trigonal planar about 
both nitrogens, 120°; b. All are linear; 180° 89. Br3~ is linear; CIF; 
is T-shaped; SF, is see-saw. 91. a. linear, 180°; b. T-shaped,~ 90°; 
c. see-saw, ~ 120° and ~ 90°; d. trigonal bipyramid, 120° and 

90° 93. SeO>, PCl;, and SCI, have net dipole moments (are polar). 
95. The two general requirements for a polar molecule are (1) polar 
bonds and (2) a structure such that the bond dipoles of the polar 
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bonds do not cancel. In CF, the fluorines are symmetrically arranged 
about the central carbon atom. The net result is for all of the individ- 
ual C—F bond dipoles to cancel each other out, giving a nonpolar 
molecule. In XeF, the 4 Xe—F bond dipoles are also symmetrically 
arranged and XeF, is also nonpolar. The individual bond dipoles 


cancel out when summed together. In SF; we also have 4 polar bonds. 


But in SF, the bond dipoles are not symmetrically arranged and they 
do not cancel each other out. SF, is polar. It is the positioning of the 
lone pair that disrupts the symmetry in SFy. CO) is nonpolar because 
the individual bond dipoles cancel each other out, but COS is polar. 
By replacing an O with a less electronegative S atom, the molecule is 
not symmetric any more. The individual bond dipoles do not cancel 
since the C—S bond dipole is smaller than the C—O bond dipole, 
resulting in a polar molecule. 97. Only statement c is true. The 
bond dipoles in CF, and KrF, are arranged in a manner that they all 
cancel each other out, making them nonpolar molecules (CF4 has a 
tetrahedral molecular structure, while KrF, has a square planar 
molecular structure). In SeF, the bond dipoles in this see-saw mole- 
cule do not cancel each other out, so SeF, is polar. For statement a, 
all the molecules have either a trigonal planar geometry or a trigonal 
bipyramidal geometry, both of which have 120-degree bond angles. 
However, XeCl, has three lone pairs and two bonded chlorine atoms 
around it. XeCl, has a linear molecular structure with a 180-degree 
bond angle. With three lone pairs, we no longer have a 120-degree 
bond angle in XeCl,. For statement b, SO, has a V-shaped molecular 
structure with a bond angle of about 120 degrees. CS) is linear with a 
180-degree bond angle, and SCl, is V-shaped but with an approxi- 
mately 109.5-degree bond angle. The three compounds do not have 
the same bond angle. For statement d, central atoms adopt a geome- 
try to minimize electron repulsions, not maximize them. 

99. Element E must belong to the Group 6A elements because it has 
6 valence electrons. E must also be a Period 3 or heavier element 
since this ion has more than 8 electrons around the central E atom 
(Period 2 elements never have more than 8 electrons around them). 
Some possible identities for E are S$, Se, and Te. The ion has a 
T-shaped molecular structure with bond angles of ~ 90°. 


101. a. OCI, HOG 
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V-shaped, polar 


KrF, : F—Kr—F : Linear, nonpolar 
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Linear, nonpolar 
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(One other resonance structure possible) 
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Trigonal planar, nonpolar 


(Two other resonance structures possible) 


NF; N 
ales 
"Be Fi 


Trigonal pyramid, polar 


He 
IF; Ik T-shaped, polar 
as 


Cue, G Tetrahedral, nonpolar 


Schaar Feige pe See-saw, polar 
“KO OR: 


TEN on AB 
KrF, Kr Square planar, nonpolar 
Sy ge 
Z 18 F 
rap: 
Fi alles lead: id, pol 
mid, polar 
ae et ee quare pyramid, p 
: le iH 5 
renee, 
AsFs y sie : Trigonal bipyramid, nonpolar 
cal be i : 


103. All these molecules have polar bonds that are symmetrically 
arranged around the central atom. In each molecule, the individual 
bond dipoles cancel to give no net overall dipole moment. 








105. [ 12- + 2- i = 
: i j iv aA 
Se oe 
ras ax Vases 
Gel 20 Ooi OIRe 
i ee )- ee - 20% 
Hi © HO: I 
ae Pr fees Ome 
O. 0. {Onn ©) Va TN 
le . a ss Pent . H H 
AH = —83 kJ; the carbon—oxygen double bond is stronger than two 


carbon-oxygen single bonds; hence CO; and HO are more stable 
than H,CO3. 107. As the halogen atoms get larger, it becomes more 
difficult to fit three halogen atoms around the small nitrogen atom, 
and the NX; molecule becomes less stable. 109. a. NaBr: In NaBr> 
the sodium ion would have a +2 charge assuming each bromine 

has a —1 charge. Sodium doesn’t form stable Na2* compounds. 

b. ClO4~: ClO has 31 valence electrons so it is impossible to satisfy 
the octet rule for all atoms in ClO,. The extra electron from the 

—1 charge in ClO,” allows for complete octets for all atoms. 

c. XeO,: We can’t draw a Lewis structure that obeys the octet rule for 
SOy, (30 electrons), unlike with XeOx, (32 electrons). d. SeF4: Both 
compounds require the central atom to expand its octet. O is too 
small and doesn’t have low-energy d orbitals to expand its octet 
(which is true for all Period 2 elements). 111. a. radius: N* < N < 
Ne IE: Nv Ni N*s bsradius: Gln < Cl Se Ses IE Sew —<iSe 
=< Gli Cle radiusssr-” = Rbe <= BrewIb- Bre <= Ribs ore 
113.1; square pyramid 115. Yes; each structure has the same 
number of effective pairs around the central atom, giving the same 
predicted molecular structure for each compound/ion. (A multiple 
bond is counted as a single group of electrons.) 117. From VSEPR, 
the molecular structure would be linear. Using hyperconjugation, the 
resonance structures are 
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There are other possible resonance structures, but these are most 
likely. b. The NNN, ONN, and ONO bond angles should be about 


120°. c. NHyN(NO>)2(s) > 2N2(g) + 2H2O(g) + O2(g), AH = 
—893 kJ; d. To estimate AH, we ignored the ionic interactions 
between NH,* and N(NO;),~. In addition, we assumed the bond 
energies in Table 13.6 applied to the N(NO2)~ bonds in any one of 
the resonance structures above. This is a bad assumption since mole- 
cules that exhibit resonance generally have stronger overall bonds 
than predicted. All of these assumptions give an estimated AH value 
that is too negative. 123. a. i. —2636 kJ; ii. —3471 kJ; 

iil. ~3543 kJ; b. reaction ili, —8085 kJ/kg 125. 17 kJ/mol 


Chapter 14 


9. The valence orbitals of the nonmetals are the s and p orbitals. The 
lobes of the p orbitals are 90 degrees and 180 degrees apart from 
each other. If the p orbitals were used to form bonds, then all bond 
angels should be 90 degrees or 180 degrees. This is not the case. In 
order to explain the observed geometry (bond angles) that molecules 
exhibit, we need to make up (hybridize) orbitals that point to where 
the bonded atoms and lone pairs are located. We know the geometry; 
we hybridize orbitals to explain the geometry. Sigma bonds have 
shared electrons in the area centered on a line joining the atoms. The 
orbitals that overlap to form the sigma bonds must overlap head to 
head or end to end. The hybrid orbitals about a central atom always 
are directed at the bonded atoms. Hybrid orbitals will always overlap 
head to head to form sigma bonds. 11. We use d orbitals when we 
have to; that is, we use d orbitals when the central atom on a mole- 
cule has more than eight electrons around it. The d orbitals are neces- 
sary to accommodate more than eight electrons. Row 2 elements 
never have more than eight electrons around them so they never 
hybridize d orbitals. We rationalize this by saying there are no d 
orbitals close in energy to the valence 2s and 2p orbitals (2d orbitals 
are forbidden energy levels). However, for Row 3 and heavier ele- 
ments, there are 3d, 4d, Sd, etc. orbitals, which will be close in energy 
to the valence s and p orbitals. It is Row 3 and heavier nonmetals 
that hybridize d orbitals when they have to. For sulfur, the valence 
electrons are in 3s and 3p orbitals. Therefore, 3d orbitals are closest 
in energy and are available for hybridization. Arsenic would hybrid- 
ize 4d orbitals to go with the valence 4s and 4p orbitals, whereas 
iodine would hybridize Sd orbitals since the valence electrons are in 
t—- 


iS. H30: 


PP 

Isl isl 
HO has a tetrahedral arrangement of the electron pairs around the 
O atom that requires sp* hybridization. Two of the sp? hybrid orbit- 
als are used to form bonds to the two hydrogen atoms, and the other 
two sp? hybrid orbitals hold the two lone pairs on oxygen. The two 
O—H bonds are formed from overlap of the sp? hybrid orbitals from 
oxygen with the 1s atomic orbitals from the hydrogen atoms. 
15. For ethane, the carbon atoms are sp? hybridized. The six C—H 
sigma bonds are formed from overlap of the sp? hybrid orbitals on 
C with the 1s atomic orbitals from the hydrogen atoms. The carbon- 
carbon sigma bond is formed from overlap of an sp? hybrid orbital 
on each C atom. For ethanol, the two C atoms and the O atom are 
sp> hybridized. All bonds are formed from overlap with these 
sp? hybrid orbitals. The C—H and O—H sigma bonds are formed 
from overlap of sp? hybrid orbitals with hydrogen 1s atomic orbitals. 
The C—C and C—O sigma bonds are formed from overlap of the 
sp? hybrid orbitals on each atom. 17. [57] a. sp; b. sp*; c. sp’; 
d. sp3; e. sp?; f. sp>; g. sp; h. each O is sp? hybridized; i. Br is 
sp> hybridized [58] a. All are sp? hybridized. b. All are sp’ hybrid- 
ized. c. All are sp? hybridized. [60] a. NO2~, sp?; NO3~, sp?; N2Ou, 
sp? for both nitrogens; b. All are sp hybridized. 19. Each of the 
four N—H sigma bonds are formed from overlap of an sp* hybrid 
orbital from nitrogen with a 1s orbital from hydrogen. Each of the 
two N—C sigma bonds are formed from an sp? hybrid orbital from 
N with an sp? hybrid orbital from carbon. The double bond between 
carbon and oxygen consists of one o and one 7 bond. The o bond in 
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the double bond is formed from overlap of a carbon sp* hybrid 
orbital with an oxygen sp? hybrid orbital. The 7 bond in the double 
bond is formed from overlap of the unhybridized p atomic orbitals. 
Carbon and oxygen each have one unhybridized p atomic orbital, 
and they are assumed to be parallel to each other. When two parallel 
p atomic orbitals overlap side to side, a 7 bond results. 

21. a. Tetrahedral, 109.5°, sp*, __b. Trigonal pyramid, <109.5°, 


nonpolar sp>, polar 
Fs pte 
Slee dee 
Evie 
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T-shaped, ~90°, 
dsp*, polar 


Square pyramid, ~90°; 
d’sp>, polar 

23. For the p orbitals to properly line up to form the 7 bond, all six 
atoms are forced into the same plane. If the atoms are not in the 
same plane, then the 7 bond could not form since the p orbitals 
would no longer be parallel to each other. 


25. Biacetyl O° 
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All CCO angles are 120°. The six atoms are not forced to lie in the 
same plane because of free rotation around the carbon-carbon single 
(a) bonds. 11 @ and 2 7 bonds. 


Acetoin SP?" 
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Angle a = 120°, angle b = 109.5°, 13 o bonds and 1 7 bond 

27. To complete the Lewis structure, add lone pairs to complete 
octets for each atom. a. 6; b. 4; c. The center N in —N =N =N 
group; d. 330; e. 5 m; f. 180°; g. ~109.5°; h. sp? 

yp 2) 


H N’ 
Ne Ui 
HN.) Ve 

Se ON 0 ee je 

Oy a ea SSI 
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Note: NH, HC, and CH; are shorthand for nitrogen or carbon 
atoms singly bonded to hydrogen atoms. b. In azodicarbonamide, 
the two carbon atoms are sp* hybridized, the two nitrogen atoms 
with hydrogens attached are sp? hybridized, and the other two nitro- 
gens are sp* hybridized. In methyl cyanoacrylate, the CH; carbon is 
sp’ hybridized, the carbon with the triple bond is sp hybridized, and 
the other three carbons are sp* hybridized. c. Azodicarbonamide 
contains three 7 bonds, and methyl cyanoacrylate contains four 

a bonds. d. a) ~109.5°; b) 120°; c) ~120°; d) 120°; e) 180°; f) 120°; 
g) ~109.5°; h) 120° 
31.CO :C=oO: CO, O=C=O C30, O=C=C=C=O 
There is no molecular structure for the diatomic CO molecule. The 
carbon in CO is sp hybridized. CO, is a linear molecule, and the 
central carbon atom is sp hybridized. C3O is a linear molecule with 
all of the central carbon atoms exhibiting sp hybridization. 


ip o 


When p orbitals are combined head-to-head and the phases are the 
same sign (the orbital lobes have the same sign), a sigma bonding 
molecular orbital is formed. 


wee ‘ 


When parallel p orbitals are combined in-phase (the signs match up), 
a pi bonding molecular orbital is formed. 


‘eo -@* 


When p orbitals are combined head-to-head and the phases are 
opposite, a sigma antibonding molecular orbital is formed. 


‘@ @ 
By, 


When parallel p orbitals are combined out-of-phase (the orbital lobes 
have opposite signs), a pi antibonding molecular orbital is formed. 
35. From experiment, B) is paramagnetic. If the a2, MO is lower in 
energy than the two degenerate 7, MOs, the electron configuration 


for B, would have all electrons paired. Experiment tells us we must 
have unpaired electrons. Therefore, the MO diagram is modified to 
have the 7, orbitals lower in energy than the o orbitals. This gives 
two unpaired electrons in the electron configuration for By, which 
explains the paramagnetic properties of By. The model allowed for s 
and p orbitals to mix, which shifted the energy of the 7» orbital to 
above that of the 77 orbitals. 37. a. H2 has two valence electrons to 
put in the MO diagram whereas He; has four valence electrons. 


Bond order = B.O. = (2 — 0)//2 = 1 
BO, =(2 —2)/2 —0 





Ap: (a4;)? 
He: (o4,)2(074," )7 


H, has a nonzero bond order, so MO theory predicts it will exist. The 
H) molecule is stable with respect to the two free H atoms. He? has a 
bond order of zero, so it should not form. The He; molecule is not 
more stable than the two free He atoms. b. See Fig. 14.41 for the 
MO energy-level diagrams of By, C2, Nz, O2, and F2. Bz and O have 
unpaired electrons in their electron configurations, so they are pre- 
dicted to be paramagnetic. C), N2, and F, have no unpaired electrons 
in their MO diagrams; they are all diamagnetic. c. From the MO 
energy diagram in Fig. 14.41, N) maximizes the number of electrons 
in the lower-energy bonding orbitals and has no electrons in the anti- 
bonding 2p molecular orbitals. N has the highest possible bond 
order of 3, so it should be a very strong (stable) bond. d. NO~ has 

5 + 6 — 1 = 10 valence electrons to place in the MO diagram and 
NO- has 5 + 6 + 1 = 12 valence electrons. The MO diagram for 
these two ions is assumed to be the same as that used for N>. 


NO*: (0.)?(@25* )?(2p)*(O2p)? BOL = (8 2) / 20s 
NO*: (o2,)*(o2.")?(ar2p)*(o2p)?(a72p*)* BLO. = (8 — 4)/2 = 2 


NO* has a larger bond order than NO~, so NO~ should be more 


stable than NO-. 
3), 
Go aie 
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These MOs are a MOs since the electron density is cylindrically sym- 
metric around the internuclear axis. 41. N»~ and N>~ both have a 
bond order of 2.5. 
43. CN: (05)?(@25*)?(aF2p)*(O2p)!5 

NO: (05)*(O25*)*(p)*(@2p)*( Trap *) 13 

O2?*: (a25)?(25*)?(2p)*(Trap)*3 

Ny?*: (@2s)?(25*)?(a2p)*s If the added electron goes into a 
bonding orbital, the bond order would increase, making the species 
more stable and more likely to form. Between CN and NO, CN 
would most likely form CN™ since the bond order increases (unlike 
NO, in which the added electron goes into an antibonding orbital). 
Between O,?* and N>**, No* would most likely form since the bond 
order increases (unlike when O,* forms). 45. The 7 bonds between 
S atoms and between C and S atoms are not as strong. The atomic 
orbitals do not overlap with each other as well as the smaller atomic 
orbitals of C and O overlap. 47.7 molecular orbital 49. a. The 
electron density would be closer to F on the average. The F atom is 
more electronegative than the H atom, and the 2p orbital of F is 
lower in energy than the 1s orbital of H; b. The bonding MO would 
have more fluorine 2p character because it is closer in energy to the 
fluorine 2p atomic orbital; c. The antibonding MO would place 
more electron density closer to H and would have a greater contribu- 
tion from the higher-energy hydrogen 1s atomic orbital. 51. Mole- 
cules that exhibit resonance have delocalized 7 bonding. This is a 
fancy way of saying that the z electrons are not permanently sta- 
tioned between two specific atoms but instead can roam about over 
the surface of a molecule. We use the concept of delocalized 7 elec- 
trons to explain why molecules that exhibit resonance have equal 


bonds in terms of strength. Because the z electrons can roam about 
over the entire surface of the molecule, the 7 electrons are shared by 
all of the atoms in the molecule, giving rise to equal bond strengths. 
The classic example of delocalized 7 electrons is benzene (C¢H,). 
Figure 14.50 shows the 7 molecular orbital system for benzene. Each 
carbon in benzene is sp? hybridized, leaving one unhybridized p 
atomic orbital. All six of the carbon atoms in benzene have an unhy- 
bridized p orbital pointing above and below the planar surface of the 
molecule. Instead of just two unhybridized p orbitals overlapping, we 
say all six of the unhybridized p orbitals overlap, resulting in delocal- 
ized 7 electrons roaming about above and below the entire surface of 
the benzene molecule. 


Rahm ANS 
In SQ) the central sulfur atom is sp? hybridized. The unhybridized 

p atomic orbital on the central sulfur atom will overlap with parallel 
p orbitals on each adjacent O atom. All three of these p orbitals 
overlap together, resulting in the 7 electrons moving about above and 
below the surface of the SO) molecule. With the delocalized 7 elec- 
trons, the S—O bond lengths in SO) are equal (and not different as 
each individual Lewis structure indicates). 53. The Lewis structures 
for CO;2~ (24 e-) are: 


2— es a as 2— 


Oe 0) G0: jOpaind 


In the localized electron view, the central carbon atom is sp* hybrid- 
ized; the sp* hybrid orbitals are used to form the three sigma bonds 
in CO;*-. The central C atom also has one unhybridized p atomic 
orbital that overlaps with another p atomic orbital from one of the 
oxygen atoms to form the z bond in each resonance structure. This 
localized 7 bond moves (resonates) from one position to another. In 
the molecular orbital model for CO;?-, all four atoms in CO37~ have 
a p atomic orbital that is perpendicular to the plane of the ion. All 
four of these p orbitals overlap at the same time to form a delocal- 
ized a bonding system where the z electrons can roam above and 
below the entire surface of the ion. The 7 molecular orbital system 
for CO;?~ is analogous to that for NO3~, which is shown in Fig. 
14.51 of the text. 55.411.7 Nm! 57. a. 113 pm; b. 3.45 X 
10''s-! 59. a. quartet in iv; b. singlet ini; c. triplet in iii; 

d. doublet in ii 
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63. a. No, some atoms are in different places. Thus these are not res- 
onance structures; they are different compounds. b. For the first 
Lewis structure, all nitrogens are sp* hybridized and all carbons are 
sp? hybridized. In the second Lewis structure, all nitrogens and 


Answers to Selected Exercises A55 


carbons are sp? hybridized. c. The first structure with the carbon- 
oxygen double bonds is slightly more stable. 


6S. GRE se) igs 


The two orbitals overlap side to side, so when the orbitals are in 
phase, a 7 bonding molecular orbital would form. 67. Molecule A 
has a tetrahedral arrangement of electron pairs because it is sp? 
hybridized. Molecule B has six electron pairs about the central atom, 
so it is d*sp> hybridized. Molecule C has two o and two 7 bonds to 
the central atom, so it either has two double bonds to the central 
atom (as in CO;) or one triple bond and one single bond (as in 
HCN). Molecule C is consistent with a linear arrangement of elec- 
tron pairs exhibiting sp hybridization. There are many correct possi- 
bilities for each molecule; an example of each is: 


Molecule A: Molecule B: Molecule C: 
CH, XeF, CO, or HCN 
H = 7 
C Xe OS ee 
H aed te H—C=N: 
Tetrahedral Square planar Linear 
ODES esp? 90°, d*sp> 180°, sp 
69. a. ‘i 
B 
aS. 
lal) 18 
Trigonal planar; nonpolar; 120°; sp* 
ah: 
< i 2, eo 
b. N=N Can also be: N=N., 
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:F: F: :F 
Polar Nonpolar 


V-shaped about both N atoms; ~120°; sp’. 
These are distinctly different molecules. 


é. HOF doch 
BCU C-CcH oh 
le valk 


Trigonal planar about 
each carbon; nonpolar; 
120°; sp2 for all carbons 


T-shaped; polar; ~90°; dsp3 


Hike H 


Six C and N atoms are sp” hybridized, six C and N atoms are sp* 
hybridized, and none of the C and N atoms are sp hybridized. Caf- 
feine has 25 ao bonds and four 7 bonds. 73. a. The NNO structure 
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is correct. From the Lewis structures we would predict both NNO 
and NON to be linear, but NON would be nonpolar. NNO is polar. 


b. 'N=N=0; <> :N=N—O: <> :N—N=O: 


-1 +1 0 0 +1 -1 —2 +1 +1 Formal charges 


The central N is sp hybridized. We can probably ignore the third res- 
onance structure on the basis of formal charge. c. sp hybrid orbitals 
from the center N overlap with atomic orbitals (or hybrid orbitals) 
from the other two atoms to form the two sigma bonds. The remain- 
ing p orbitals from the center N overlap with p orbitals from the 
other N to form the two 7 bonds. 75. a. 116 kJ/mol; 


b. Fa: (o25)*(o25* )?(O2p)?( a 2p)*(ar2p* )* BO, = (8 = 6)/2 = 1 
Fa~: (025)?(@25*)?(2p)*(tr2p)*(a72p* )*(o2p*)* BO. = (8 — 7)/2 = 0.5 


MO theory predicts that F, should have a stronger bond than F,~ 
because F, has the larger bond order. The calculated F,~ bond energy 
is indeed smaller than the F, bond energy (154 kJ/mol). 77.a. No, 
N>*, N, and N* will all be present, assuming excess N). b. Light 
with wavelengths in the range of 85.33 nm <A = 127 nm will 
produce N but no ions. c. Consider the MO energy-level diagram 
for N> (see Figs. 14.40 and 14.41). The electron removed from N, is 
in the 7, MO, which is lower in energy than the 2p atomic orbital 
from which the electron in atomic nitrogen is removed. Since the 
electron removed from Nj is lower in energy than the electron in N, 
the ionization energy of N> is greater than for N. 79. The complete 
Lewis structure follows. All but two of the carbon atoms are sp? 
hybridized. The two carbon atoms that contain the double bond are 
sp? hybridized (see*). 
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No; most of the carbons are not in the same plane since a majority of 
carbon atoms exhibit a tetrahedral structure. Note: CH, CH>, H>C, 
and CH; are shorthand for carbon atoms singly bonded to hydrogen 
atoms. §81.a. The CO bond is polar with the negative end around 
the more electronegative oxygen atom. We would expect metal 
cations to be attracted to and bond to the oxygen end of CO on the 
basis of electronegativity. b. : C=O: FC (carbon) = —1; FC 
(oxygen) = +1. From formal charge, we would expect metal cations 
to bond to the carbon (with the negative formal charge). c. In MO 
theory, only orbitals with proper symmetry overlap to form bonding 
orbitals. The metals that form bonds to CO are usually transition 
metals, all of which have outer electrons in the d orbitals. The only 
MOs of CO that have proper symmetry to overlap with d orbitals 
are the 77,* orbitals, whose shape is similar to the d orbitals (see 
Fig. 14.36). Since the antibonding MOs have more carbon character, 
one would expect the bond to form through carbon. 83. AH? = 
237 kJ/mol (calculated); there is a 154 kJ discrepancy. Benzene is 
more stable (lower in energy) by 154 kJ than we expect from bond 
energies. [Two equivalent Lewis structures can be drawn for benzene. 
The 7 bonding system implied by each Lewis structure consists of 
three localized 7 bonds. This, however, does not adequately explain 
the six equivalent C—C bonds in benzene. To explain the equivalent 
C—C bonds, the z electrons are said to be delocalized over the 
entire surface of the molecule (see Section 14.5). The large discrep- 
ancy between the AH®; values is due to the effect of a delocalized 


a bonding system that was not considered when calculating AH?. The 
extra stability associated with benzene can be called resonance stabi- 
lization. 85. The two isomers having the formula C,H,O are 


H H H 4H 
H—¢—C-O-H H—¢-6-C-H 
Ho choco 

a b c 


The first structure has three types of hydrogens (a, b, and c), so the 
signals should be seen in three different regions of the NMR spec- 
trum. The overall relative areas of the three signals should be in a 
3:2:1 ratio due to the number of a, b, and c hydrogens. The signal 
for the a hydrogens will be split into a triplet signal due to the two 
neighboring b hydrogens. The signal for the b hydrogens should be 
split into a quintet signal due to the three neighboring a hydrogens 
plus the neighboring c hydrogen (four total protons). The c hydrogen 
should be split into a triplet signal due to the two neighboring 

b hydrogens. In practice, however, the c hydrogen bonded to the 
oxygen does not behave “normally.” This O—H hydrogen generally 
behaves as if it is more than three sigma bonds apart from the 

b hydrogens. Therefore, the spectrum will most likely have a triplet 
signal for the a hydrogens, a quartet signal for the b hydrogens, and a 
singlet signal for the c hydrogen. In the second structure, all 6 hydro- 
gens are equivalent, so only one signal will appear in the NMR spec- 
trum. This signal will be a singlet signal because the hydrogens in the 
two —CH; groups are more than three sigma bonds apart from each 
other (no splitting occurs). 





Chapter 15 
11. A possible balanced equation is 2A + 3B > 4C. 
d({NHs] 2 d[H)] 
712}. = £ 15. L!2 |-12 ih 
2 dt 3 dt : eee 


I7tagRate— Kk IN@ |Z Cla bake le Sarl O-e- mnoles annie 
19. a. Rate = R[NOCI]*; b. Rmean = 6.6 X 107-2? cm? molecules™! 
Sut ic, 4:0) x< 10s" imolevse: = 21.jaeRate — KI ClO>41Ol al: 
een = POP OPAL? malisoe= 3s boy WSeZie) She 
23. Rate = k[H)SeO3][H*}7[I-]?; Rmean = 5.2 X 10° L* mol s~ 
k{T LOCI] 
[OH] 
is independent of concentration, the zero-order half-life is directly 
related to the concentration, and the second-order half-life is 
inversely related to concentration. For a first-order reaction, if the 
first half-life equals 20. s, the second half-life will also be 20. s 
because the half-life for a first-order reaction is concentration- 
independent. The second half-life for a zero-order reaction will be 
1/2(20.) = 10. s. This is so because the half-life for a zero-order reac- 
tion has a direct relationship with concentration (as the concentra- 
tion decreases by a factor of 2, the half-life decreases by a factor of 
2). Because a second-order reaction has an inverse relationship 
between fy. and [A]o, the second half-life will be 40. s (twice the 
first half-life value). 29. a. Rate = k[A]; In[A] = —kt + In[A]o; 
k =2.97 X 10? min“; b. 23.3 min; c. 69.9 min 31. InfH,O,] = 
—kt + InfH2Oo]o; Rate = k[H,02]; k = 8.3 X 1074 s71; 0.037 M 





25. Rate = 3 Rmean = 60.8°! 27. The first-order half-life 


33 : Ree : Rate = k[NO)]*; k = 2.08 x 1074 
Se emanate 2)*3k = 2. 7 
[NO)] [NO,]o ; 


L mol-!s~'; 0.131 .M 35. The rate law and integrated rate law are 
Rate = k = 1.7 X 1074 atm/s; Poy.on = —kt + 250. corr a) 
ae 760 torr 
= —kt + 0.329 atm; At 900. s, Pon,on = 130 torr 37.a. The reac- 
tion is first order with respect to NO and first order with respect to 
O3. b. Rate = R[NO][O3]; c. k’ = 1.8 s71; k” = 3.6 5-1; d. 1.8 x 
10-!4 cm? molecules“! s~!_ 39.1.6 Lmol-!s-! 41. 150. s 
43.12.58 45. a. 160.s for both; b. 532s 47.a.0.07 M; 
b. 34.7 min 49.4.2 X10 molL-4h= 5§1. a, 1.15 x 102 


L? mol~3 s~!; b. 87.0; c. [B] = 1.00 M; [A] = 1.27 x 10-5 M 
53. In a unimolecular reaction, a single-reactant molecule decom- 
poses to products. In a bimolecular reaction, two molecules collide 
to give products. The probability of the simultaneous collision of 
three molecules with enough energy and proper orientation is very 
small, making termolecular steps very unlikely. 55. a. Rate = 
k[CH3NC]; b. Rate = k[O3][NO]; c. Rate = k[O3]; d. Rate = 
R[O3][O]; e. Rate = k['8C] or rate = KN where N = the number of 
oe: atoms 57. Rate = k[C4HoBr]; C4HoBr cite 2H,0 ats C4yH,»OH str 
Br~ + H3O0+; the intermediates are CyHo* and CyHoOH)>* 

R3kok 
k_5k_, 


i Mabey _ kk IOC] — k[IP][Ocr] 
k[Br-][BrO3-][H*]}? 63. Rate = == Ton 


59. mechanism b 61. Rate = 





[Br-][BrO;"][H*}* = 





k_,[OH] 

d[NO,~] _ kik, [NO3"][MoCl,77] 
dt  —k_,[Cl-] + kn [NO;7] 
67. a. Rate = ae = ikolB] ; b. When ky << k_,[B], then 
dt k_,[B]+k 

the reaction is first order in B. c. Collisions between B molecules 
only transfer energy from one B to another. This occurs at a much 
faster rate than the decomposition of an energetic B molecule (B*). 
69. Two reasons are: a. The collision must involve enough energy to 
produce the reaction; that is, the collision energy must be equal to or 
exceed the activation energy. b. The relative orientation of the reac- 
tants when they collide must allow formation of any new bonds nec- 
essary to produce products. 71.a. T, >); as temperature 
increases, the distribution of collision energies shifts to the right. That 
is, as temperature increases, there are fewer collision energies with 
small energies and more collisions with large energies. b. As temper- 
ature increases, more of the collisions have the required activation 
energy necessary to convert reactants into products. Hence, the rate 
of the reaction increases with increasing temperature. 73.9.5 X 
10g moles seen ool Geena 9-5 kj/mol! byss4ix 10st: 





65. a. MoCl;~; b. Rate = 





1 
79. A plot of In(k) versus T gives a straight line 


with negative slope equal to —E,/R (see Solutions Guide for plot). 
a2 = 11.2 kJ/mol 


81. 


en SU en ee 


RC 


d. See plot for the intermediate plateau, which represents the energy 
of the intermediate. The two steps in the mechanism are R > I and 
I — P.Ina mechanism, the rate of the slowest step determines the 
rate of the reaction. The activation energy for the slowest step will be 
the largest energy barrier that the reaction must overcome. Since the 
second hump in the diagram is at the highest energy, then the second 
step (I — P) has the largest activation energy and will be the rate- 
determining step (the slow step). 83.139 kJ/mol 85. a. The blue 
plot is the catalyzed pathway. The catalyzed pathway has the lower 
activation. This is why the catalyzed pathway is faster. b. AF, repre- 
sents the activation energy for the uncatalyzed pathway. c. AE) rep- 
resents the energy difference between the reactants and products. 
Note that AE) is the same for both the catalyzed and the uncatalyzed 
pathways. It is the activation energy that is different for a catalyzed 
pathway versus an uncatalyzed pathway. d. Because the products 
have a higher total energy as compared to reactants, this is an endo- 
thermic reaction. 87. a. W, because it has a lower activation energy 
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than the Os catalyst. b. The W-catalyzed reaction is approximately 
10°° times faster than the uncatalyzed reaction. c. Because [Hb] is in 
the denominator of the rate law, the presence of H> decreases the rate 
of the reaction. For the decomposition to occur, NH; molecules must 
be adsorbed on the surface of the catalyst. If H) is also adsorbed on 
the catalyst surface, then there are fewer sites for NH; molecules to 
be adsorbed, and the rate decreases. 89. Since the chlorine atom- 
catalyzed reaction has a lower activation energy, then the Cl-catalyzed 
rate is faster. Hence, Cl is a more effective catalyst. 91. At high [S], 
the enzyme is completely saturated with substrate. Once the enzyme 
is completely saturated, the rate of decomposition of ES can no longer 
increase and the overall rate remains constant. 93. ~1 second 

95. The most common method to experimentally determine the dif- 
ferential rate law is the method of initial rates. Once the differential 
rate law is determined experimentally, the integrated rate law can be 
derived. However, sometimes it is more convenient and more accu- 
rate to collect concentration versus time data for a reactant. When 
this is the case, then we do “proof” plots to determine the integrated 
rate law. Once the integrated rate law is determined, the differential 
rate law can be determined. Either experimental procedure allows 
determination of both the integrated and the differential rate; which 
rate law is determined by experiment and which is derived is usually 
decided by which data is easiest and most accurately collected. 

97. The experimentally determined rate law is Rate = k{[DNA][CHs3]]. 
Mechanism I is possible because the derived rate law from the mech- 
anism (Rate = k[DNA][CH3]I]) agrees with the experimentally deter- 
mined rate law. The derived rate law for Mechanism II will equal the 
rate of the slowest step. This is step 1 in the mechanism, giving a 
derived rate law that is Rate = k[CH3I]. Because this rate law does 
not agree with experiment, Mechanism II would not be a possible 
mechanism for the reaction. 99. a. untreated: k = 0.465 day~}; 
deacidifying agent: k = 0.659 day~!; antioxidant: k = 0.779 day}; 
b. No, the silk degrades more rapidly with the additives; 

c. untreated: ty. = 1.49 day; deacidifying agent: ty. = 1.05 day; 
antioxidant: ty. = 0.890 day 101. Carbon cannot form the fifth 
bond necessary for the transition state because of the small atomic 
size of carbon and because carbon doesn’t have low-energy d orbitals 
available to expand the octet. 103. a. Second order; b. 17.1s = 
20s; c. 34.68 ~ 30s; d. 847s; e. 31 kJ/mol 105. 29.8 kJ/mol 
107. a. 53.9 kJ/mol; b. 83 chirps per minute per insect; 


er TC) JENS) ie (min7}) 42 + 0.80 (k/4) 





25.0 THO 178 78°F 
20.3 68.5 126 67°F 
W753) 63.1 100. 62°F 
15.0 59.0 83 oe 


The rule of thumb appears to be fairly accurate, about +1°F. 
a[Cl,] _ kik[NO,Cl} 

dt k_,[NO,] + &,[NO,CI] 
k[CH3X], k = 0.93 h7!; b. 8.80 X 107!°h; c. 3.0 X 10? kJ/mol; 
d. The activation energy is close to the C—X bond energy. A plau- 
sible mechanism is 


CH3X ===> CH; ae One 
CH; + Y —> CH3Y (fast) 


115. Rate = k[A][B]*, k = 1.4 X 10-2 L? mol? s“} 
—d[N20s] 2kik2[M][N2Os] 
dt  k_4[M]+ 2k) 
order. b. k, = 0.82 L mol@! min@!; ky = 9.5 L? mol~? min“! 
c. There are two pathways, one involving H* with rate = 
k>[H*]{I-][H20 2] and another pathway not involving H* with rate = 
ky[I-][H2O3]. The overall rate of reaction depends on which of these 
two pathways dominates, and this depends on the H* concentration. 





109. Rate = 111. a. Rate = 


(slow) 


Ui lisy, ING Oe 
119. a. Both are first 





117. Rate = 
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Chapter 16 


11. Intermolecular forces are the relatively weak forces between mol- 
ecules that hold the molecules together in the solid and liquid phases. 
Intramolecular forces are the forces within a molecule. These are the 
covalent bonds in a molecule. Intramolecular forces (covalent bonds) 
are much stronger than intermolecular forces. Dipole forces are the 
forces that act between polar molecules. The electrostatic attraction 
between the partial positive end of one polar molecule and the partial 
negative end of another is the dipole force. Dipole forces are gener- 
ally weaker than hydrogen bonding. Both of these forces are due to 
dipole moments in molecules. Hydrogen bonding is given a separate 
name from dipole forces because hydrogen bonding is a particularly 
strong dipole force. Any neutral molecule that has a hydrogen cova- 
lently bonded to N, O, or F exhibits the relatively strong hydrogen- 
bonding intermolecular forces. London dispersion forces are acciden- 
tal or induced dipole forces. Like dipole forces, London dispersion 
forces are electrostatic in nature. Dipole forces are the electrostatic 
forces between molecules having a permanent dipole. London disper- 
sion forces are the electrostatic forces between molecules having an 
accidental or induced dipole. All covalent molecules (polar and non- 
polar) have London dispersion forces, but only polar molecules 
(those with permanent dipoles) exhibit dipole forces. 13. Fusion 
refers to a solid converting to a liquid and vaporization refers to a 
liquid converting to a gas. Only a fraction of the hydrogen bonds are 
broken in going from the solid phase to the liquid phase. Most of the 
hydrogen bonds are still present in the liquid phase and must be 
broken during the liquid-to-gas transition. The enthalpy of vaporiza- 
tion is much larger than the enthalpy of fusion because more inter- 
molecular forces are broken during the vaporization process. 

15.a. LD (London dispersion); b. dipole, LD; c. hydrogen 
bonding, LD; d. ionic; e. LD; f. dipole, LD; g. ionic; h. ionic; 

i. LD mostly; C—F bonds are polar, but polymers like Teflon are so 
large that LD forces are the predominant intermolecular forces. 

j. LD; k. dipole, LD; |. hydrogen bonding, LD; m. dipole, LD; 

n. LD 17. a. HBr; HBr is polar, whereas Kr and Cl, are nonpolar. 
HBr has dipole forces unlike Kr and Cl). So HBr has the stronger 
intermolecular forces and the higher boiling point. b. NaCl; ionic 
forces are much stronger than the intermolecular forces for molecular 
substances. c. I); all are nonpolar, so the largest molecule (I;) will 
have the strongest LD (London Dispersion) forces and the lowest 
vapor pressure. d. N»; nonpolar and smallest, so it has the weakest 
intermolecular forces. e. CH4; smallest, nonpolar molecule, so it 

has the weakest LD (London Dispersion) forces. f. HF; HF can 

form relatively strong H-bonding interactions unlike the others. 

g. CH;CH,CH20OH; H-bonding unlike the others, so it has strongest 
intermolecular forces. 19. a. Neopentane is more compact than 
n-pentane. There is less surface area contact between neopentane 
molecules. This leads to weaker LD (London Dispersion) forces and a 
lower boiling point. b. HF is capable of hydrogen bonding; HCI is 
not. c. LiCl is ionic and HCl is a molecular solid with only dipole 
forces and LD forces. Ionic forces are much stronger than the forces 
for molecular solids. d. m-Hexane is a larger molecule so it has 
stronger LD forces. 21. Ar exists as individual atoms that are held 
together in the condensed phases by London dispersion forces. The 
molecule that will have a boiling point closest to Ar will be a non- 
polar substance with about the same molar mass as Ar (39.95 g/mol); 
this same size nonpolar substance will have about the equivalent 
strength of London dispersion forces. Of the choices, only Cl, 

(70.90 g/mol) and F, (38.00 g/mol) are nonpolar. Because F has a 
molar mass closest to that of Ar, one would expect the boiling point 
of F; to be close to that of Ar. 23. The electrostatic potential dia- 
grams indicate that ethanol and acetone are polar substances and 
that propane is a nonpolar substance. Ethanol, with the O—H cova- 
lent bond, will exhibit relatively strong hydrogen bonding intermo- 
lecular forces in addition to London dispersion forces. The polar 


acetone will exhibit dipole forces in addition to London dispersion 
forces, and the nonpolar propane will exhibit only London disper- 
sion forces. Because all three compounds have about the same molar 
mass, the relative strengths of the London dispersion forces should be 
about the same. Therefore, ethanol (with the H-bonding capacity) 
should have the highest boiling point, with polar acetone having the 
next highest boiling point, and the nonpolar propane, with the 
weakest intermolecular forces, will have the lowest boiling point. 

25. 46.7 kJ/mol; 90.% 27. a. Surface tension: the resistance of a 
liquid to an increase in its surface area. b. Viscosity: the resistance of 
a liquid to flow. c. Melting point: the temperature (at constant pres- 
sure) where a solid converts entirely to a liquid as long as heat is 
applied. A more detailed definition is the temperature at which the 
solid and liquid states have the same vapor pressure under conditions 
where the total pressure is constant. d. Boiling point: the tempera- 
ture (at constant pressure) where a liquid converts entirely to a gas as 
long as heat is applied. The detailed definition is the temperature at 
which the vapor pressure of the liquid is exactly equal to the external 
pressure. e. Vapor pressure: the pressure of the vapor over a liquid 
at equilibrium. As the strengths of intermolecular forces increase, 
surface tension, viscosity, melting point, and boiling point increase, 
while vapor pressure decreases. 29. Water is a polar substance and 
wax is a nonpolar substance. A molecule at the surface of a drop of 
water is subject to attractions only by molecules below it and to each 
side. The effect of this uneven pull on the surface molecules tends to 
draw them into the body of the liquid and causes the droplet to 
assume the shape that has the minimum surface area, a sphere. 

31. The structure of H,O2 is H—O—O—H, which produces greater 
hydrogen bonding than in water. 33. a. crystalline solid: regular, 
repeating structure; amorphous solid: irregular arrangement of atoms 
or molecules; b. ionic solid: made up of ions held together by ionic 
bonding; molecular solid: Made up of discrete covalently bonded 
molecules held together in the solid phase by weaker forces (LD, 
dipole, or hydrogen bonds); c. molecular solid: discrete, individual 
molecules; covalent network solid: no discrete molecules; A covalent 
network solid is one large molecule. The interparticle forces are the 
covalent bonds between atoms. d. metallic solid: completely delocal- 
ized electrons, conductor of electricity (ions in a sea of electrons); 
covalent network solid: localized electrons; insulator or semiconduc- 
tor 35.a. Both forms of carbon are network solids. In diamond, 
each carbon atom is surrounded by a tetrahedral arrangement of 
other carbon atoms to form a huge molecule. Each carbon atom is 
covalently bonded to four other carbon atoms. The structure of 
graphite is based on layers of carbon atoms arranged in fused six- 
membered rings. Each carbon atom in a particular layer of graphite 
is surrounded by three other carbons in a trigonal planar arrange- 
ment. This requires sp? hybridization. Each carbon has an unhybrid- 
ized p atomic orbital; all of these p orbitals in each six-membered 
ring overlap with each other to form a delocalized 7 electron system. 
b. Silica is a network solid having an empirical formula of SiO. The 
silicon atoms are singly bonded to four oxygens. Each silicon atom is 
at the center of a tetrahedral arrangement of oxygen atoms that are 
shared with other silicon atoms. The structure of silica is based on a 
network of SiO, tetrahedra with shared oxygen atoms rather than 
discrete SiO molecules. Silicates closely resemble silica. The structure 
is based on interconnected SiO, tetrahedra. However, in contrast to 
silica, where the O/Si ratio is 2:1, silicates have O/Si ratios greater 
than 2:1 and contain silicon—oxygen anions. To form a neutral solid 
silicate, metal cations are needed to balance the charge. In other 
words, silicates are salts containing metal cations and polyatomic 
silicon-oxygen anions. When silica is heated above its melting point 
and cooled rapidly, an amorphous (disordered) solid called glass 
results. Glass more closely resembles a very viscous solution than it 
does a crystalline solid. To affect the properties of glass, several dif- 
ferent additives are thrown into the mixture. Some of these additives 


are NayCO3, B.O3, and K,O, with each compound serving a specific 
purpose relating to the properties of the glass. 37. A crystalline 
solid will have the simpler diffraction pattern because a regular, 
repeating arrangement is necessary to produce planes of atoms that 
will diffract the X rays in regular patterns. An amorphous solid does 
not have a regular repeating arrangement and will produce a compli- 
cated diffraction pattern. 39.0.704A 41.3.13 A = 313 pm 

43. 1.54 g/cm? 45.136 pm 47. edge length of unit cell = 328 pm; 
radius = 142 pm 49. The measured density is consistent with the 
calculated density, assuming a face-centered cubic structure. 

51. Conductor: The energy difference between the filled and unfilled 
molecular orbitals is minimal. We call this energy difference the band 
gap. Because the band gap is minimal, electrons can easily move into 
the conduction bands (the unfilled molecular orbitals). Insulator: 
Large band gap; electrons do not move from the filled molecular 
orbitals to the conduction bands since the energy difference is large. 
Semiconductor: Small band gap; the energy difference between the 
filled and unfilled molecular orbitals is smaller than in insulators, so 
some electrons can jump into the conduction bands. The band gap, 
however, is not as small as with conductors, so semiconductors have 
intermediate conductivity. a. As the temperature is increased, more 
electrons in the filled molecular orbitals have sufficient kinetic energy 
to jump into the conduction bands (the unfilled molecular orbitals). 
b. A photon of light is absorbed by an electron, which then has suffi- 
cient energy to jump into the conduction bands. c. An impurity 
either adds electrons at an energy near that of the conduction bands 
(n-type) or creates holes (unfilled energy levels) at energies in the pre- 
viously filled molecular orbitals (p-type). Both n-type and p-type 
semiconductors increase conductivity by creating an easier path for 
electrons to jump from filled to unfilled energy levels. In conductors, 
electrical conductivity is inversely proportional to temperature. 
Increases in temperature increase the motions of the atoms, which 
gives rise to increased resistance (decreased conductivity). In a semi- 
conductor, electrical conductivity is directly proportional to tempera- 
ture. An increase in temperature provides more electrons with 
enough kinetic energy to jump from the filled molecular orbitals to 
the conduction bands, increasing conductivity. 53. A rectifier is a 
device that produces a current that flows in one direction from an 
alternating current, which flows in both directions. In a p—n junction, 
a p-type and an n-type semiconductor are connected. The natural 
flow of electrons in a p—n junction is for the excess electrons in the 
n-type semiconductor to move to the empty energy levels (holes) of 
the p-type semiconductor. Only when an external electric potential is 
connected so that electrons flow in this natural direction will the 
current flow easily (forward bias). If the external electric potential is 
connected in reverse of the natural flow of electrons, no current flows 
through the system (reverse bias). A p-n junction transmits a current 
only under forward bias, thus converting the alternating current to 
direct current. 55. In has fewer valence electrons than Se; thus Se 
doped with In would be a p-type semiconductor. 57.5.0 x 10? nm 
59. Sodium chloride structure: 











ji V2 Cle 
8 corners X sO + 6 faces X f = 4Cl ions 
corner face 
12 edges X use + 1 Na’ at body center = 4 Na‘ ions; 
edge 


NaCl is the formula. 
Cesium chloride structure: 1 Cs* ion at body center; 
1/8 Cl” 


corner 





8 corners X = 1 Cl ion; CsCl is the formula. 


Zinc sulfide structure: There are four Zn2* ions inside the cube. 
zis 12S 

Jes + 6 faces X 

corner face 

ZnS is the formula. 








By 
8 corners X = 4 S*- ions; 
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eax , il Saleem ‘ 
Titanium oxide structure: 8 corners X ———— + 1 Ti** at body 
corner 
center = 2 Ti** ions 
VV 25Oes oth 
4 faces X Space + 2 O?- inside cube = 4 O27 ions; 
ace 


TiO, is the formula. 

61. The structures of most binary ionic solids can be explained by the 
closest packing of spheres. Typically, the larger ions, usually the 
anions, are packed in one of the closest packing arrangements and 
the smaller cations fit into holes among the closest packed anions. 
There are different types of holes within the closest packed anions 
that are determined by the number of spheres that form them. Which 
of the three types of holes are filled usually depends on the relative 
size of the cation to the anion. Ionic solids will always try to maxi- 
mize electrostatic attractions among oppositely charged ions and 
minimize the repulsions among ions with like charges. The structure 
of sodium chloride can be described in terms of a cubic closest 
packed array of Cl” ions with Na? ions in all of the octahedral holes. 
An octahedral hole is formed between 6 Cl” anions. The number of 
octahedral holes is the same as the number of packed ions. So, in the 
face-centered unit cell of sodium chloride, there are 4 net Cl~ ions 
and 4 net octahedral holes. Because the stoichiometry dictates a 1:1 
ratio between the number of Cl~ anions and Na* cations, all of the 
octahedral holes must be filled with Na* ions. In zinc sulfide, the 
sulfide anions also occupy the lattice points of a cubic closest packing 
arrangement. But instead of having the cations in octahedral holes, 
the Zn** cations occupy tetrahedral holes. A tetrahedral hole is the 
empty space created when four spheres are packed together. There 
are twice as many tetrahedral holes as packed anions in the closest 
packed structure. Therefore, each face-centered unit cell of sulfide 
anions contains 4 net S*~ ions and 8 net tetrahedral holes. For the 
1:1 stoichiometry to work out, only half the tetrahedral holes are 
filled with Zn2* ions. This gives 4 S?~ ions and 4 Zn?* ions per unit 
cell for an empirical formula of ZnS. 63.CoF, 65.+3 67. From 
density data, 358 pm; from ionic radii data, 350. pm. The two values 
differ by less than 2.5%. 69. CsBr: r./r_ = 0.867; From the radius 
ratio, Cs* should occupy cubic holes. The structure should be the 
CsCl structure. The actual structure is the CsCl structure. KF: r,/r_ = 
0.978; Again, we would predict a structure similar to CsCl, i-e., 
cations in the middle of a simple cubic array of anions. The actual 
structure is the NaCl structure. The rule fails for KF. Exceptions are 
common for crystal structures. 71. AINi; 73. The formula is 
Al,MgQg. Half of the octahedral holes are filled with Al?* ions, and 
one-eighth of the tetrahedral holes are filled with Mg** ions. 

75.a. YBaxCu309; b. The structure of this superconductor material 
follows the alternative perovskite structure described in Exercise 74b. 
The YBa;Cu3Qsg structure is three of these cubic perovskite unit cells 
stacked on top of each other. The oxygen atoms are in the same 
places, Cu takes the place of Ti, two of the Ca atoms are replaced by 
two Ba atoms, and one Ca is replaced by Y. c. YBazCu30O7 77.A 
volatile liquid is one that evaporates relatively easily. Volatile liquids 
have large vapor pressures because the intermolecular forces that 
prevent evaporation are relatively weak. 79. a. As the strength of 
the intermolecular forces increases, the rate of evaporation decreases. 
b. As temperature increases, the rate of evaporation increases. 

c. As surface area increases, the rate of evaporation increases. 

81. CsH;OH(/) + C,H;sOH(g) is an endothermic process. Heat is 
absorbed when liquid ethanol vaporizes; the internal heat from the 
body provides this heat, which results in the cooling of the body. 

83. If one plots In(P,.p) versus 1/T with temperature in kelvin, the 
slope of the straight line is -AH,,,/R. Because AH,,, is always posi- 
tive, the slope of the straight line will be negative. 85. 77°C 

87. The plots of In(P,a») versus 1/T are linear with negative slope 
equal to —AH,,,/R (see Solutions Guide for plot). For Li, AHyap = 
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158 kJ/mol; for Mg, AHyap = 139 kJ/mol. The bonding is stronger in 
Li since AH,,, is larger for Li. 
89. 
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91.1680 kJ 93. The reaction doesn’t release enough heat to melt all 
the ice. The temperature will remain at O°C. 95.1490 g 97. See 
Figs. 16.55 and 16.58 for the phase diagrams of HO and CO>. Most 
substances exhibit only three different phases: solid, liquid, and gas. 
This is true for H,O and CO). Also typical of phase diagrams is the 
positive slopes for both the liquid/gas equilibrium line and the solid/ 
gas equilibrium line. This is also true for both HO and CO). The 
solid/liquid equilibrium line also generally has a positive slope. This 
is true for CO, but not for H2O. In the H:O phase diagram, the slope 
of the solid/liquid line is negative. The determining factor for the 
slope of the solid/liquid line is the relative densities of the solid and 
liquid phases. The solid phase is denser than the liquid phase in most 
substances; for these substances, the slope of the solid/liquid equilib- 
rium line is positive. For water, the liquid phase is denser than the 
solid phase, which corresponds to a negative-sloping solid/liquid 
equilibrium line. Another difference between HO and COQ) is the 
normal melting points and normal boiling points. The term “normal” 
just dictates a pressure of 1 atm. H)O has a normal melting point 
(0°C) and a normal boiling point (100°C), but CO, does not. At 
1 atm pressure, CO) only sublimes (goes from the solid phase directly 
to the gas phase). There are no temperatures at 1 atm for CO) where 
the solid and liquid phases are in equilibrium or where the liquid and 
gas phases are in equilibrium. There are other differences, but those 
discussed above are the major ones. The relationship between melting 
point and pressure is determined by the slope of the solid/liquid equi- 
librium line. For most substances (CO) included), the positive slope 
of the solid/liquid line shows a direct relationship between the 
melting point and pressure. As pressure increases, the melting point 
increases. Water is just the opposite since the slope of the solid/liquid 
line in water is negative. Here the melting point of water is inversely 
related to the pressure. For boiling points, the positive slope of the 
liquid/gas equilibrium line indicates a direct relationship between the 
boiling point and pressure. This direct relationship is true for all sub- 
stances including H)O and CQ). The critical temperature for a sub- 
stance is defined as the temperature above which the vapor cannot be 
liquefied no matter what pressure is applied. The critical temperature, 
like the boiling-point temperature, is directly related to the strength 
of the intermolecular forces. Since HO exhibits relatively strong 
hydrogen-bonding interactions and CO) exhibits only London dis- 
persion forces, one would expect a higher critical temperature for 
H,0 than for CO. 99. The critical temperature is the temperature 
above which the vapor cannot be liquefied no matter what pressure is 
applied. Since N> has a critical temperature below room temperature 
(~22°C), it cannot be liquefied at room temperature. NH3, with a 
critical temperature above room temperature, can be liquefied at 


room temperature. 101. A: solid; B: liquid; C: vapor; D: solid + 
vapor; E: solid + liquid + vapor (triple point); F: liquid + vapor; 

G: liquid + vapor (critical point); H: vapor; the first dashed line (at 
the lower temperature) is the normal melting point, and the second 
dashed line is the normal boiling point. The solid phase is denser 
because of the positive slope of the solid/liquid equilibrium line. 

103. a. two; b. Higher-pressure triple point: graphite, diamond, and 
liquid; lower-pressure triple point: graphite, liquid, and vapor; c. It is 
converted to diamond (the more dense solid form). d. Diamond is 
more dense, which is why graphite can be converted to diamond by 
applying pressure. 105. Because the density of the liquid phase is 
greater than the density of the solid phase, the slope of the solid/ 
liquid boundary line is negative (as in HO). With a negative slope, 
the melting points increase with a decrease in pressure, so the normal 
melting point of X should be greater than 225°C. 

107. 








if 


As P is lowered, we go from a to b on the phase diagram. The water 
boils. The evaporation of the water is endothermic and the water is 
cooled (6 — c), forming some ice. If the pump is left on, the ice will 
sublime until none is left. This is the basis of freeze drying. 

109. The strength of intermolecular forces determines relative boiling 
points. The types of intermolecular forces for covalent compounds 
are London dispersion forces, dipole forces, and hydrogen bonding. 
Because the three compounds are assumed to have similar molar 
mass and shape, the strength of the London dispersion forces will be 
about equal among the three compounds. One of the compounds will 
be nonpolar, so it has only London dispersion forces. The other two 
compounds will be polar, so they have additional dipole forces and 
will boil at a higher temperature than the nonpolar compound. One 
of the polar compounds probably has an H covalently bonded to 
either N, O, or E. This gives rise to the strongest type of covalent 
intermolecular forces, hydrogen bonding. The compound that hydro- 
gen bonds will have the highest boiling point, whereas the polar com- 
pound with no hydrogen bonding will boil at a temperature in the 
middle of the other compounds. 111. If TiO, conducts electricity as 
a liquid, then it is an ionic solid; if not, then TiO) is a network solid. 
113. B,H,, molecular solid; SiO, network solid; CsI, ionic solid; 

W, metallic solid 115. The cation must have a radius that is 

0.155 times the radius of the spheres to just fit into the trigonal hole. 
117. 1.71 g/em? 119. The formula is TiO; 189 or Tig. 94620. 63.7% 

of the titanium is Ti?* and 36.3% is Ti*. 121. 194 amu; 1.39 x 
10-8 cm; from the periodic table, the best choice for the metal is 
platinum. 123. 6.28 X 1078 cm; 2.00 g/em? 125. 57.8 torr 

127. 92.47% of the energy goes to increase the internal energy of the 
water. The remainder of the energy (7.53%) goes to do work against 
the atmosphere. 129. The empirical formula is AB). Each A atom is 
in a cubic hole of B atoms so 8 B atoms surround each A atom. This 
will also be true in the extended lattice. The structure of B atoms in 
the unit cell is a cubic arrangement with B atoms at every face, edge, 
corner, and center of the cube. 131.46.5 pm 133. Rh; 

12.42 g/cm? 135. distance (liquid)/distance (vapor) = 0.03123 

137. a. structure (a), TIBa,CuOs; structure (b), TIBa>CaCuyO-; struc- 
ture (c), TIBayCazCu3Oo; structure (d), TIBayCa;Cu4gO,; b. (a) < (b) 
< (c) <(d); c. structure (a), only Cus* is present; structure (b), each 
formula unit contains 1 Cu?* ion and 1 Cu3* ion; structure (c), each 
formula unit contains 2 Cu?* ions and 1 Cu3* ion; structure (d), each 


formula unit contains 3 Cu?+ ions and 1 Cu3* ion; d. This supercon- 
ductor material achieves variable copper oxidation states by varying 
the numbers of Ca, Cu, and O in each unit cell. The mixtures of 
copper oxidation states are discussed in part c. The superconductor 
material in Exercise 75 achieves variable copper oxidation states by 
omitting oxygen at various sites in the lattice. 139. Calculated Lit 
radius = 75 pm; calculated Cl- radius = 182 pm; From Fig. 13.8, the 
Li* radius is 60 pm and the Cl radius is 181 pm. The Li* ion is 
much smaller than calculated. This probably means that the ions are 
not actually in contact with each other. The octahedral holes are 
larger than the Lit ions. 


Chapter 17 


13. a. HNO;(/) — H*(aq) + NO37(aq); b. Na:SOq(s) > 
2Na*(aq) + SO4?~ (aq); c. Al(NO3)3(s) > AB*(aq) + 3NO3"(aq); 
d. SrBr(s) —> Sr**(aq) + 2Br-(aq); e. KClO4(s) > K*(aq) + 

ClO4 (aq); f. NH4Br(s) > NH4*(aq) + Br-(aq); g. NH4NO3(s) > 
NH," (aq) + NO3" (aq); h. CuSOq(s) > Cu?*(aq) + SO42- (aq); 

i. NaOH(s) > Na*(aq) + OH~(aq) 15. 10.7 mol/kg; 6.77 mol/L; 
0.162 17. 28.5%; 0.252; 4.32 mol/kg; 2.69 mol/L 19. 23.9%; 

1.6 mol/kg; 0.028 21. 1.06 g/cm; 0.0180; 0.981 mol/L; 

1.02 mol/kg 23. “Like dissolves like” refers to the nature of the 
intermolecular forces. Polar solutes and ionic solutes dissolve in polar 
solvents because the types of intermolecular forces present in solute 
and solvent are similar. When they dissolve, the strengths of the inter- 
molecular forces in solution are about the same as in pure solute and 
pure solvent. The same is true for nonpolar solutes in nonpolar sol- 
vents. The strengths of the intermolecular forces (London dispersion 
forces) are about the same in solution as in pure solute and pure 
solvent. In all cases of like dissolves like, the magnitude of AH,oin is 
either a small positive number (endothermic) or a small negative 
number (exothermic). For polar solutes in nonpolar solvents and vice 
versa, AH,oin is a very large, unfavorable value (very endothermic). 
Because the energetics are so unfavorable, polar solutes do not dis- 
solve in nonpolar solvents and vice versa. 25. Although the 
enthalpy change is endothermic when NaCl dissolves in water, the 
magnitude of AH,,), will be a value close to zero (AH goin ~ 0). This is 
typical for soluble ionic compounds. So energy is not the reason why 
ionic solids like NaCl are so soluble in water. The answer lies in 
nature’s tendency toward the higher probability of the mixed state; 
solutions form due to an increase in entopy (AS,,in > 0). In the mixed 
state, the Na~ and Cl” ions have access to a larger volume and there- 
fore have more positions available to them. When a solution forms, 
positional probability increases, which translates into an increase in 
entropy. The positive AS,,j, furnishes the driving force for NaCl to 
dissolve. 27. Nal(s) — Na*(aq) + I-(aq), AHsoin = —8 kJ/mol 

29. Both Al(OH); and NaOH are ionic compounds. Since the lattice 
energy is proportional to the charge of the ions, the lattice energy of 
alurninum hydroxide is greater than that of sodium hydroxide. The 
attraction of water molecules for APb* and OH™ cannot overcome 
the larger lattice energy and Al(OH); is insoluble. For NaOH, the 
favorable hydration energy is large enough to overcome the smaller 
lattice energy and NaOH is soluble. 31. a. NH;; b. CH3CN; 

c. CH;CO;H 33. As the length of the hydrocarbon chain increases, 
the solubility decreases. The —OH end of the alcohols can hydrogen- 
bond with water. The hydrocarbon chain, however, is basically non- 
polar and interacts poorly with water. As the hydrocarbon chain gets 
longer, a greater portion of the molecule cannot interact with the 
water molecules and the solubility decreases; i.e., the effect of the 
—OH group decreases as the alcohols get larger. 35. Structure 
effects refer to solute and solvent having similar polarities in order 
for solution formation to occur. Hydrophobic solutes are mostly non- 
polar substances that are “water-fearing.” Hydrophilic solutes are 
mostly polar or ionic substances that are “water-loving.” Pressure has 
little effect on the solubilities of solids or liquids; it does significantly 
affect the solubility of a gas. Henry’s law states that the amount of a 
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gas dissolved in a solution is directly proportional to the pressure of 
the gas above the solution (C = kP). The equation for Henry’s law 
works best for dilute solutions of gases that do not dissociate in or 
react with the solvent. HCl(g) does not follow Henry’s law because it 
dissociates into H*(aq) and Cl-(aq) in solution (HCI is a strong 
acid). For O) and N», Henry’s law works well since these gases do 
not react with the water solvent. An increase in temperature can 
either increase or decrease the solubility of a solid solute in water. It 
is true that a solute dissolves more rapidly with an increase in tem- 
perature, but the amount of solid solute that dissolves to form a satu- 
rated solution can either decrease or increase with temperature. The 
temperature effect is difficult to predict for solid solutes. However, 
the temperature effect for gas solutes is easier to predict as the solu- 
bility of a gas typically decreases with increasing temperature. 

37. 962 L atm/mol; 1.14 X 1073 mol/L 39. As the temperature 
increases, the gas molecules will have a greater average kinetic 
energy. A greater fraction of the gas molecules in solution will have 
kinetic energy greater than the attractive forces between the gas mol- 
ecules and the solvent molecules. More gas molecules escape to the 
vapor phase and the solubility of the gas decreases. 41. 136 torr 
43. 0.9342 45.3.0 x 10? g/mol 47. a. 290 torr; b. 0.69 

49. Xmeth = Xprop = 9.500 51. Pideat = 188.6 torrs Xacetone = 0.512, 

X methanol = 0.488; since the actual vapor pressure of the solution is 
smaller than the ideal vapor pressure, this solution exhibits a nega- 
tive deviation from Raoult’s law. This occurs when solute-solvent 
attractions are stronger than for the pure substances. 53. No, the 
solution is not ideal. For an ideal solution, the strength of the inter- 
molecular forces in the solution is the same as in pure solute and 
pure solvent. This results in AH,,j, = 0 for an ideal solution. AH,oj, 
for methanol/water is not zero. Since AH,,j, < 0, this solution exhib- 
its a negative deviation from Raoult’s law. 55. Solutions of A and 

B have vapor pressures less than ideal (see Fig. 17.11), so this plot 
shows negative deviations from Raoult’s law. Negative deviations 
occur when the intermolecular forces are stronger in solution than in 
pure solvent and solute. This results in an exothermic enthalpy of 
solution. The only statement that is false is e. A substance boils when 
the vapor pressure equals the external pressure. Since Xg = 0.6 has a 
lower vapor pressure at the temperature of the plot than either pure 
A or pure B, one would expect this solution to require the highest 
temperature for the vapor pressure to reach the external pressure. 
Therefore, the solution with X; = 0.6 will have a higher boiling point 
than either pure A or pure B. (Note that since Pg > P§, then B is 
more volatile than A.) 57. Dissolve 210 g of sucrose in some water 
and dilute to 1.0 L in a volumetric flask. To get 0.62 +0.01 mol/L, 
we need 212 +3 g sucrose. 59.101.5°C 61. —29.9°C; 108.2°C 
63. 100.08°C 65.498 g/mol 67.776 g/mol 69.2.0 x 10° °C; 
0.20 torr 71.~30m_ 73. With addition of salt or sugar, the 
osmotic pressure inside the fruit cells (and bacteria) is less than 
outside the cel!. Water will leave the cells, which will dehydrate 

any bacteria present, causing them to die. 75. 0.0880; 59.2 torr 

77. a. 0.010 m Na3PO,4 and 0.020 m KCI; b. 0.020 m HF; 

c. 0.020 m CaBr. 79.1.67 81. In CaCl), 20.% ion association 
occurs, and in CsCl, 10.% ion association occurs. The ion association 
is greater in the CaCl, solution. 83. A pressure greater than 4.8 atm 
should be applied. 85. a. —0.25°C; 100.069°C; b. —0.32°C; 
100.087°C 87. 97.8 g/mol 89. Both solutions and colloids have 
suspended particles in some medium. The major difference between 
the two is the size of the particles. A colloid is a suspension of rela- 
tively large particles as compared with a solution. Because of this, 
colloids will scatter light, whereas solutions will not. The scattering of 
light by a colloidal suspension is called the Tyndall effect. 91. Coag- 
ulation is the destruction of a colloid by the aggregation of many sus- 
pended particles to form a large particle that settles out of solution. 
93.7.9M 95. a. 100.77°C; b. 23.1 mm Hg; c. We assumed ideal 
behavior in solution formation and assumed i = 1 (no ions form). 
97. Benzoic acid is capable of hydrogen bonding, but a significant 
part of benzoic acid is the nonpolar benzene ring, which is composed 
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of only carbon and hydrogen. In benzene, a hydrogen-bonded dimer 


forms: 
nef x30 as ty 
SS 4 
O—H---O 


The dimer is relatively nonpolar and thus more soluble in benzene 
than in water. Since benzoic acid forms dimers in benzene, the effec- 
tive solute particle concentration will be less than 1.0 molal. There- 
fore, the freezing-point depression would be less than 5.12°C 

(AT; = Kym). 99. a. 26.6 kJ/mol; b. —657 kJ/mol 101. 0.050 
103. C7H4O; Cy4HgO2 105. a. 303 + 9 g/mol; b. No, codeine 
could not be eliminated since its molar mass is in the possible range 
including the uncertainty; c. We would like the uncertainty to be 

+1 g/mol. We need the freezing-point depression to be about 10 times 
what it was in this problem. Two possibilities are (1) make the solu- 
tion ten times more concentrated (may be solubility problem) or 

(2) use a solvent with a larger K; value, e.g., camphor. 107. 5.08 x 
10-7 109.1.0X 10°? 111.72% MgCl 113. Xca, = 0.554, 
Newne— 0.446" 11530286) 11 7a. If we assume MgCO; does not 
dissociate, 46 L of water must be processed. If MgCO3 does dissoci- 
ate, then 47 L of water must be processed. b. No; A reverse osmosis 
system that applies 8.0 atm can only purify water with a solute con- 
centration less than 0.32 mol/L. Salt water has a solute concentration 
of 2(0.60 M) = 1.2 mol/L ions. The solute concentration of salt 
water is much too high for this reverse osmosis unit to work. 
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1. The gravity of the earth is not strong enough to keep H) in the 
atmosphere. 3.a. AH° = —92 kJ; AS° = —199 J/K; AG° = —33 kJ; 
b. yes; c. T< 460K _ 5. The first illustration is an example of a 
covalent hydride like HO. Covalent hydrides are just binary covalent 
compounds formed between hydrogen and some other nonmetal and 
exist as individual molecules. The middle illustration represents inter- 
stitial (or metallic) hydrides. In interstitial hydrides, hydrogen atoms 
occupy the holes of a transition metal crystal. These hydrides are 
more like solid solutions than true compounds. The third illustration 
represents ionic (or salt-like) hydrides like LiH. Ionic hydrides form 
when hydrogen reacts with a metal from Group 1A or 2A. The 
metals lose electrons to form cations and the hydrogen atoms gain 
electrons to form the hydride anions (H~). These are just ionic com- 
pounds formed between a metal and hydrogen. 7. Alkali metals 
have an ns! valence shell electron configuration. Alkali metals lose 
this valence electron with relative ease to form M* cations when in 
ionic compounds. They all are easily oxidized. Therefore, in order to 
prepare the pure metals, alkali metals must be produced in the 
absence of materials (HO, O2) that are capable of oxidizing them. 
The method of preparation is electrochemical processes, specifically, 
electrolysis of molten chloride salts and reduction of alkali salts with 
Mg and H) . In all production methods, HO and O) must be 

absent. 9. Hydrogen forms many compounds in which the oxida- 
tion state is +1, as do the Group 1A elements. Consider, for example, 
H,SO,4 and HCI compared with Na»SOq4 and NaCl. On the other 
hand, hydrogen forms diatomic H) molecules and is a nonmetal, 
while the Group 1A elements are metals. Hydrogen also forms com- 
pounds with a —1 oxidation state, which is not characteristic of 
Group 1A metals, e.g., NaH. 11. 4Li(s) + Oo(g) > 2Li,O(s); 
16Li(s) + Sg(s) — 8LinS(s); 2Li(s) + Cl(g) > 2LiCl(s); 12Li(s) + 
P4(s) + 4Li3P(s); 2Li(s) + H2(g) — 2LiH(s); 2Li(s) + 2H,O(l) > 
2LiOH (aq) + Ho(g); 2Li(s) + 2HCl(aq) > 2LiCl(aq) + H2(g) 

13. 44.1 hours 15. The alkaline earth ions that give water the hard 
designation are Ca** and Mg?*. These ions interfere with the action 
of detergents and form unwanted precipitates with soaps. Large-scale 
water softeners remove Ca** by precipitating out the calcium ions as 
CaCO. In homes, Ca** and Mg?* (plus other cations) are removed 


by ion exchange. See Fig. 18.6 for a schematic of a typical cation 
exchange resin. 17. CaCO3(s) + H,SO,(aq) > CaSOx,(aq) + 
H,O(/) + CO2(g) 19. CaF,(s) will precipitate when [Ca*t]o > 2. x 
10-2 M. Therefore, hard water should have a calcium ion concentra- 
tion of less than 2 X 10-2 M to avoid precipitate formation. 

21. The valence electron configuration of Group 3A elements is 
ns°np'. The lightest Group 3A element, boron, is a nonmetal because 
most of its compounds are covalent. Aluminum, although commonly 
thought of as a metal, does have some nonmetallic properties because 
its bonds to other nonmetals have significant covalent character. The 
other Group 3A elements have typical metal characteristics; their 
compounds formed with nonmetals are ionic. From this discussion, 
metallic character increases as the Group 3A elements get larger. As 
mentioned previously, boron is a nonmetal in both properties and 
compounds formed. However, aluminum has physical properties of 
metals such as high thermal and electrical conductivities and a lus- 
trous appearance. The compounds of aluminum with other nonmet- 
als, however, do have some nonmetallic properties because the bonds 
have significant covalent character. 23. BsH,(g) + 3O2(g) > 
2B(OH)3(s) 25. 2Ga(s) + 3F:(g) — 2GaF3(s); 4Ga(s) + 302(g) > 
2Ga,03(s); 16Ga(s) + 3Ss(s) > 8Ga2S3(s); 2Ga(s) + 6HCl(aq) > 
2GaCl;(aq) + 3H2(g) 27. The valence electron configuration of 
Group 4A elements is ms*np*. The two most important elements on 
earth are both Group 4A elements. They are carbon, found in all bio- 
logically important molecules, and silicon, found in most of the com- 
pounds that make up the earth’s crust. They are important because 
they are so prevalent in compounds necessary for life and the geo- 
logic world. As with Group 3A, Group 4A shows an increase in 
metallic character as the elements get heavier. Carbon is a typical 
nonmetal, silicon and germanium have properties of both metals 

and nonmetals, so they are classified as semimetals, whereas tin 

and lead have typical metallic characteristics. 29. O=C=O 


The darker green orbitals about carbon are sp hybrid orbitals. The 
lighter green orbitals about each oxygen are sp* hybrid orbitals, and 
the gold orbitals about all of the atoms are unhybridized p atomic 
orbitals. In each double bond in COs, one sigma and one 7 bond 
exists. The two carbon-oxygen sigma bonds are formed from overlap 
of sp hybrid orbitals from carbon with a sp? hybrid orbital from each 
oxygen. The two carbon-oxygen 7 bonds are formed from side-to- 
side overlap of the unhybridized p atomic orbitals from carbon with 
an unhybridized p atomic orbital from each oxygen. These two 7 
bonds are oriented perpendicular to each other as illustrated in the 
figure. 31. White tin is stable at normal temperatures. Gray tin is 
stable at temperatures below 13.2°C. Thus for the phase change 
Sn(gray) — Sn(white), AG is negative at T > 13.2°C and AG is posi- 
tive at T < 13.2°C. This is possible only if AH is positive and AS is 
positive. Thus gray tin has the more ordered structure (has the 
smaller positional probability). 33. Sn(s) + 2F2(g) — SnF,(s), 
tin(IV) fluoride; Sn(s) + F.(g) — SnF,(s), tin(II) fluoride. 35. In 
each formula unit of Pb304, two atoms are Pb(II) and one atom is 
Pb(IV) (2:1 mole ratio). 37. Both NO.3~ and PO,3> have 32 
valence electrons, so both have similar Lewis structures. From the 
Lewis structure for NO,3-, the central N atom has a tetrahedral 
arrangement of electron pairs. N is small. There is probably not 
enough room for all 4 oxygen atoms around N. P is larger; thus 
PO,?~ is stable. PO;~ and NO;~ both have 24 valence electrons, so 
both have similar Lewis structures. From the Lewis structure for 
PO; °, PO3” has a trigonal arrangement of electron pairs around the 
central P atom (two single bonds and one double bond). P=O bonds 
are not particularly stable, whereas N=O bonds are stable. Thus 
NO3° is stable. 39. N: 1s*2s?2p%; the extremes of the oxidation 
states for N can be rationalized by examining the electron configura- 
tion of N. Nitrogen is three electrons short of the stable Ne electron 
configuration of 1s*2s*2p°. Having an oxidation state of —3 makes 
sense. The +5 oxidation state corresponds to N “losing” its 5 valence 
electrons. In compounds with oxygen, the N—O bonds are polar 


covalent, with N having the partial positive end of the bond dipole. 
In the world of oxidation states, electrons in polar covalent bonds 
are assigned to the more electronegative atom; this is oxygen in 
N—O bonds. N can form enough bonds to oxygen to give it a +5 
oxidation state. This loosely corresponds to losing all of the valence 
electrons. 41, This is due to nitrogen’s ability to form strong 

am bonds, whereas heavier Group SA elements do not form strong 
m bonds. Therefore, P>, As», and Sb» do not form since two 7 bonds 
are required to form these diatomic substances. 
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In reaction a, NO; has an odd number of electrons so it is impossible 
to satisfy the octet rule. By dimerizing to form N>Oq, the odd elec- 
trons on two NO) molecules can pair up, giving a species whose 
Lewis structure can satisfy the octet rule. In general odd-electron 
species are very reactive. In reaction b, BF; can be considered 
electron-deficient. Boron has only six electrons around it. By forming 
BF3NHs, the boron atom satisfies the octet rule by accepting a lone 
pair of electrons from NH; to forma fourth bond. 45. exothermic 
47, NjH,(I) + 2F:(g) —> 4HF(g) + No(g); AH°= -1169 kJ 


49, 2BisS;(s) + 902(g) —> 2BirO3(s) + 6SO2(g); 
2BinO;(s) + 3C(s) —> 4Bi(s) + 3CO2(g) 


2Sb.S3(s) + 902(g) —> 2Sb203(s) + 6SO2(g); 
2Sb203(s) + 3C(s) —> 4Sb(s) + 3CO2(g) 


51. TSP = Na3PO,4; PO4?~ is the conjugate base of the weak acid 
HPO,2- (K, = 4.8 X 107'9). All conjugate bases of weak acids are 
effective bases (K, = Ky/K, = 1.0 X 10-14/4.8 x 10-13 = 2.1 x 
10-7). The weak-base reaction of PO4?~ with H,O is PO, (aq) + 
HO) — HPO," (aq) + OH (aq) Ky = 2:1 X 10=. 


53. 
4As(s) + 302(g) —— AsyO¢(s); 4As(s) + 5O2(g) — > As4Oj0(s)5 


As4O¢(s) cig 6H2O(/) = 4H;3AsO3(aq); As4QOj0(s) oe 6H,O(/) 
——> 4H;3AsO,(aq) 


55. 4No(g) + 5O2(g) > NO(g), AG? = AG? No = 87 kJ/mol; By defi- 
nition, AG? for a compound equals the free energy change that would 
accompany the formation of 1 mol of that compound from its ele- 
ments in their standard states. NO (and some other oxides of nitro- 
gen) have weaker bonds as compared to the triple bond of N and 
the double bond of O>. Because of this, NO (and some other oxides 
of nitrogen) have higher (positive) free energies of formation as com- 
pared to the relatively stable N) and O) molecules. 57. The pollu- 
tion provides sources of nitrogen and phosphorus nutrients so the 
algae can grow. The algae consume oxygen, which decrease the dis- 
solved oxygen levels below that required for other aquatic life to 
survive, and the fish die. 59. —4594kJ 61. Hydrazine also can 
hydrogen bond because it has covalent N—H bonds as well as a lone 
pair of electrons on each N. The high boiling point for hydrazine’s 
relatively small size supports this. 63. The two allotropic forms of 
oxygen are O) and O3. 
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The MO electron configuration of O; has two unpaired electrons in 
the degenerate pi antibonding (77,*) orbitals. A substance with 
unpaired electrons is paramagnetic (see Fig. 14.41). Ozone has a 
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V-shape molecular structure with a bond angle of 117°, slightly less 
than the predicted 120° trigonal planar bond angle. 65. In the 
upper atmosphere, O3 acts as a filter for UV radiation: O; tv, 

Oz + O; O; is also a powerful oxidizing agent. It irritates the lungs 
and eyes, and at high concentration it is toxic. The smell of a “spring 
thunderstorm” is O; formed during lightning discharges. Toxic mate- 
rials don’t necessarily smell bad. For example, HCN smells like 
almonds. 67. +6 oxidation state: SO,*~, SO3, SF,; +4 oxidation 
state: SO37~, SO., SF4; +2 oxidation state: SCl; 0 oxidation state: 

Ss and all other elemental forms of sulfur; —2 oxidation state: H)S, 
NaS 69. H,SeO4(aq) + 38O2(g) — Se(s) + 3S03(g) + H2O(I) 


1 i6-0-F 
Formal Charge oH OF @- @ 
Oxidation State —1 +1 +1 -1 


Oxidation states are more useful. We are forced to assign +1 as the 
oxidation state for oxygen. Oxygen is very electronegative and +1 is 
not a stable oxidation state for this element. 73. Fluorine is the 
most reactive of the halogens because it is the most electronegative 
atom and the bond in the F, molecule is very weak. 75. ClO~(aq) 

+ 2NH3(aq) — Cl-(aq) + NoHa(aq) + H2O0(/), E81 = 1.00 V; Since 
Eee IS positive for this reaction, then at standard conditions ClO~ 
can spontaneously oxidize NH; to the somewhat toxic NjHy4. 

77. a. AgCl(s) ie, Ag(s) + Cl; the reactive chlorine atom is trapped 
in the crystal. When light is removed, Cl reacts with silver atoms to 
re-form AgCl; that is, the reverse reaction occurs. In pure AgCl, the 
C] atoms escape, making the reverse reaction impossible. b. Over 
time, chlorine is lost, and the dark silver metal is permanent. 

79. Helium is unreactive and doesn’t combine with any other ele- 
ments. It is a very light gas and would easily escape the earth’s gravi- 
tational pull as the planet was formed 81.2 x 104g; 2 x 107° 
atoms in room; 5 X 107° atoms in one breath; Since Ar and Rn are 
both noble gases, both species will be relatively unreactive. However, 
all nuclei of Rn are radioactive, unlike most nuclei of Ar. The radio- 
active decay products of Rn can cause biological damage when 
inhaled. 83. One would expect RnF, and RnF, to form in fashion 
similar to XeF) and XeFj. The chemistry of radon is difficult to study 
because all radon isotopes are radioactive. The hazards of dealing 
with radioactive materials are immense. 85. Solids have stronger 
intermolecular forces than liquids. In order to maximize the hydro- 
gen bonding in the solid phase, ice is forced into an open structure. 
This open structure is why H,O(s) is less dense than H,O(/). 

87. Strontium and calcium are both alkaline earth metals, so both 
have similar chemical properties. Since milk is a good source of 
calcium, strontium could replace some calcium in milk without much 
difficulty. 89. In solution TI’* can oxidize I” to 1;". Thus we expect 
TI, to be thallium(I) triiodide. 91. The inert pair effect refers to the 
difficulty of removing the pair of s electrons from some of the ele- 
ments in the fifth and sixth periods of the periodic table. As a result, 
multiple oxidation states are exhibited for the heavier elements of 
Groups 3A and 4A. In*, In°*, Tl*, and TI>* oxidation states are all 
important to the chemistry of In and Tl. 93.5.4 X 10% kJ (Hall- 
Heroult process) versus 4.0 X 10? kJ; it is feasible to recycle Al by 
melting the metal because, in theory, it takes less than 1% of the 
energy required to produce the same amount of Al by the Hall- 
Heroult process. 95. The bonds in SnX4 compounds have a large 
covalent character. SnX, acts as discrete molecules held together by 
weak London dispersion forces. SnXj compounds are ionic and are 
held in the solid state by strong ionic forces. Because the intermolecu- 
lar forces are weaker for SnX4 compounds, they are more volatile 
(have a lower boiling point). 97. Carbon cannot form the fifth bond 
necessary for the transition state since carbon doesn’t have low- 
energy d orbitals available to expand the octet. 99. a.The NNO 
structure is correct. From the Lewis structures we would predict both 
NNO and NON to be linear. However, we would predict NNO to be 
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polar and NON to be nonpolar. Since experiments show N3O to be 
polar, then NNO is the correct structure. 
b. 'N=N=0, aa NIN OF > :N N—Or 


ily sil 0 0 apo ae wei Ph) Sr gia 





The formal charges for the atoms in the various resonance structures 
appear below each atom. The central N is sp hybridized in all of the 
resonance structures. We can probably ignore the third resonance 
structure on the basis of the relatively large formal charges as com- 
pared to the first two resonance structures. c. The sp hybrid orbitals 
on the center N overlap with atomic orbitals (or hybrid orbitals) on 
the other two atoms to form the two a bonds. The remaining two 
unhybridized p orbitals on the center N overlap with two p orbitals 
on the peripheral N to form the two a bonds. 101. 7.17 
103. a. 7.1 g InP; b. 979 nm; this wavelength is not visible to 
humans; it is in the infrared region of the electromagnetic radiation 
spectrum. c. n-type doping 105.4.8 x 10°''M 107. AH®° = 
286 kJ; AG? = 326 kJ; K, = 7.22 X 10-58; Po, = 3.3 X 10-4! atm; 
The volume occupied by one molecule of ozone at 230. K is 9.5 X 
10!” L. Equilibrium is probably not maintained under these condi- 
tions. When only two ozone molecules are in a volume of 9.5 X 
10!7L, the reaction is not at equilibrium. Under these conditions, 
O > K and the reaction shifts to the left. But with only two ozone 
molecules in this huge volume, it is extremely unlikely that they will 
collide with each other. Under these conditions, the concentration of 
ozone is not large enough to maintain equilibrium. 
109. a. O3(g) + O(g) > 2 On(g); b. NO; c. NO); d. Rate = 
k[O3][NO]; 
e. O3(g) + Cl(g) > Or(g) + ClO(g) 
ClO(g)+ O(g) > Or(g) + Clg) 
O3(g) + O(g) > 2 On(g) 


111.1.1 x 10°97 M 113.a. 8.8 kJ; b. Other ions will have to be 
transported to maintain electroneutrality. Either anions must be 
transported into the cells or cations (Na*) in the cell must be trans- 
ported to the blood. The latter is what happens: [Na*] in blood is 
greater than [Na*] in cells as a result of this pumping. c. 0.28 mol. 


slow step 1 
fast step 2 








overall equation 
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7. a. Cr: [Ar]4s'3d°, Cr2*: [Ar]3d*, Cr3*: [Ar]3a?; 

b. Cu: [Ar]4s!3d!, Cut: [Ar]3d!°, Cu2*: [Ar]3d?; c. V: [Ar]4s*3d3, 
V**: [Ar]3d?, V*: [Ar]3d? 9. The lanthanide elements are located 
just before the Sd transition metals. The lanthanide contraction is the 
steady decrease in the atomic radii of the lanthanide elements when 
going from left to right across the periodic table. As a result of the 
lanthanide contraction, the sizes of the 4d and Sd elements are very 
similar (see the following exercise). This leads to a greater similarity 
in the chemistry of the 4d and Sd elements in a given vertical 

group. 11. a.molybdenum(IV) sulfide; molybdenum(VI) 

oxide; b. MoS), +4; MoO3, +6; (NH4)»Mo.O;, +6; 
(NH4)6Mo7O 4: 4H20, +6 13. TiF4: Ionic compound containing 
Ti** ions and F~ ions. TiCl4, TiBrs, and Til,: Covalent compounds 
containing discrete, tetrahedral TiX4 molecules. As these molecules 
get larger, the bp and mp increase because the London dispersion 
forces increase. TiF, has the highest bp since the interparticle forces 
are stronger in ionic compounds as compared with those in covalent 
compounds. 15.H* + OH” — H,O; Sodium hydroxide (NaOH) 
will react with the H* on the product side of the reaction. This effec- 
tively removes H* from the equilibrium, which will shift the reaction 
to the right to produce more H* and CrO,2~. Since more CrO,2° is 
produced, the solution turns yellow. 17. Because transition metals 
form bonds to species that donate lone pairs of electrons, transition 
metals are Lewis acids (electron-pair acceptors). The Lewis bases in 
coordination compounds are the ligands, all of which have an 
unshared pair of electrons to donate. The coordinate covalent bond 
between the ligand and the transition metal just indicates that both 


electrons in the bond originally came from one of the atoms in the 
bond. Here, the electrons in the bond come from the ligand. 
19. Pt?*: [Xe]4f'45d*. 
Cl UNE 
Pt 
Cl eee Ne 


21. a. hexacyanomanganate(II) ion; b. cis-tetraamminedichloro- 
cobalt(III) ion; c. pentaamminechlorocobalt(II) ion 23.a. penta- 
amminechlororuthenium(LII) ion; b. hexacyanoferrate(II) ion; 

c. tris(ethylenediamine)manganese(II) ion; d. pentaamminenitro- 
cobalt(III) ion 25.a. K,[CoCl4]; b. [Pt(H20)(CO)3]Bra; 

c. Na3[Fe(CN)2(C2O4)2];_ d. [Cr(NH3)3Cl(H2NCH2CH2NH)z) |b 


Die éd 
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29. Three moles of AgI will precipitate per mole of [Co(NH3)¢]Is, 

2 moles of AgI will precipitate per mole of [Pt(NH3)4l2]b, 0 moles of 
AgI will precipitate per mole of Naj[PtI,], and 1 mole of Agl will pre- 
cipitate per mole of [Cr(NH3)4]]I. 31. a. Isomers: Species with the 
same formulas but different properties. See text for examples of the 
following types of isomers. b. Structural isomers: Isomers that have 
one or more bonds that are different. c. Stereoisomers: Isomers that 
contain the same bonds but differ in how the atoms are arranged in 
space. d. Coordination isomers: Structural isomers that differ in the 
atoms that make up the complex ion. e. Linkage isomers: Structural 
isomers that differ in how one or more ligands are attached to the 
transition metal. f. Geometric isomers: (cis—trans isomerism); stereo- 
isomers that differ in the positions of atoms with respect to a rigid 
ring, bond, or each other. g. Optical isomers: Stereoisomers that are 
nonsuperimposable mirror images of each other; that is, they are dif- 
ferent in the same way that our left and right hands are different. 
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35. No; both the trans and the cis forms of Co(NH3)4Cl* have 
mirror images that are superimposable. For the cis form, the mirror 
image needs only a 90° rotation to produce the original structure. 
Hence neither the trans nor cis form is optically active. 

37 
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39. Linkage isomers differ in the way that the ligand bonds to the 
metal. SCN~ can bond through the sulfur or through the nitrogen 
atom. NO» can bond through the nitrogen or through the oxygen 
atom. OCN~ can bond through the oxygen or through the 

nitrogen atom. N;_, NH»CH»CH,NH)b, and I are not capable of 
linkage isomerism. 41. Cr(acac); and cis-Cr(acac)3(H»O), are opti- 
cally active. 43. There are four geometrical isomers (labeled i-iv). 
Isomers iii and iv are optically active, and the nonsuperimposable 
mirror images are shown. 








i. Br lie tices NH; ps 
H3N~ | ‘aang ta Br pops ia 
Cr i 
H3N~ | ~NH:—CH> Cl~ | ~NH)—CH 
Cl NH3 
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iv. € + 
Bre | _NH2— CH H>C on HN Se | br 
Pere | Ve 
H3N~ | NH2— CH H»C — H2N | NHs3 
NH; H3N 
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45. a. ligand that will give complex ions with the maximum number 
of unpaired electrons; b. ligand that will give complex ions with the 
minimum number of unpaired electrons; c. complex with a minimum 
number of unpaired electrons (low spin = strong field); d. complex 
with a maximum number of unpaired electrons (high spin = weak 
field) 47. Sc3* has no electrons in d orbitals. Ti’* and V** have 

d electrons present. The color of transition metal complexes results 
from electron transfer between split d orbitals. If no d electrons are 
present, no electron transfer can occur and the compounds are not 
colored. 49. [Mn(HO),]?* would have the weak-field diagram in a 
and [Fe(CN),]>~ would have the strong-field diagram in b. 
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53.a. 0; b. 2; c. 2 55. Replacement of water ligands by ammonia 
ligands resulted in shorter wavelengths of light being absorbed. 
Energy and wavelength are inversely related, so the presence of the 
NH, ligands resulted in a larger d-orbital splitting (larger A). There- 
fore, NH; is a stronger field ligand than H,O. 57. The violet 
complex ion absorbs yellow-green light (\ ~ 570 nm) and is 
Cr(H2O),3*. The yellow complex ion absorbs blue light (\ ~ 450 nm) 
and is Cr(NH3),°*. The green complex ion absorbs red light (\ ~ 650 
nm) and is Cr(H,O)4Ch*. 


59. a. optical isomerism; b. 


61. The crystal field diagrams are different because the geometries of 
where the ligands point is different. The tetrahedrally oriented 
ligands point differently in relationship to the d-orbitals than do the 
octahedrally oriented ligands. Plus, there are more ligands in an octa- 
hedral complex. The d-orbital splitting in tetrahedral complexes is 
less than one-half the d-orbital splitting in octahedral complexes. 
There are no known ligands powerful enough to produce the strong- 
field case; hence all tetrahedral complexes are weak-field or high- 
spin. 63. CoBrg*~ has an octahedral structure and CoBr4*~ has a 
tetrahedral structure (as do most Co?* complexes with four ligands). 
Coordination complexes absorb electromagnetic radiation (EMR) of 
energy equal to the energy difference between the split d orbitals. 
Since the tetrahedral d-orbital splitting is less than one-half of the 
octahedral d-orbital splitting, tetrahedral complexes will absorb 
lower-energy EMR, which corresponds to longer-wavelength EMR 
(E = held). Therefore, CoBr¢*~ will absorb EMR having a wave- 
length shorter than 3.4 X 10° m. 65. Hg?*(aq) + 21 (aq) > 
Hgl,(s), orange ppt.; Hgl(s) + 21 (aq) > Hgl,? (aq), soluble 
complex ion; Hg** is a d!° ion. Color is the result of electron transfer 
between split d orbitals. This cannot occur for the filled d orbitals in 
Heg?*. Therefore, we would not expect Hg** complex ions to form 
colored solutions. 67. zero (carbon monoxide is a neutrally charged 
ligand) 69. At high altitudes, the oxygen content of air is lower, so 
less oxyhemoglobin is formed, which diminishes the transport of 
oxygen in the blood. A serious illness called high-altitude sickness 
can result from the decrease of O, in the blood. High-altitude accli- 
matization is the phenomenon that occurs with time in the human 
body in response to the lower amounts of oxyhemoglobin in the 
blood. This response is to produce more hemoglobin and, hence, 
increase the oxyhemoglobin in the blood. High-altitude acclimatiza- 
tion takes several weeks to take hold for people moving from lower 
altitudes to higher altitudes. 71. Cr(NH3)sI; is the empirical formula. 
Cr (II) forms octahedral complexes. So compound A is made of the 
octahedral [Cr(NH3)<I|?* complex ion and two I ions; that is, 
(Cr(NH3) <I]b. 
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where M = metal ion 75. No; in all three cases, six bonds are 
formed between Ni** and nitrogen, so AH values should be similar. 
AS° for formation of the complex ion is most negative for six NH; 
molecules reacting with a metal ion (seven independent species 
become one). For penten reacting with a metal ion, two independent 
species become one, so AS? is least negative of all three of the reac- 
tions. Thus the chelate effect occurs because the more bonds a chelat- 
ing agent can form to the metal, the less unfavorable AS° is for the 
formation of the complex ion and the larger the formation constant. 


II Il I I 
77. (H2O);Cr — Cl — Co(NH3); — (H2,O);Cr — Cl — Co(NHs)5 
= Cr(H,O);Cl?* + Co(II) complex 


Yes, this is consistent. After the oxidation, the ligands on Cr(III) 
won’t exchange. Since Cl” is in the coordination sphere, then it must 
have formed a bond to Cr(II) before the electron transfer occurred 
(as proposed through the formation of the intermediate). 

79. a. 1.66; b. Because of the lower charge, Fe** (aq) will not be as 
strong an acid as Fe**(aq). A solution of iron(II) nitrate will be less 
acidic (have a higher pH) than a solution with the same concentra- 
tion of iron(II) nitrate. 81. a. In the lungs, there is a lot of Oo, and 
the equilibrium favors Hb(O>),. In the cells, there is a lower concen- 
tration of O, and the equilibrium favors HbH4**. b. CO) is a weak 
acid in water, CO, + H,O == HCO; + H*. Removing CO, 
essentially decreases Ht. Hb(O ),4 is then favored, and O) is not 
released by hemoglobin in the cells. Breathing into a paper bag 
increases [COy] in the blood, thus increasing [H*] and shifting the 
reaction to the left. c. CO; builds up in the blood, and it becomes 
too acidic, driving the equilibrium to the left. Hemoglobin can’t bind 
O, as strongly in the lungs. Bicarbonate ion acts as a base in water 
and neutralizes the excess acidity. 
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The d,2-2 and d,, orbitals are in the plane of the three ligands and 
should be destabilized the most. The amount of destabilization 
should be about equal when all the possible interactions are consid- 
ered. The d. orbital has some electron density in the xy plane (the 
doughnut) and should be destabilized a lesser amount as compared 
to the d,2_,2 and d,, orbitals. The d,, and d,, orbitals have no electron 
density in the plane and should be lowest in energy. 


85. aba dz 
Gg diy 
Gaz dye 


The d,2 orbital will be destabilized much more than in the trigonal 
planar case (see Exercise 19.83). The d.2 orbital has electron density 
on the z-axis directed at the two axial ligands. The d,2_,2 and d,, 
orbitals are in the plane of the three trigonal planar ligands and 
should be destabilized a lesser amount as compared to the d.2 orbital; 
only a portion of the electron density in the d,2_,2 and dy, orbitals is 
directed at the ligands. The d,. and d,, orbitals will be destabilized 
the least since the electron density is directed between the ligands. 
87. a. —0.26 V; b. The stronger oxidizing agent is the species more 
easily reduced. From the reduction potentials, Co** (€° = 1.82 V) is 
a much stronger oxidizing agent than Co(en);>* (€° = —0.26 V). 

c. In aqueous solution, Co** forms the hydrated transition metal 
complex Co(H2O),*. In both complexes, Co(H2O),3* and Co(en);3* 
cobalt exists as Co**, which has 6 d electrons, Assuming a strong- 
field case, the d-orbital splitting diagram for each is 
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When each complex gains an electron, the electron enters the higher- 
energy e, orbitals. Since en is a stronger field ligand than HO, the 
d-orbital splitting is larger for Co(en);>* and it takes more energy to 
add an electron to Co(en);** than to Co(H)O),?*. Therefore, it is 


more favorable for Co(H»O),3* to gain an electron than for 
Co(en);3* to gain anelectron. 89.a.7.1 X 10-7 mol/L; b. 8.7 x 
10-3 mol/L; c. The presence of NH; increases the solubility of AgBr. 
Added NH; removes Ag* from solution by forming the complex ion 
Ag(NH3).*. As Ag* is removed, more AgBr(s) will dissolve to replen- 
ish the Ag* concentration. d. 0.41g; e. Added HNO; will have no 
effect on the AgBr(s) solubility in pure water. Neither H* nor NO3~ 
reacts with Ag* or Br~ ions. Br~ is the conjugate base of the strong 
acid HBr, so it is a terrible base. Added H* will not react with Br~ to 
any great extent. However, added HNO; will reduce the solubility of 
AgBr(s) in the ammonia solution. NH; is a weak base (Ky, = 1.8 X 
10-5). Added H* will react with NH; to form NH,4*. As NH; is 
removed, a smaller amount of the Ag(NH3)2* complex ion will form, 
resulting in a smaller amount of AgBr(s) which will dissolve. 


Chapter 20 


1. a. Thermodynamic stability: the potential energy of a particular 
nucleus as compared to the sum of the potential energies of its com- 
ponent protons and neutrons. b. Kinetic stability: the probability 
that a nucleus will undergo decomposition to form a different 
nucleus. c. Radioactive decay: a spontaneous decomposition of a 
nucleus to form a different nucleus. d. B-particle production: a decay 
process for radioactive nuclides where an electron is produced; the 
mass number remains constant and the atomic number changes. e. 
a-particle production: a common mode of decay for heavy radioac- 
tive nuclides where a helium nucleus is produced causing the atomic 
number and the mass number to change. f. Positron production: a 
mode of nuclear decay in which a particle is formed having the same 
mass as an electron but opposite in charge. g. Electron capture: a 
process in which one of the inner-orbital electrons in an atom is cap- 
tured by the nucleus. h. y-ray emissions: the production of high- 
energy photons called y rays that frequently accompany nuclear 
decays and particle reactions. 3. a.73$U — 3He + 73{Th; this is 
alpha-particle production. b. *34Th — 73{Pa + _‘e; this is B-particle 
production. 5.a. 3}Cr + _fe — 3!V; b. 1341 > _Sert 12iXe; 

c. 2P > _% +325 7.a.$%Ga + _%e > $8Zn; b. Cu > 2 + 
S2Ni; c.*33Fr — 3He + *82At; d. 12?Sb—> _%e + 128Te 9.10 @ par- 
ticles and 5 B particles 11. Refer to Table 20.2 for potential radio- 
active decay processes. '’F and !8F contain too many protons or too 
few neutrons. Electron capture or positron production are both pos- 
sible decay mechanisms that increase the neutron-to-proton ratio. 
a-particle production also increases the neutron-to-proton ratio, but 
it is not likely for these light nuclei. 7!F contains too many neutrons 
or too few protons. B-particle production lowers the neutron-to- 
proton ratio, so we expect *!F to be a B-emitter. 13. a. *3,Cf + 

1O = 4636e + 4in; bl ARF 15.6.35 X10" T7sa.627 x 
10°7s"'; b. 1.65 X 1014 decays/s; c.25.6 days 19. 20.0% of the 
Sr remains as of July 16,2012. 21.6.22mg*P 23. Plants take 
in CO, in the photosynthesis process, which incorporates carbon, 
including '*C, into its molecules. As long as the plant is alive, the 
'C/?C ratio in the plant will equal the ratio in the atmosphere. 
When the plant dies, '*C is not replenished, and '*C decays by 
B-particle production. By measuring the '4C activity today in 

the artifact and comparing this to the assumed !*C activity when the 
plant died to make the artifact, an age can be determined for the 
artifact. The assumptions are that the '*C level in the atmosphere is 
constant or that the '4C level at the time the plant died can be calcu- 
lated. A constant '*C level is a pure assumption, and accounting for 
variation is complicated. Another problem is that some of the mate- 
rial must be destroyed to determine the '*C level. 25. No; from 
'"C dating, the painting was produced during the early 1900s. 
27.1975 29.3.8 X10? yr 31.4.3 X 10% kg/s 33. 1.408 x 
10°” J/nucleon 35. 2C, 1.230 X 10-2 J/nucleon; 235U, 1.2154 x 
10~'* J/nucleon; Since 2°Fe is the most stable known nucleus, the 
binding energy per nucleon for *°Fe (1.41 X 1072 J/nucleon) will be 
larger than that for '*C or *35U (see Fig. 20.9). 37. 26.9830 amu 


39. —2.820 X 107 J/nucleus; — 1.698 X 10! J/mol 41. The 
Geiger-Miiller tube has a certain response time. After the gas in the 
tube ionizes to produce a “count,” some time must elapse for the gas 
to return to an electrically neutral state. The response of the tube 
levels because at high activities, radioactive particles are entering 
the tube faster than the tube can respond to them. 43. Fission: 
Splitting of a heavy nucleus into two (or more) lighter nuclei. 
Fusion: Combining two light nuclei to form a heavier nucleus. The 
maximum binding energy per nucleon occurs at Fe. Nuclei smaller 
than Fe become more stable by fusing to form heavier nuclei closer 
in mass to Fe. Nuclei larger than Fe form more stable nuclei by split- 
ting to form lighter nuclei closer in mass to Fe. 45. The moderator 
slows the neutrons to increase the efficiency of the fission reaction. 
The control rods absorb neutrons to slow or halt the fission 
reaction. 47. In order to sustain a nuclear chain reaction, the neu- 
trons produced by the fission must be contained within the fission- 
able material so that they can go on to cause other fissions. The fis- 
sionable material must be closely packed together to ensure that 
neutrons are not lost to the outside. The critical mass is the mass 

of material in which exactly one neutron from each fission event 
causes another fission event so that the process sustains itself. A 
supercritical situation occurs when more than one neutron from each 
fission event causes another fission event. In this case the process 
rapidly escalates and the heat build-up causes a violent explosion. 
49. A nonradioactive substance can be put in equilibrium with a 
radioactive substance. The two materials can then be checked to see 
whether all the radioactivity remains in the original material or if it 
has been scrambled by the equilibrium. 51. All evolved oxygen in 
O, comes from water and not from carbon dioxide. 53. Some 
factors for the biological effects of radiation exposure are as 
follows: a. The energy of the radiation. The higher the energy, the 
more damage it can cause. b. The penetrating ability of radiation. 
The ability of specific radiation to penetrate human tissue and cause 
damage must be considered. c. The ionizing ability of the radiation. 
When biomolecules are ionized, their function is usually disturbed. 
d. The chemical properties of the radiation source. Specifically, the 
radioactive substance either is readily incorporated into the body or 
is inert chemically and passes through the body relatively quickly. 
Sr will be incorporated into the body by replacing calcium in the 
bones. Once incorporated, *°Sr can cause leukemia and bone cancer. 
Krypton is chemically inert so it will not be incorporated into the 
body. 55. (i) and (ii) mean that Pu is not a significant threat outside 
the body. Our skin is sufficient to keep out the a particles. If Pu gets 
inside the body, it is easily oxidized to Pu** (iv), which is chemically 
similar to Fe?* (iii). Thus Pu** will concentrate in tissues where Fe?* 
is found, including the bone marrow, where red blood cells are pro- 
duced. Once inside the body, @ particles cause considerable damage. 
57. 3800 decays/s 59. ~900 g **°U (assuming that all 7°°U present 
undergoes fission) 61. 5 of the NO) is N'6O, 2 of the NO; is N80, 
and 5 of the NO; is N'®O'8O. 63. Assuming that (1) the radionu- 
clide is long-lived enough that no significant decay occurs during the 
time of the experiment, and (2) the total activity is uniformly distrib- 
uted only in the rat’s blood; V= 10.mL. 65. 77% **8U and 23% 
2351) 67.5 X 107K 69.4.3 *% 1074 71. a. 2>UF,; At constant 
temperature, average velocity is proportional to (1/M)'”. Therefore, 
the lighter the molecule, the faster the average velocity. b. In theory, 
345 stages (steps) are required. c. ?°U/38U = 1.01 x 10-7 


Chapter 21 


1. A hydrocarbon is a compound composed of only carbon and 
hydrogen. A saturated hydrocarbon has only carbon-carbon single 
bonds in the molecule. An unsaturated hydrocarbon has one or more 
carbon-carbon multiple bonds but may also contain carbon-carbon 
single bonds. A normal hydrocarbon has one chain of consecutively 
bonded carbon atoms, with each carbon atom in the chain bonded to 
one or two other carbon atoms. A branched hydrocarbon has at least 
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one carbon atom in the structure that forms bonds to three or four 
other carbon atoms; the structure is not one continuous chain of 
carbon atoms. 3. In order to form, cyclopropane and cyclobutane 
are forced to form bond angles much smaller than the preferred 
109.5° bond angles. Cyclopropane and cyclobutane easily react in 
order to obtain the preferred 109.5° bond angles. 


Siral, CHE CH; 
CEE GHGE GE. CH GH. CH GHicorcencmaten: 
2-Methylheptane 
GH 
ones. GH ,crenianenn: 


3-Methylheptane 


4-Methylheptane 


b. CH CH 
CH; GOBCH OH: CH CGHONGBeHLOt, 


CH; CH, 


2,2-Dimethylhexane 2,3-Dimethylhexane 
GEE CH, 
GERCHCH Cen ai au WHenercncn: 
on, én, 


2,4-Dimethylhexane 2,5-Dimethylhexane 
CH, GEE, 


| 
OE MORD cla olee ci OLE Fel Te sC@IE eT: 


CH: Clel, 
3,3-Dimethylhexane 3,4-Dimethylhexane 
Oalklak, 
Cacncnccres 


3-Ethylhexane 


c. H.¢ CH, CH; CH; 
OO CH OH CH Hey CHa Cae 
CH, CH, 


2,2,3-Trimethylpentane 2,2,4-Trimethylpentane 














Chew GHE OEE WSL, Cal, 
Clit ea rs Clan CHE CH. on CH en CH;; 
CH, 2,3,4-Trimethylpentane 
2,3,3-Trimethylpentane 
@EGre 
GHE CH; GHe CHieen CE é Cis Clete 
Ges Cl an Clee Chics tre 


3-Ethyl-2-methylpentane 3-Ethyl-3-methylpentane 


CH CH; 
d. Ok pee mcet 
CH, CH, 


2,2,3,3-Tetramethylbutane 


7. London dispersion (LD) forces are the primary intermolecular 
forces exhibited by hydrocarbons. The strength of the LD forces 
depends on the surface area contact among neighboring molecules. 
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As branching increases, there is less surface area contact among 
neighboring molecules, leading to weaker LD forces and lower 
boiling points. 


9. a. CH; b. CH; 
CH;—CH—CH, ae eae, 
CH,CHy—CH—CH,CH,CH, CH, cH, 
c. CH;—CH—CH,CH,CH; 
CH;—C —CH; 
bu, 


d. 4-ethyl-2-methylheptane, 2,2,3-trimethylhexane 11. a. 2,2,4- 
trimethylhexane; b. 5-methylnonane; c. 2,2,4,4-tetramethylpentane; 
d. 3-ethyl-3-methyloctane 13. a. 1-butene; b. 2-methyl-2-butene; 
c. 2,5-dimethyl-3-heptene; d. 2,3-dimethyl-1-pentene; e. 1-ethyl-3- 
methylcyclopentene; f. 4-ethyl-3-methylcyclopentene; g. 4-methyl- 
2-pentyne 15. a. 1,3-dichlorobutane; b. 1,1,1-trichlorobutane; 

c. 2,3-dichloro-2,4-dimethylhexane; d. 1,2-difluoroethane; 

e. 3-iodo-1-butene; f. 2-bromotoluene (or 1-bromo-2-methylbenzene); 
g. 1-bromo-2-methylcyclohexane; h. 4-bromo-3-methylcyclohexene 
17. isopropylbenzene or 2-phenylpropane 19. All six of these com- 
pounds are the same. They differ from each other only by rotations 
about one or more carbon-carbon single bonds. Only one isomer of 
C7H\¢ is present in all of these names, 3-methylhexane. 21. Com- 
pounds c and f exhibit cis—trans isomerism. See Exercise 25 for an 
example of cis-trans isomerism in ring compounds. 23. a. Com- 
pounds ii and iii are identical compounds, so they would have the 
same physical properties. b. Compound i is a trans isomer because 
the bulkiest groups bonded to the carbon atoms in the C;=C, 
double bond are as far apart as possible. c. Compound iv does not 
have carbon atoms in a double bond that each have two different 
groups attached. Compound iv does not exhibit cis—trans isomerism. 


25). ; c ve 
CH; H 
CH, CH; 


cis trans 
Dike Oe H sie CH; 
aN ee Cl 
H H Cl H 
pa ere Coe Ae 
Cl @l 


29, CH»>=CHCH,CH2CH; CH3;CH=CHCH,CH; 


pe ae ee CH;C=CHCH; CH;CHCH=CH, 
CH; CH, CH, 
Only 2-pentene exhibits cis-trans isomerism. The isomers are 
ia lel cies 
ae ‘a He H 
cls trans 


31. a. cis-1-bromo-1-propene; b. cis-4-ethyl-3-methy|-3-heptene; 
c. trans-1,4-diiodo-2-propyl-1-pentene 


365% Ol Cl Cl 
Cl 
Cl 
Cl 
ortho meta para 


b. There are three trichlorobenzenes (1,2,3-trichlorobenzene, 
1,2,4-trichlorobenzene, and 1,3,5-trichlorobenzene). c. The meta 
isomer will be very difficult to synthesize. d. 1,3,5-trichlorobenzene 
will be the most difficult to synthesize since all Cl groups are meta to 
each other in this compound. 


35. Carboxylic acid Aldehyde 
Z " : 
| 
RC — OI sl RSC S15! 
RCOOH RCHO 


The R designation refers to the rest of the organic molecule beyond 
the specific functional group indicated in the formula. The R group 
may sometimes be a hydrogen, but is usually a hydrocarbon frag- 
ment. The major point in the R group designation is that if the R 
group is an organic fragment, then the first atom in the R group is a 
carbon atom. What the R group has after the first carbon is not 
important to the functional group designation. 37. a. ketone; 

b. aldehyde; c. carboxylic acid; d. amine 


orale H H 
39.4 AL RB aby a 
C=C H Namine 
Ye wEN 
O=C_ amine N—C—C—C—O—H 
ketone O_e | Il carboxylic 
Le Ss 1 
HO H acid 
alcohol 


b. 5 carbons in ring and the carbon in —CO3;H: sp’, the other two 
carbons: sp>; c. 24 0 bonds,4 mbonds 41. a. 3-chloro-1-butanol, 
primary alcohol; b. 3-methyl-3-hexanol, tertiary alcohol; 

c. 2-methylcyclopentanol, secondary alcohol 


43. OH OH 
CHCH,CH,CHLCH, CECH CLUCHCHL 
1-Pentanol 2-Pentanol 
OH 
OH CH,CH,CHCH, 
CH,CH,CHCHCH, bu, 
3-Pentanol 2-Methyl-1-butanol 
OH OH 
CH,CHCH,CH, CH,CH,CCH, 
on, cH, 
3-Methyl-1-butanol 2-Methyl-2-butanol 
OH GEL OH 
CH.CHCHCH, ee ahh 


| 
CH, GEE 
3-Methyl-2-butanol 2,2-Dimethyl-1-propanol 


There are six isomeric ethers with the formula C;H,.0. The struc- 
tures follow. 


CH3—O— CH; CH, CHS CH, CH, -O— CHCH GE 


ne pe 
CH,—O—CH,CHCH, CH,—O—C—CH, 
| 
CH, 
CH, 


| 
CH;CH,—O—CH,CH,CH; CH,CH,—O—CH 
| 


CH, 


45. a. 4,5-dichloro-3-hexanone; _b. 2,3-dimethylpentanal; 
c. 3-methylbenzaldehyde or m-methylbenzaldehyde 


47.2. O 
nly CH,CH,CH,CCH,CH,CH, 
G. 9 d. O CH, 
H—CCH,CHCH, CH,CCH, CH, CCH, 
b bu, 
nore er HH 
Eel H H 


I 
CH,C—O—CH, or HC—O—CH,CH, 


G O 
CH,CH,CCH, 
CSOs b= IN asl oe (Cala Ni lal or 
CH Cr. CH,CHCH, 
CH,CH,—N—H 
ics. 
e. CH; -N—CH, 
eran, CH, 


f. CH;—O—CH,CH,CH,; or CH,;—O—CH © or 


CH,CH,—O—CH,CH, 


g. OH 
CH,CHCH, CH, 


51. a. 2-Chloro-2-butyne would have 5 bonds to the second 

carbon. Carbon never expands its octet. b. 2-Methyl-2-propanone 
would have 5 bonds to the second carbon. c. Carbon-1 in 1,1- 
dimethylbenzene would have S bonds. d. You cannot have an alde- 
hyde functional group bonded to a middle carbon in a chain. Alde- 
hyde groups can only be at the beginning and/or the end of a chain of 
carbon atoms. e. You cannot have a carboxylic acid group bonded to 
a middle carbon in a chain. Carboxylic groups must be at the begin- 
ning and/or the end of a chain of carbon atoms. f. In cyclobutanol, 
the 1 and S positions refer to the same carbon atom. 5,5-Dibromo- 
1-cyclobutanol would have five bonds to carbon-1. This is impossi- 
ble; carbon never expands its octet. 53. Substitution: An atom or 
group is replaced by another atom or group; e.g., H in benzene is 
replaced by Cl. CsH, + Ch @@ C,H;Cl + HCI 

Addition: Atoms or groups are added to a molecule; e.g., Cl, adds to 
ethene. CH,=—=CH, + Cl, —— CH )CI—CH>Cl 


i 
jar 
55. a. CH, =CH, + H,O —> CH,—CH, 


OH O 
| Oxidation 





| xidation | 
BCH, CH, > CH, CH = CH, 60H 
OH O 
Oxidation | 


| 
Cc. CH3;CHCH3 ss CH3CCH3 


Answers to Selected Exercises A69 





O 
d. CH;—O—H + HO Wot eae ea cee 
H H Gin sen aC 
Ban CH,CH—CHCH, b. dy, cHCHOH CA 
CH, CH, 


e (C)-a + HCl 


59, When CH)=CH) reacts with HCl, there is only one possible 
product, chloroethane. When Cl, is reacted with CH3;CH; (in the 
presence of light), there are six possible products because any number 
of the six hydrogens in ethane can be substituted for by Cl. The light- 
catalyzed substitution reaction is very difficult to control; hence it is 
not a very efficient method of producing monochlorinated alkanes. 


O 
I | 
61. a. Hise iC eH ‘i HO=G= CH CHEH, 
CH, CH, 


b. CH;—C—CHCHs 


c. no reaction 


CH, 
i 
O 
O OH O OH 


63. The products of the reactions with excess KMnQsg are 2- 
propanone and propanoic acid. 65.a.CH3CH=CH); + Br) —> 
CH3;CHBrCHBr (Addition reaction of Br) with propene) 


OH O 


| ae I 
pee Con Co ons 





Oxidation of 2-propanol yields acetone (2-propanone). 





ce CHs CHs 
CHC cn LO 10 0 cr 
Hi) OH 


Addition of H,O to 2-methylpropene would yield tert-butyl alcohol 
(2-methyl-2-propanol) as the major product. 


O 
KMnO 
di GH. GE Grr Oht > Gi CH @ — Ol 
Oxidation of 1-propanol would eventually yield propanoic acid. 
Propanal is produced first in this reaction and is then oxidized to 
propanoic acid. 
67. a. O 7 


Il 
CH,C— OH + HO—CH, — > CH,;,C—O—CH; + H,0 
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I 
H—C—OH + HO—CH,CH,CH,; —> 


1 


69. a. Addition polymer: a polymer that forms by adding monomer 
units together (usually by reacting double bonds). Teflon, polyvinyl 
chloride, and polyethylene are examples of addition polymers. 

b. Condensation polymer: a polymer that forms when two monomers 
combine by eliminating a small molecule (usually HO or HCl). 
Nylon and Dacron are examples of condensation polymers. 

c. Copolymer: a polymer formed from more than one type of 
monomer. Nylon and Dacron are copolymers. d. Homopolymer: 

a polymer formed from the polymerization of only one type of 
monomer. Polyethylene, Teflon, and polystyrene are examples of 
homopolymers. e. Polyester: a condensation polymer whose mono- 
mers link together by formation of the ester functional group. 
Dacron is a polyester. f. Polyamide: a condensation polymer whose 
monomers link together by formation of the amide functional 
group. Nylon is a polyamide as are proteins in the human body. 

71. a. A polyester forms when an alcohol functional group reacts 
with a carboxylic acid functional group. The monomer for a homo- 
polymer polyester must have an alcohol functional group and a car- 
boxylic acid functional group present within the structure of the 
monomer. b. A polyamide forms when an amine functional group 
reacts with a carboxylic acid functional group. For a copolymer poly- 
amide, one monomer would have at least two amine functional 
groups present, and the other monomer would have at least two car- 
boxylic acid functional groups present. For polymerization to occur, 
each monomer must have two reactive functional groups present. 

c. To form a typical addition polymer, a carbon-carbon double bond 
must be present. To form a polyester, the monomer would need the 
alcohol and carboxylic acid functional groups present. To form a 
polyamide, the monomer would need the amine and carboxylic acid 
functional groups present. The two possibilities are for the monomer 
to have a carbon-carbon double bond, an alcohol functional group, 
and a carboxylic acid functional group present or to have a carbon- 
carbon double bond, an amine functional group, and a carboxylic 
acid functional group present. 


73. FO : 
Gla Sa 


To Be Hin) ne, and HO, mo 
“on y'} 
b. Repeating unit: 


The two polymers differ in the substitution pattern on the benzene 
rings. The Kevlar chain is straighter, and there is more efficient 
hydrogen bonding between Kevlar chains than between Nomex 
chains. 


UM > 
be acter bat 


i ee OCH; 


79. Divinylbenzene (a crosslinking agent) has two reactive double 
bonds, which are both reacted when divinylbenzene inserts itself into 


two adjacent polymer chains. The chains cannot move past each 
other because the crosslinks bond adjacent polymer chains together 








making the polymer more rigid. 
ia 
C)-<O 
CH; 


81. a. 
b. Condensation; HC] is eliminated when the polymer bonds form. 


ct 
Or 
CH; 
83. Polyacrylonitrile: if CH, oo } 
n 


N=E 
The CN triple bond is very strong and will not easily break in the 
combustion process. A likely combustion product is the toxic gas 
hydrogen are cae 


85. 
1 GH OH 7 


OCH, dricn, Be 
lone “ory T 


Two linkages are possible with glycerol. A possible repeating unit 
with both types of linkages is shown above. With either linkage, there 
are free OH groups on the polymer chains. These unreacted OH 
groups on adjacent polymer chains can react with the acid groups of 
phthalic acid to form crosslinks between various polymer chains. 

87. Ei ® 


Hydrophilic (water-loving) and hydrophobic (water-fearing) refer 

to the polarity of the R groups. When the R group consists of a 

polar group, then the amino acid is hydrophilic. When the R group 
consists of a nonpolar group, then the amino acid is hydrophobic. 
89. Denaturation changes the three-dimensional structure of a 
protein. Once the structure is affected, the function of the protein 
will also be affected. 91. a. serine, tyrosine, and threonine; b. aspar- 
tic acid and glutamic acid; c. histidine, lysine, arginine, and trypto- 
phan; d. glutamine and asparagine 93. a. aspartic acid and phenyl- 
alanine; b. Aspartame contains the methyl ester of phenylalanine. 
This ester can hydrolyze to form methanol, R—CO.CH; + 

H,0 == RCO>H + CH30H. 


i i 
| 
95. HJNCHC—NHCHCO,H H,NCHC— NHCHCO,H 
mse 


ser-ala ala-ser 


97. a. Six tetrapeptides are possible. From NH) to CO>H end: 
phe-phe-gly-gly, gly-gly-phe-phe, a -phe-phe-gly, 

phe-gly-gly-phe, phe-gly-phe-gly, gly-phe-gly-phe; 

b. Twelve tetrapeptides are acne From NH) to CO3H end: 
phe-phe-gly-ala, phe-phe-ala-gly, phe-gly-phe-ala, 

phe-gly-ala-phe, phe-ala-phe-gly, phe-ala-gly-phe, 

gly-phe-phe-ala, gly-phe-ala-phe, gly-ala-phe-phe, 

ala-phe-phe-gly, ala-phe-gly-phe, ala-gly-phe-phe 

99. a. covalent; b. hydrogen bonding; c. ionic; d. London dispersion 
101. Glutamic acid: R = —CH,CH}CO>H; Valine: R = —CH(CHs3),; 
A polar side chain is replaced by a nonpolar side chain. This could 
affect the tertiary structure of hemoglobin and the ability of hemo- 
globin to bind oxygen. 


103. Nee rah 
CH,CH,CO, Nat 


or Ne ECON ay 
CH»CH>,CO3H 


The first structure is MSG, which is impossible for you to predict. 


2 CH,OH H oe 
O hea ‘J 
HVE W/ou ~HO\QH HO /oH 
OH SO H H 
D-Ribose D-Mannose 





107. The aldohexoses contain 6 carbons and the aldehyde functional 
group. Glucose, mannose, and galactose are aldohexoses. Ribose and 
arabinose are aldopentoses since they contain S carbons with the 
aldehyde functional group. The ketohexose (6 carbons + ketone 
functional group) is fructose, and the ketopentose (5 carbons + 
ketone functional group) is ribulose. 109. A disaccharide is a carbo- 
hydrate formed by bonding two monosaccharides (simple sugars) 
together. In sucrose, the simple sugars are glucose and fructose, and 
the bond formed between these two monosaccharides is called a 
glycoside linkage. 111. The a and B forms of glucose differ in the 
orientation of a hydroxyl group on one specific carbon in the cyclic 
forms (see Fig. 21.31). Starch is a polymer composed of only a-p- 
glucose, and cellulose is a polymer composed of only B-p-glucose. 


fis. i ie 


Fee — es — GELGH.. H.C — GOH 
FLN—Gs—CO>H. LigN= G7 COpr 
i i 
Isoleucine Threonine 


The chiral carbons are marked with asterisks. 
M5. “e] 


| 
ee 
H 


is optically active. The chiral carbon is marked with an asterisk. 
117. They al! contain nitrogen atoms with lone pairs of electrons. 
119. C-C-A-G-A-T-A-T-G 121. Uracil will hydrogen-bond to 


adenine. 


N 
Sugar 


Sugar O Adenine 


123. a. glu: CTL, CTG; val: CAA, CAG, CAT, CAC; met: TAC; trp: 
ACC; phe: AAA, AAG; asp: CTA, CTG; b. ACC-CTT-AAA-TAC; 
or or 

CTC AAG 
c. Due to glu and phe, there is a possibility of four different DNA 
sequences; d. met-asp-phe; e. TAC-CTA-AAG; TAC-CTA-AAA; 
TAC-CTG-AAA 125. A deletion may change the entire code for a 
protein, thus giving an entirely different sequence of amino acids. A 
substitution will change only one single amino acid in a protein. 
127. CH;CH,CH,;CH,CH,CH,CH,COOH + OH” — 
CH;—(CH))s—COO- + H20; Octanoic acid is more soluble in 1 M 
NaOH. Added OH~ will remove the acidic proton from octanoic 
acid, creating a charged species. As is the case with any substance 
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with an overall charge, solubility in water increases. When morphine 
is reacted with H*, the amine group is protonated, creating a 
positive charge on morphine (R3N + Ht — R3N*H). By treating 
morphine with HCI, an ionic compound results that is more soluble 
in water and in the bloodstream than is the neutral covalent form of 
morphine. 129. To substitute for the benzene ring hydrogens, an 
iron(LII) catalyst must be present. Without this special iron catalyst, 
the benzene ring hydrogens are unreactive. To substitute for an 
alkane hydrogen, light must be present. For toluene, the light- 
catalyzed reaction substitutes a chlorine for a hydrogen in the methyl 
group attached to the benzene ring. 131. 1-butene 133. a. The 
bond angles in the ring are about 60°. VSEPR predicts bond angles 
close to 109°. The bonding electrons are closer together than they 
prefer, resulting in strong electron-electron repulsions. Thus ethylene 
oxide is unstable (reactive). b. The ring opens up during polymeriza- 
tion; monomers link together through the formation of O—C bonds. 
-+-O—CH,CH,;,—O—CH,CH,—O—CH,CH)4; 
135. 


OCH)CH) ony not NCOCH.CH, “ott 


137. n-hexane, 69°C; pentanal, 103°C; 1-pentanol, 137°C; butanoic 
acid, 164°C; the strength of the intermolecular forces increases when 
going from n-hexane to pentanal to 1-pentanol to butanoic acid. 
Hence the boiling points will increase in the same order. 139. This 
is a condensation copolymer. The monomers are: 


1 1 
no—C-{(_))-¢—o1 HOR Chia Chin Ob 


141. a. The longest chain is 4 carbons long. The correct name is 
2-methylbutane. b. The longest chain is 7 carbons long, and we 
would start the numbering system at the other end for lowest possi- 
ble numbers. The correct name is 3-iodo-3-methylheptane. c. This 
compound cannot exhibit cis—trans isomerism because one of the 
double-bonded carbons has the same two groups (CHs3) attached. 
The numbering system should also start at the other end to give the 
double bond the lowest possible number. 2-Methyl|-2-pentene is 
correct. d. The OH functional group gets the lowest number. 
3-Bromo-2-butanol is correct. 143. For the reaction, we break a 
P—O and O—H bond and form a P—O and O—H bond, so AH = 0 
based on bond dissociation energies. AS for this process should be 
negative (unfavorable) because positional probability decreases. Thus 
AG should be positive due to the unfavorable AS term, and the reac- 
tion is not expected to be spontaneous. 145. a. No; the mirror 
image is superimposable. 


b. OH OH OH OH 
c—c foes 

H | | ‘co,H Hoc 
CO,H H H CO.H 


mirror 


These two forms of tartaric acid are nonsuperimposable. 


147. pH = 6.07 = isoelectric point 149.0.11% 151. C,H,; ethane 
ibs ey Claas iCal, 
cH, 
b CH. 
eur 
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ae 


d, CH, =CHCH, 


CxO CH, 





| 
CH,CH,CH,CH,CH, EROS, 





OH 
0.0 25.0 50.0 15:0 O00) 
CH H 
| Z § i Volume (mL) of OH” added 
Rite eae aoe me CH; The major amino acid species present are: 
OH OH CH; point A (0.0 mL OH): H3NCH,COOH ie 
point B (25.0 mL OH- H3;3NCH,COOH, H;3NCH,;,COO7 


): 
155. a. 25.0 mL, 2.37; 50.0 mL, 6.07; 75.0 mL, 9.77 point C (50.0 mL OH-): | H;NCH,COO- 
point D (75.0 mL OH-): | H;NCH,COO-, HsNCH;COO- 
point E (100.0 mL OH~): +H,NCH,COO- 
c. 6.07; d. +5, 2.37; —3, 9.77 
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organic, 244, 1038-1039 


polyprotic, 260-268, 294, 
326-329 
strength of, 243-245 
triprotic, 262-265, 326-329 
water as, 245-246 
See also Amphoteric sub- 
stances; Oxyacids; pH; 
Strong acids; Weak acids 
Acid salts, of amines, 259 
Acrylonitrile-butadiene-styrene 
(ABS), 1049 
Actinide series, 566, 567, 568, 
892, 940, 941 
Activated complex, 749-750 
Activation energy, 749-753 
catalysis and, 754-755 
for diamond production, 830 
Active site, of enzyme, 758 
Activity, 212-213 
of ions in solution, 335 
of pure liquid or solid, 213- 
214 
of real gases, 229 
of species in solution, 249 
of water, 242 
Activity coefficients, 229 
Actual yield, 80 
Addition 
in exponential notation, A2 
significant figures, A13-14 
Addition polymerization, 
1043-1044 
Addition reactions, 1031 
Adhesive forces 
of geckos, 786 
between liquid and glass, 
787 
Adhesives, 11 
Adiabatic processes, 457-460 
Adrenaline, 259 
Adsorption, 755, 756, 757 
Aerosol, earth cooling, 394 
Air 
composition of, 182 
liquefaction of, 896, 919 
See also Atmosphere 
Air bags, 160 
Air pollution, 182-187 
catalytic converters and, 
390, 757, 760 
electrostatic precipitator 
and, 879 
fossil fuels and, 183, 361, 
760, 920 


nitrogen dioxide and, 183, 
186, 695, 760, 909 
ozone and, 182, 183, 695 
See also Acid rain 
-al (suffix), 1038 
Alchemy, 16, 149, 991 
Alcohols, 1034-1037 
esters derived from, 1039 
oxidation of, 1039 
See also Ethanol; Methanol 
Aldehydes, 1037-1038 
Alkali metals (Group 1A), 35, 
580-583, 896-898 
atomic radii, 578, 581, 893 
in biological systems, 897- 
898 
crystal structures of, 799- 
800 
flame test for, 341-342 
halides of, crystal structures, 
611-612, 820-821 
hydroxides of, 255, 256-257 
ionization energies, 573- 
574, 580, S81 
Roman numerals and, 37 
as strong bases, 255 
See also specific elements 
Alkaline battery, 494-495 
Alkaline earth metals (Group 
2A), 35, 900-902 
hydroxides of, 255-256 
ionic radii, 578 
oxides of, 893, 900 
Roman numerals and, 37 
as strong bases, 255-256 
See also specific elements 
Alkalis. See Bases 
Alkanes, 1020-1028 
cyclic, 1027-1028 
isomers of, 1023-1026 
nomenclature, 1024-1026 
reactions, 1026-1027 
Alkenes, 1029-1030, 1031 
See also Ethylene 
Alkynes, 1029-1031 
Allen, Leland C., 602 
Allomones, 646 
Allotropes of carbon. See 
Diamond; Fullerenes; 
Graphite 
Allotropes of tin, 904-905 
Alloys, 801-802 
of aluminum, 507 
cobalt in, 950 


A73 


A74 Index 


Alloys (continued) 
copper in, 951 
corrosion-resistant, 501 
of magnesium, 901 
silicon in, 904 
of tin, 904-905 
See also Steel 
Alloy steels, 801-802 
a-helix, 1052, 1053, 1054 
Alpha (@) particles, 990, 991 
biological effects, 1010, 1011 
early experiments, 26-28, 
996 
Altitude 
atmospheric pressure and, 
182 
boiling point of water and, 
832-833 
octane ratings, 74 
oxygen concentration and, 
ih 
Alum, in paper manufac- 
turing, 4 
Alumina, 506-507 
See also Aluminum oxide 
Aluminosilicates, 811 
Aluminum 
abundance, 895 
alloys of, 507 
for bicycles, 948 
electron configuration, 564 
ionization energies, 572 
physical properties, 902, 903 
production of, 506-507 
Aluminum chloride, aqueous 
solution, 271, 272 
Aluminum oxide 
amphoteric nature of, 506, 
903 
in bauxite, 506-507 
corrosion inhibited by, 498- 
499 
electron configurations in, 
607 
in gemstones, 973 
Amides, 1050 
Amines, 259, 1039-1040 
Amino acids, 1050, 1051, 
1056 
protein synthesis and, 1062- 
1063 
p-Aminobenzoic acid, 526 
Amino group, 1040 
Ammine ligand, 955, 958 
Ammonia, 911 
acid salt of, 259 
autoionization of, 246 
as base, 100, 257, 911 
in buffered solution, 295, 
300-302 
combustion of, 387-388 
dipole moment, 604 
in fertilizers, 909, 911 
hydrogen bonding in, 911 
as ligand, 342-343, 345- 
346, 954 
naming of, 40 


in nitric acid production, 
DiS) 
nitrogen-fixing bacteria and, 
910 
paper decomposition and, 
5-6 
in qualitative analysis, 346 
reaction with hydrogen chlo- 
ride, 171-172, 242 
sp? orbitals, 666 
substituted, 257, 259 
titration with strong acid, 
319-321 
VSEPR model, 639, 640 
Ammonia synthesis 
bacterial, 910 
entropy change, 437-438 
equilibrium in, 207-211, 
215-216, 222-223, 227, 
228 
free energy change, 441, 
445-446, 451-452 
limiting reactant in, 77-78 
temperature dependence of 
equilibrium constant, 227, 
453 
See also Haber process 
Ammonium chloride, 259, 
270-272 
Ammonium dichromate, 
decomposition of, 72-73 
Ammonium dihydrogen phos- 
phate, 917 
Ammonium ion, 32 
Ammonium salts, 911 
solubility in water, 109, 342 
Amorphous solids, 789 
red phosphorus, 916 
See also Glass 
Ampere (amp), 503 
Amphoteric substances 
aluminum oxide, 506, 903 
beryllium oxide, 893, 900 
defined, 245 
gallium oxide, 903 
in polyprotic acid titration, 
327-329 
water as, 245-246 
Amplified signal, 812 
amu (atomic mass units), 
54-55 
conversion to grams, 57-58 
Amylopectin, 1059 
Amylose, 1059 
Analytical chemistry. See 
Chemical analysis 
-ane (suffix), 1024 
Angular momentum, in Bohr 
model, 533 
Angular momentum quantum 
number, 550, 553, 554 
Anions 
as effective bases, 336 
formation of, 32 
names of, 36, 37, 39-40 
oxyanions, 39-40, 925-926 
periodic table and, 892 


Annihilation of particles, 991, 
992 
Anode, 476, 482 
Anodic regions, 500 
Anslyn, Eric V., 648 
Antacids, 256, 336 
Anthracene, 1033 
Antibiotics, 646 
Antibonding molecular orbi- 
tals, 678, 679 
electronic transitions from, 
694 
of octahedral complex, 971 
Anticodon, 1063 
Antifreeze, 870-871, 1036 
Antihydrogen, 992 
Antimatter, 991, 992 
Antimony, 907 
in additives for PVC, 13 
Antiparticles, 991, 992 
Antiproton, 992, 1009 
Antlerite, 499 
Approximations 
5% rule, 250-251 
for logarithms, 247 
significant figures, A8, A12- 
Al4 
for solving quadratic equa- 
tions, AS—A7 
See also Models 
Aqua regia, 346, 486, 948 
Aqueous solutions 
defined, 95 
electrolytes, 97-100, 875- 
876 
of gases, 859-860, 861-862 
importance of, 95 
nonelectrolytes, 97, 100 
phase diagram for, 868, 870 
polarity of water and, 
95-96 
reactions in. see also Acid— 
base reactions; Oxidation— 
reduction reactions; Pre- 
cipitation reactions 
symbol for, 70, 96, 99 
See also Acid—base equilibria 
problems; Hydration; Sol- 
ubility; Solutions; Water 
Aragonite, 791 
Argon, 35, 794, 919, 928 
electron configuration, 564 
freezing point, 785 
in Geiger counter, 998 
Aristotle, 786 
Arnold, Michael S., 835 
Aromatic alcohols, 1036 
Aromatic hydrocarbons, 1031- 
1033 
See also Benzene 
Arrhenius, Svante, 97-99, 118, 
241, 749 
Arrhenius acid-base concept, 
98-99, 118, 241, 255 
Arrhenius equation, 751-753 
Arsenic, 906, 907 
in semiconductors, 807, 811 


Arumainayagam, Christopher, 
756 
Aspirin, 1039 
Astatine, 35, 923 
Atactic chain, 1047 
-ate (suffix), 39, 44, 954 
atm (unit of pressure), 150 
Atmosphere, 182-187 
carbon dioxide in, 361, 391, 
392-393 
composition of, 182 
layers of, 182-183 
oxygen in, 182, 183, 184 
research on chemistry of, 185 
water in, 392 
See also Air pollution 
Atom(s) 
ancient Greek ideas on, 16, 
$24 
Dalton’s theory of, 18, 
19-21, 524, 958 
early experiments on, 24-28 
modern view of, 29-30, 524 
See also Hydrogen atom; 
Quantum mechanics 
Atomic clock, 536 
Atomic force microscopy 
(AFM), 22 
Atomic masses, 54—S7 
early research on, 19-24, 
560-562 


Atomic mass units (amu), 


54-55 
conversion to grams, 57-58 
Atomic number, 30, 34, 988, 
989, 990 
Atomic radii, 578-579 
group anomalies and, 893- 
895 
polarizability and, 785 
of transition metals, 945— 
946 
Atomic solids, 793 
See also Metals; Network 
solids 
Atomic weights, 19, 55, 56 
Atom(s) 
ancient Greek ideas on, 16, 
$24 
Dalton’s theory of, 18, 
19-21, 524, 958 
early experiments on, 24-28 
modern view of, 29-30, 524 
See also Hydrogen atom; 
Quantum mechanics 
Aufbau principle, 562, 617 
Autoionization 
of liquid ammonia, 246 
of water, 245-246, 248-249, 
256-257 
Automobiles 
air bags, 160 
alcohol fuels, 401, 1035 
catalytic converters, 390, 
757, 760 
fuel cells for, 496 
hydrogen fuel, 399-400, 496 


irreversible processes in, 
455-457 

lead storage batteries, 493- 
494, 906 

nitrogen fixation by, 909 

nitrous oxide power for, 914 

sensor for exhaust gases, 125 

work of engine, 365 

See also Air pollution; 
Gasoline 


weak, 100, 258, 260, 270, 
295, A23 

See also Acid-base equilibria 
problems; Acid—base reac- 
tions; Acid—base titrations; 
Amphoteric substances 


Basic solutions 


defined, 246 
of Group 2A oxides, 893, 900 
oxidation-reduction in, 132- 


naming of, 35-39, 41 
oxidation states of, 126 
Binding energy per nucleon, 

1003-1004 
Binning, Gerd K., 22 
Biodiesel oil, 401 
Biological systems 
alkali metal ions in, 897- 
898 


alkaline earth metal ions in, 


Autumn, Kellar, 786 

Average, A9-A10, A12 

Avogadro, Amedeo, 19, 20, 21, 
153 

Avogadro’s law (hypothesis), 
ZOS2TMSS 

Avogadro’s number, 57 

Axial hybrid orbitals, 671 

Azeotrope, of nitric acid and 
water, 915 

Azide ion, 910 


Baekeland, Leo H., 1041 
Bakelite, 1041 
Balancing chemical equations, 
70-73 
for galvanic cell, 480-481 
for oxidation—reduction, 
128-135, 480-481 
Ball-and-stick models, 31, 
32, 34 
Band model, 800-801 
Bar (unit of pressure), 150, 


212 


Barium, 35, 900, 901 


Barium nitrate, reaction with 
potassium chromate, 106- 
108 

Barium sulfate, insolubility of, 
330, 853 


Barometer, 149 


for vapor pressure measure- 
ment, 823 

Bartlett, Neil, 928 

Bases, 241-242, 255-260 

amines as, 259 

Arrhenius concept, 118, 241, 
DSS 

Bronsted—Lowry concept, 
USS 241-242, 255 

conjugate, 242, 243, 244, 
245, 257, 268-269 

K, of, 257-258, 269-270, 
Di Mees 2—2 13% NDS 

Lewis concept, 907, 942, 
9529535 963 

in nucleic acids, 1061-1062, 
1063 

paper decomposition and, 
5-6 

reaction with water, 257, 
257-258, 260, 334-335 

strength of, 244, 270 

strong, 97-98, 99, 255-256, 
255-257, 268, 280 

water as, 241-242, 243, 

"245-246, 270 


Sh) 
of salts, 268-270, 272-273 
Basis set, for molecular orbi- 
tals, 677 
Batteries, 493-497 
dead, 488, 493 
work done by, 456 
Bauer, Georg, 16 
Bauxite, 506-507 
bee (body-centered cubic) unit 
cell, 790, 799-800 
Becquerel, Antoine Henri, 26, 
27 
Beer—Lambert law, A16-A19 
Beethoven, Ludwig van, 905 
Bell, Valerie, 163 
Bent, Henry, 457 
Benzene, 257, 1031-1033 
molecular orbital model, 
689-690 
Benzene solution 
aqueous, 858 
with toluene, 867-868 
Benzoic acid, 244 
Benzpyrene, 1033 
Berquist, John C., 536 
Beryllium, 35, 900, 901 
electron configuration, 563 
electron-deficient com- 
pounds, 629 
ionization energy, 573, 574 
molecular orbital model, 
681 
Beryllium chloride, 637 
Beryllium oxide, 893, 900 
Berzelius, Jons Jakob, 20, 24 


Beta (8) particles, 26, 989, 990 


biological effects, 1010 
in breeder reactor, 1008 
half-life and, 995 
radiocarbon dating and, 
999 
in supernova explosion, 994 
Bicarbonate ions, 256, 260- 
261, 862 
in human body, 753 
in ocean, 50S 
Bicycle frames, 948 
Bidentate ligands, 954 
Big bang theory, 994 
Bimolecular step, 739 
Binary covalent compounds 
bonding in, 606 
naming of, 39-41 
Binary ionic compounds 
bonding in, 606 
formation of, 609-613 


582, 900-901 
dispersion forces in, 786 
elements in human body, 

895 
entropic forces in, 428 
ice and, 878 
nitrogen in, 909-910 
piezoelectric wires in, 836 
selenium in, 918 
semiochemicals in, 646-647 
strong materials in, 791 
water in, 899 
See also Medicine 


Biomolecules, 1020 


carbohydrates, 1055-1060 

chirality in, 962-963, 1057- 
1058 

coordination complexes, 
974-977 

nucleic acids, 4, 1060-1064 

radiation damage to, 1008, 
1010-1011, 1055 

See also Enzymes; Proteins 


Biosensors, 125 
Biot, Jean, 959 
Bismuth, 906 
Blackbody radiation, $27 
Black phosphorus, 916 
Black powder, 538, 539 
Blood, pH of, 295 
Blowing agents, 911-912 
Boat form of cyclohexane, 
1028 
Body-centered cubic (bec) unit 
cell, 790, 799-800 
Boering, Kristie A., 185 
Bohr, Niels, 533 
Bohr model, 533-535, 537, 
540, 550, 553 
Bohr radius, 553 
Boiler scale, 862 
Boiling chips, 828 
Boiling point, 826 
entropy change at, 430- 
431 
free energy and, 437 
hydrogen bonding and, 783- 
784 
normal, 828, 829-830 
pressure dependence of, 
832-833 
vapor pressure at, 828 
Boiling-point elevation, 868- 
869 
of electrolyte solutions, 876 
Boltzmann, Ludwig E., 169, 
426 


Index A75 


Boltzmann’s constant 
entropy and, 427 
molecular velocities and, 

169-170 

Bomb calorimeter, 379-381 

Bombs. See Explosives 

Bond angles, 637-638, 639, 

640-641, 650 
Bond energy, 596, 598-599, 

615-616, 618-619 

bond order and, 679-680, 
684-685 

chemical reactions and, 363- 
364, 619-621 

electronegativity and, 600- 
601 

of hydrogen halides, 925 

table of values, 619 

Bonding 
defined, 596, 615 
in metals, 800-801 
three-center, 902-903 
types of, 30-33, 596-600 
See also Covalent bonding; 

Hydrogen bonding; Ionic 
bonding 

Bonding molecular orbitals, 

678-679 

electronic transitions from, 
694, 695 

of octahedral complex, 971 

Bonding pairs, 621, 623 

Bond length, 598, 619 
bond order and, 684 
rotational spectrum and, 

700-701 
vibration and, 696-697 
Bond order, 679-680, 682- 
683, 684-686 

Bond polarity. See Polar cova- 

lent bonds 

Bond strength, 679 
See also Bond energy 

Bookkeeper process, 6 

Boranes, 902-903 

Boron, 902-903 
atomic radius, 893 
as atomic solid, 793 
electron configuration, 563 
electron-deficient com- 

pounds, 628, 629, 903 
ionization energy, 574-575 
molecular orbital model, 

681-683 
paramagnetism, 683-684 
silicon doped with, 811, 813, 

814 

Boron tetrafluoride ion, 675 

Boron trifluoride, 628, 637- 

638 

Boundary conditions, 545-546, 

547, 548 

Boyle, Robert, 16, 150 

Boyle’s law, 150-152, 153, 155 

Bragg, William Henry, 793 

Bragg, William Lawrence, 793 

Bragg equation, 793 


A76 Index 


Brass, 801 
Breeder reactors, 1007-1008 
Brennen) ills 
Brine, electrolysis of, 509-510 
Brittle tin, 904 
Brochantite, 499 
Bromine, 35, 704, 923, 924, 
ODS 
electron affinity, 577 
Bromoethane, NMR spectrum 
of, 703, 704 
Bromthymol blue, 322-324 
Bronsted, Johannes N., 118, 
241 
Brensted—Lowry acid-base 
concept, 118, 241-242 
Brown phosphorus, 686 
Bubbles 
boiling and, 828 
cavitation and, 181 
Buckminsterfullerenes. See 
Fullerenes 
Buffer capacity, 305-308 
Buffered solutions, 295-303 
exact treatment of, 303- 
305 
how it works, 298-303 
selecting weak acid for, 
307 
summary, 302-303 
Bumping, 828 
Buret, 119, A7 
Burns, Stephanie, 5 
Burton, William, 390 
Butane, 1022, 1023, 1027 
2-Butanone, 704-706 


Cadmium, 565, 569 
Calcium, 35, 900-902 
electron configuration, 565 
Calcium carbonate 
as boiler scale, 862 
in conch shell, 791 
as marble, 186-187 
solubility in acid, 293, 336 
on sunken treasure, 505 
thermal decomposition of, 
213-214, 227 
from water softening, 256 
See also Limestone 
Calcium fluoride, crystal struc- 
ture, 821 
Calcium hydroxide, 256 
Calcium oxide (lime) 
commercial preparation of, 
DNS} 
electron configurations in, 
607 
in scrubbing, 186, 187 
in water softening, 256 
Calorimetry, 374-381 
Cancer 
drugs for, 960 
nanotechnology applications 
for, 835, 837 
radiation therapy for, 1001 
selenium and, 918 


in smokers, 918 
sunscreens and, 526 
Cannizzaro, Stanislao, 21, 
23-24 
Capillary action, 787 
Captive zeros, A12—A13 
Carbohydrates, 1055-1060 
Carbon, 904 
atomic mass, 54-56 
atomic radius, 893 
as atomic solid, 793, 794 
bonding properties, 894, 
1020 
as diamond, 443, 793, 794, 
802-803, 805, 830 
diatomic, 684 
electron affinity, 577 
electron configuration, 563 
as fullerenes, 793, 802, 815- 
816, 835 
as graphite, 443, 793, 802, 
803-805, 830-831 
ionization energy, 575 
in metallurgy, 896 
phase diagram, 831-832 
in steel, 801-802 
See also Biomolecules; 
Hydrocarbons 
Carbon-14, 55, 988-989, 999- 
1000 
Carbonate salts 
qualitative analysis, 341 
solubility in water, 109 
Carbon dioxide 
amorphous solid form of, 808 
Cannizzaro’s atomic mass of, 
Pa lhe 23) 
in carbonated beverages, 16, 
859 
climate and, 361, 391-394 
Dalton’s atomic theory 
and, 18 
fire extinguisher with, 833 
fossil fuels and, 391, 392- 
393, 861 
geoengineering and, 394 
hybrid orbitals for, 668-670 
Lake Nyos tragedy, 863 
Lewis structure, 624-625, 
636 
metabolism of, 753 
phase diagram, 833 
polar bonds in, 604 
radiocarbon dating and, 999 
as real gas, 181-182, 182 
sequestration of, 392, 392— 
393 
solid state of, 815, 816, 825, 
833 
sublimation of, 825, 833 
supercritical, 857 
water solution of, 260, 293, 
336 
Carbon fiber composites, 948 
Carbonia, 808 
Carbonic acid, 260-261 
Carbonic anhydrase, 753 


Carbon monoxide 
atomic force microscopy 
and, 22 
catalytic converter and, 757, 
760 
dipole moment, 603 
methanol synthesis from, 
1035 
molecular structure, 674-675 
oxidation mechanism, 744 
reaction with nitrogen diox- 
ide, 739, 741-742 
in syngas, 395, 397 
toxicity of, 977 
Carbon nanotubes, 835-836, 
837 
Carbonyl] group, 1037-1038 
characteristic vibration, 
698-699 
Carboxyhemoglobin, 977 
Carboxyl group, 244, 1038- 
1039 
Carboxylic acids, 1038-1039 
See also Acetic acid 
Carboxypeptidase-A, 758-759 
Carlson, D. A., 113 
Carotene, 695, 696 
Carothers, Wallace H., 1041, 
1046 
Cars. See Automobiles 
Catalysis, 753-762 
defined, 754 
by enzymes, 753, 758-759, 
761, 1035, 1060 
in Haber process, 755, 909 
heterogeneous, 754, 755, 
757, 760 
homogeneous, 754, 758- 
759, 760, 762 
by nanosized metallic parti- 
cles, 835 
by platinum group metals, 
946 
in polyethylene synthesis, 
1045 
in substitution reactions, 
1032 
by titanium dioxide, 754 
Catalytic converters, 390, 757, 
760 
Cathode, 476, 481, 482 
Cathode-ray tubes, 24-25 
Cathodic protection, 501-502 
Cathodic regions, 500 
Cations, 32 
names of, 36-39, 40, 41, 
42-44 
periodic table and, 892 
qualitative analysis, 112-114, 
339-342, 345, 346-347 
See also Complex ions 
Cavitation, 181 
ccp (cubic closest packed) 
structure 
holes in, 820-821 
in ionic solids, 816-817 
in metals, 794-796, 798-799 


Cell potential, 476-477 
of battery, 493 
concentration and, 486-492 
as intensive property, 480- 
481 
standard values, 477-483 
thermodynamics and, 483- 
486 
Cellulose, 1059, 1060 
coal and, 391 
in paper, 4, 5 
Cellulose nitrate, 1041 
Celsius temperature, conver- 
sion to Kelvin, 152 
Ceramics, 807-808, 811 
grain sizes and properties of, 
834 
superconducting, 806 
Cerium, 941 
Cerium hydrogen sulfate, 135 
Certain digits, A7 
Cesium, 35, 580, 581, 897, 
898 
Cesium atomic clock, 536 
Cesium chloride, 821 
Cesium fluoride, 820-821 
CFCs. See Chlorofluorocar- 
bons (CFCs) 
Chain reaction, nuclear, 1006 
Chain theory, of coordination 
complexes, 958 
Chair form of cyclohexane, 
1028 
Changes of state, 826-828 
entropy and, 429-431, 432, 
439 
free energy and, 435-437 
intermolecular forces and, 
783 
positional probability and, 
418, 432 
See also Boiling point; Melt- 
ing point; Phase diagrams; 
Sublimation 
Charge 
electrochemical work and, 
483-484 
formal, 631, 633-636 
partial (fractional), 96, 600, 
603 
Charge balance, 275-276, 280 
Charge density, hydration and, 
582, 856-858 
Charge-to-mass ratio, of elec- 
tron, 24, 25 
Charles, Jacques, 152 
Charles’s law, 152-153, 155 
Chelating ligands, 954 
Chemical analysis 
of cockroaches, 113 
gravimetric, 116-118 
qualitative, 114, 339-342, 
344-345, 346-347 
state-of-the-art, 125 
volumetric, 119 
See also Spectroscopy 
Chemical bond. See Bonding 


Chemical energy, 362-367 
interchanged with electrical 
energy, 474-476 
See also Bond energy 
Chemical equations, 69-71 
balancing, 70-73 
for oxidation—reduction, 
128-135 
for reactions in solution, 
111-114 
Chemical equilibrium. See 
Equilibrium, chemical 
Chemical formula, 30 
determination of, 64-69 
for hydrated salt, 117-118 
from name of compound, 
42-44 
Chemical kinetics. See Kinetics, 
chemical 
Chemical reactions. See Reac- 
tions, chemical 
Chemical shift, 702-703 
Chemical vapor deposition 
(CVD), 830-831 
Chemistry 
defined, 2 
fundamental laws of, 17-19 
history of, 16-24 
industrial, 10-14 
Chemists, 2-3 
Chirality, 959-963 
in monosaccharides, 1057— 
1058 
Chlor-alkali process, 509-510 
Chlorate ion, 926 
Chlorate salts, 926 
Chloride ions, 32, 35 
Chloride salts, solubility, 109, 
341, 345-346 
Chlorinated hydrocarbons, 
1021-1022 
Chlorine, 35, 922-926 
attraction for electrons, 124, 
894 
commercial production of, 
509-510 
electron affinity, 577 
oxidation state, 124 
reaction with sodium, 
31-32, 124 
water purification by, 919 
Chlorite ion, 926 
Chlorofluorocarbons (CFCs), 
695, 762, 1027 
Chlorophyll, 974, 975 
Christe, Karl O., 910 
Chromate ion, 949 
Chromium 
coordination compounds of, 
956, 968 
electron configuration, 565, 
568, 579, 617, 943-944 
in gemstones, 973 
reactions of, 947, 949 
standard reduction potential 
of, 945 
steel plated with, 508, 947 


Chromous ion, 949 
cis-trans isomerism, 957, 
960-962, 1029 
Clausius—Clapeyron equation, 
825 
Clays, 805, 807-808, 811, 879 
Cleaning solution, 949 
Climate, carbon dioxide and, 
361, 391-393 
Closest packing 
alloy structures and, 801 
in ionic solids, 816-821 
of M & Ms, 796 
in metals, 794-795, 798-800 
of M & Ms, 796 
Coagulation, 878-879 
Goalks ois 92: 
air pollution and, 183-187, 
391 
Coal conversion, 395, 397 
Coal gasification, 395, 397 
Coal slurries, 397 
Cobalt 
compounds of, 950 
coordination compounds of, 
950, 952, 954-958, 960- 
962, 965-966, 972 
physical properties, 943 
Cockroach identification, 
iiss 
Codons, 1062, 1064 
Coefficients, of chemical equa- 
tion, 70-71 
Coffee cup calorimeter, 375 
Cohen, Ronald C., 185 
Cohesive forces, of liquid, 
787 
Colligative properties, 868- 
876 
boiling-point elevation, 868- 
869, 876 
of electrolyte solutions, 875— 
876 
freezing-point depression, 
870-871, 875, 876 
osmotic pressure, 871-875, 
876, 1060 
Collision model, for kinetics, 
749-753 
Collisions of gas molecules 
equilibrium and, 205-206 
intermolecular, 176-178 
with walls, 164-167, 169, 
174-175 
Colloids, 877-879 
Colors 
of complex ions, 943, 967- 
968 
of fireworks, 527-528, 538- 
SY 
of gems, 973 
in spectroscopy, 695, A16 
wavelength of light and, 
967-968 
Combustion 
of alkanes, 1027 
of ammonia, 387-388 


calorimetry of, 379-381 
early experiments with, 
16-17 
entropy and, 457 
of methane, 123, 127, 362- 
363, 380-381, 385-386, 
413, 497 
of methanol, 388-389, 444 
as oxidation—reduction reac- 
tion, 123 
of propane, 73-75 
Common ion effect, 293-295 
in buffered solutions, 295— 
303 
solubility and, 333-334 
Common names, 35-36, 40 
of organic compounds, 1027 
Communication, chemical, 
646-647 
Complementary color, 967 
Complete ionic equation, 111— 
AD 
Complex ions, 942, 952-953 
colors of, 943, 967-968 
crystal field model, 964-970 
equilibria involving, 335, 
342-347 
isomerism of, 956-963 
ligand field model, 972 
localized electron model, 
963-964 
magnetic properties, 965— 
NH, 7D 
molecular orbital model, 
970-972 
nomenclature, 954-956 
solubility and, 335, 344-347 
VSEPR model and, 963 
See also Coordination com- 
pounds 
Complex orbitals, 550-551, 
554, 569 
Composites 
carbon fiber, 948 
in conch shell, 791 
Composition 
percent, 62-64 
of solutions, 100-105, 852 
Compounds 
Dalton’s atomic theory and, 
19-21, 958 
formula determination, 
64-69 
fundamental chemical laws 
and, 17-19 
names of, 35—44 
percent composition, 62-64 
Compressibility 
of real gas, 181-182 
of states of matter, 782 
Compression of a gas 
adiabatic, 457-460 
isothermal, 423-426 
work associated with, 365- 
366 
Compton, Arthur, 529 
Computer chips, 812-813 
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Concentrated solution, 852 
Concentration 
cell potential and, 486-492 
equilibrium position and, 
222-224 
free energy and, 445 
gas pressure and, 210-212 
of solution, 100-105 
Concentration cells, 490-492 
Conceptual problem solving, 
61-62, 104 
Conch shell, 791 
Condensation, 432, 822 
Condensation polymerization, 
1044-1045 
of nucleic acids, 1062 
of proteins, 1050 
Condensed states, 783 
See also Liquids; Solids 
Conduction bands, 801, 803, 
804, 811 
Conductors. See Electrical con- 
ductivity; Semiconductors; 
Thermal conductivity 
Confidence limits, A12 
Conjugate acid, 241, 242, 257, 
258 
of weak base, 271 
Conjugate acid—base pair, 241- 
242 
Conjugate base, 241-242, 257 
of strong acid, 244, 245 
of weak acid, 244, 245, 268- 
269 
Conjugated molecules, 695 
Conservation of energy, 361, 
363, 364, 413 
Conservation of mass, 8, 17 
Constant pressure 
enthalpy change at, 367- 
368, 371, 375, 455 
heat capacity at, 368-371 
Constant-pressure calorimetry, 
374-379 
Constant volume 
heat capacity at, 368-371 
heat flow at, 371, 379 
Constant-volume calorimetry, 
379-381 
Constructive interference, 530, 
792. 
Contact potential, 814 
Contact process, 922 
Conté, Nicolas-Jacques, 599 
Continuous flow processes, 10 
Continuous spectrum, 530- 
Soil 
Control rods, 1007 
Cooling, by water, 822, 861, 
899 
Coordinate covalent bond, 
953, 963 
Coordination compounds, 
952-978 
biological importance, 974— 
DH 
early theories of, 958 
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Coordination compounds 
(continued) 
isomerism of, 956-963 
magnetic properties, 965— 
967 
nomenclature, 954-956 
See also Complex ions 
Coordination isomerism, 956 
Coordination number, 342, 
952-953, 963 
Coordination theory, 958 
Copernicium, 563 
Copernicus, Nicolaus, 563 
Copolymers, 1044-1045, 1049 
Copper, 34-35 
electron configuration, 565, 
568, 579, 617, 944 
electrorefining of, 507-508 
patina on, 499, 951 
physical properties, 794 
plating, 503 
plating with, 503 
polycrystalline structure, 834 
reactions of, 951 
surface properties, 797 
Core electrons, 564, 571, 572- 
735623 
Corrosion, 497-502 
equilibrium constant for, 
451-452 
prevention of, 500-502, 508 
of silver, 499, 505 
Coulomb’s law 
ion interaction energy and, 
Do, 
lattice energy and, 612 
Counter ions 
of coordination compound, 
oy) 
in galvanic cell, 482 
Covalent atomic radii. See 
Atomic radii 
Covalent bonding, 30, 599 
coordinate, 953, 963 
as model, 615-618 
nonmetals and, 35, 606 
See also Bond energy; Hybrid 
orbitals; Lewis structures; 
Localized electron (LE) 
model; Molecular orbitals 
(MQs); Polar covalent 
bonds; VSEPR model 
Covalent compounds, naming 
of, 39-40, 41 
Covalent hydrides, 899 
boiling points of, 783-784 
of boron, 902-903 
of Group 6A elements, 918 
Cracking, 390, 898 
Crenation, 873 
Critical mass, 1006 
Critical nuclear process, 1006 
Critical point 
of carbon dioxide, 833 
of water, 832 
Critical pressure, 832 


Critical temperature, 832 
supercritical fluid and, 857 
Crommie, Michael, 542 
Crosslinking, 1042 
Crutzen, Paul J., 394 
Cryolite, 506, 507 
Crystal field model, 964-970 
Crystalline solids, 789-790 
diffraction by, 530-531, 
792-793 
grain structure of, 834 
molecular, 793, 816 
types of, 793-794 
See also Ionic compounds; 
Metals; Network solids 
Cubic closest packed (ccp) 
structure 
holes in, 820-821 
in ionic solids, 816-817 
in metals, 794-796, 798-799 
Cubic holes, 819, 821 
Cubic lattice, simple, 790, 799 
of cesium chloride, 821 
Curie, Irene, 27, 996 
Curie, Marie, 26-27, 27, 918 
Curie, Pierre, 26-27, 918 
Current. See Electric current 
Curtain air bags, 160 
CVD (chemical vapor deposi- 
tion), 830-831 
Cyanide ion 
in aqueous solution, 245, 270 
Lewis structure, 625 
toxicity of, 977 
Cycles per second, 525 
Cyclic hydrocarbons 
aromatic, 1031-1033 
saturated, 1027-1028 
unsaturated, 1030 
See also Benzene 
Cyclobutane, 1028 
decomposition, 721 
Cyclohexane, 1028 
Cyclopropane, 1027-1028 
Cyclotron, 997 
Cysteine, 1051, 1054 
Cytochromes, 974, 977 


Dacron, 1044-1045 

Dalton, John, 8, 18, 19-21, 30, 
158-159, 524, 958 

Dalton’s law of partial pres- 
sures, 158-162 

Dating artifacts and rocks, 
999-1000 

Davis, James H., 861 

Davisson—Germer experiment, 
Sol 

Davy, Humphry, 914 

DDT, fat solubility of, 853 

de Broglie, Louis, 530, 531, 
537, 540 

Debye (unit of dipole moment), 
602 

Debye, Peter, 602 

Decay rate, 993 


Decay series, 992 
Decimal point 
in exponential notation, Al 
significant figures and, A13 
Definite proportion, law of, 18 
Degenerate orbitals, $57, 563 
Dehydrating agents 
sulfuric acid, 915, 922 
tetraphosphorus decoxide, 
CATT 
Delocalization of electrons, 618 
in methane, 691 
molecular orbitals and, 688- 
690 
resonance and, 627 
Democritus, 16, 524 
Denaturation of proteins, 1055 
Denitrification, 910 
Density 
crystal structure and, 798 
determination of, A10-A11 
of gas, molar mass and, 158 
within group of elements, 
580, 581 
of nucleus, 988 
of states of matter, 782 
Dental cavities, 330, 475 
Deoxyribonucleic acid (DNA), 
1060-1063 
entropic ordering of, 428 
of extremophiles, 761 
Dependent variable, A4 
Depletion force, 428 
Derivative, as slope, AS 
Desalination, 874-875 
Desorption, 757 
Destructive interference, 530, 
722 
Detergents, hard water and, 
256, 901 
Deuterium, fusion of, 1008 
Dextrorotatory isomer, 960 
DHA (dihydroxyacetone), 
1056 
Dialysis, 873 
Diamagnetism, 683-684, 686 
of complex ions, 966 
of hemoglobin, 976 
Diamond, 793, 794, 803, 805 
manufacture of, 443, 805, 
830-831 
Diaphragm cell, 510 
Diatomic molecules 
bond order, 679-680 
early observations of, 20 
heat capacity and, 369 
heteronuclear, 686-688, 
700-701 
homonuclear, 680-686 
moment of inertia, 700 
potential energy, 696-697 
Diborane, 902 
Dichromate ion, 949 
Dicyclopentadiene, 1048 
Diethyl ether, vaporization of, 
824, 825 


Diethyl zinc, paper decomposi- 
tion and, 6 
Differential rate law, 724-728, 
737-738 
Diffraction, 530, 792-793 
Diffractometer, 793 
Diffusion, 170, 171-174 
Digital voltmeter, 477, 484 
Dihydroxyacetone (DHA), 
1056 
Dilute solution, 852 
Dilution of solutions, 104-105 
Dimensional analysis, A1S 
Dimer, 1044 
Dimethylamine, 257 
Dinitrogen monoxide. See 
Nitrous oxide 
Dinitrogen pentoxide, 914 
decomposition rate, 725, 
729-731, 752-753 
Dinitrogen tetroxide, 911, 
Ag 
Dinitrogen trioxide, 912, 914 
Dinosaurs, 184 
Dioxygen difluoride, 926 
Dipeptide, 1050 
Dipole-dipole forces, 783-784 
in proteins, 1054 
See also Hydrogen bonding 
Dipole moments, 602-606 
induced, 784-785 
instantaneous, 784-785 
percent ionic character and, 
614 
rotational transitions and, 
700 
VSEPR model and, 649 
Diprotic acids, 244 
Dirac, Paul, 574 
Disaccharides, 1058 
Dispersion forces. See London 
dispersion forces 
Dispersions, colloidal, 877-879 
Disproportionation reaction, 
926 
Dissociation constant. See Acid 
dissociation constant (K,); 
Ion-product constant (K,,) 
Disulfide linkage, 1055 
Division 
in exponential notation, Al- 
A2 
significant figures, A13 
DNA (deoxyribonucleic acid), 
1060-1063 
entropic ordering of, 428 
of extremophiles, 761 
Dobereiner, Johann, 560 
Doping of semiconductors, 
811, 813, 814 
d orbitals, 554, 556, 571 
in coordination compounds, 
963, 964-972 
in Group 6A bonding, 918 
hybrid orbitals and, 670- 
676 


octet rule and, 629, 631, 
632, 635, 670-671 
of transition metals, 940, 
941, 943-944, 945-946 
Double bonds 
in alkenes, 1029-1030, 1031 
alternating, 695 
bond energies, 618-619 
bond lengths, 619 
sigma and pi bonds of, 668 
vibrational frequency of, 699 
in VSEPR model, 645-647, 
649, 650 
See also Ethylene 
Doublet, 703 
Downs cell, 508-509 
Drake, Edwin, 390 
Dry cell batteries, 494-497 
Dry ice 
in complex ions, 963 
dsp hybridization, 670-672 
d’sp> hybridization, 672- 
673, 674 
dsp> hybridization, 670-672 
lattice structure, 815-816 
sublimation, 825, 833 
Dual nature of light, 529-530 
Ductility of metals, 34, 794, 
800 
steels, 801-802 
Duet rule, 623 
du Pont, Eleuthére, 538 
Dysprosium, 941 


E85, fuel, 401 
Ecamsule, 526 
EDTA (ethylenediaminetetra- 
acet-ate), 954 
Effective nuclear charge, 559 
atomic radius and, 578 
Effective pairs, 646-647, 649, 
650 
hybrid orbitals and, 667, 
668, 669, 671, 674 
Efficiency, of galvanic cell, 484 
Effusion, 170-171, 173 
Eiffel, Gustave, 498 
Einstein, Albert, 528-529, 532, 
574, 1002, 1009 
Ekasilicon, 560 
Elastic collisions, 164, 165 
Electrical conductivity, 97-100 
of aqueous solutions, 97, 
97-100 
band model and, 801 
of carbon nanotubes, 835- 
836 
of graphene, 804 
of graphite, 804 
of metals, 34, 794, 800 
of molten ionic compounds, 
614 
of silicon, 811 
superconductivity, 806-807 
See also Electric current; 
Semiconductors 


Electrical insulator, 803 
Electrical potential. See Cell 
Potential 
Electric charge. See Charge 
Electric current 
in electrolytic cell, 503 
in galvanic cell, 474-476, 
483-484 
in molten ionic compound, 
614 
in motor, 456 
See also Electrical 
conductivity 
Electric field 
bond polarity and, 600, 604 
colloid in, 878 
of electromagnetic radiation, 
524 
Electric power. See Energy 
sources 
Electrochemistry 
batteries, 456, 488, 493-497 
corrosion and, 497-502, 
$05, S08 
defined, 474 
dental application of, 475 
standard reduction poten- 
tials, 477-483, A24 
window application of, 494— 
495 
See also Electrolysis; Gal- 
vanic cells 
Electrodes 
of galvanic cell, 476, 481- 
482 
ion-selective, 489 
Electrolysis, 502-506 
in alkali metal production, 
896 
in aluminum production, 
506-507 
for cleaning silver, 505 
defined, 502 
in electrorefining, 507-508 
in galvanic cell, 502 
in metal plating, 503, 504, 
508 
of mixtures of ions, 504, 506 
of sodium chloride, 508-510 
of water, 397-398, 504, 898 
Electrolytes, 97-100 
coagulation by, 878-879 
colligative properties of, 
875-876 
ion pairing in, 876 
Electrolytic cell, 502, 503 
Electromagnetic force, 1009 
Electromagnetic radiation, 
524-526 
blackbody, 527 
classification of, 525, 526 
diffraction of, 530, 792-793 
hydrogen spectrum, 531- 
537. 
quantum theory of, 527- 
WS, S22) SY 


See also Gamma rays; Infra- 
red radiation; Lasers; 
Light; Microwave radia- 
tion; Photons; Spectros- 
copy; Ultraviolet radiation 

Electromotive force (emf), 476, 
483 
Electron(s), 29 

early experiments on, 24-25 

photoelectric emission of, 
528-529 

relativistic mass of, 574-575 

wave properties of, 530-531, 
537, 540, 542 

See also Beta (3) particles; 
Valence electrons 

Electron acceptor, 128 
Electron affinity, 576-577, 579 
Electron capture, 991 
Electron configurations, 562- 
569 
Electron correlation problem 
for atoms, 558-559, 569 
for molecules, 676 
Electron-deficient compounds 
of beryllium, 629 
of boron, 628, 903 
Electron delocalization, 618 

in methane, 691 

molecular orbitals and, 688- 
690 

resonance and, 627 

Electron density map, 552 
Electron donor, 128 
Electronegativity, 600-602 
bonding in covalent hydrides 
and, 783 

formal charge and, 634-635, 
636 

of halogens, 923 

percent ionic character and, 
613-614 

Electronic spectroscopy, 692- 
696 
Electronic transitions, 693 
in Bohr model, 534, 535, 537 
Electron-pair acceptor, 953 
Electron-pair donor, 953 
Electron(s), 29 

early experiments on, 24-25 

photoelectric emission of, 
§28-529 

relativistic mass of, 574-575 

wave properties of, 530-531, 
537, 540, 542 

See also Beta () particles; 
Valence electrons 

Electron sea model, 800 

Electron spin, $57-558, 574- 
Sf) 

chemical shift and, 704, 705 

Electron spin quantum number, 
558 

Electron-volts (eV), 572 

Electrorefining, 507-508 

Electrostatic precipitator, 879 
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Electrostatic repulsion, in col- 
loids, 877-878 
Elementary steps, 739, 744 
Elements 
abundances of, 895-896 
ancient Greek system, 16, 
149 
Boyle’s definition of, 16 
Dalton’s atomic theory 
and, 19 
enthalpy of formation, 386— 
387 
in human body, 895-896 
oxidation state of, 126 
representative, 566, 579, 
892-896 
standard free energy of for- 
mation, 443-444, A19- 
A21 
standard state, 384, 385-386 
symbols for, 30, 988 
synthesis in stars, 994, 1008 
transformations of, 996-998 
transuranium, 998 
See also Groups; Isotopes; 
Periodic table 
Elephant poaching, 55 
Elevation. See Altitude 
emf (electromotive force)., 476, 
483 
See also Cell potential 
Emission spectrum 
electron spin and, 557-558 
of fireworks, 536-537 
of hydrogen, 531-532, 533, 
SBS) 
Empirical formula, 66-67, 69 
en (ethylenediamine), 954 
Enantiomers, 960, 962 
Endothermic process, 363, 364 
enthalpy change in, 367-368 
entropy change, 432, 433 
equilibrium constant for, 
227, 453 
equilibrium positions of, 
227-228 
vaporization as, 822 
Endpoint of indicator, 120, 
321-326 
in oxidation—reduction, 135- 
136 
See also Equivalence point 
Energy, 361-367 
of activation, 749-753 
chemical, 362-367 
conservation of, 361, 363, 
364, 413 
constant-volume calorimetry 
and, 379-381 
defined, 361 
of electromagnetic radiation, 
525-526 
equivalence to mass, 529, 
990-991, 1002-1005, 
1009 
as form of matter, 531 
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Energy (continued) 
internal, 364-367, 379-381 
minimized in bonding, 597- 
598, 666, 673-674, 679 
quantization of, 527-529, 
532, 535, 540, 545, 547 
as state function, 362, 374, 
426 
transfer of, 361-362 
useful, 413 
See also Bond energy; Free 
energy; Heat; Ionization 
energies; Kinetic energy; 
Potential energy 
Energy crisis, 457 
Energy levels 
hybridization and, 665, 666, 
667, 669 
of hydrogen atom, 532, 
534-535, 550, 557 
of molecular orbitals, 677— 
678 
molecular spectroscopy and, 
692-695, 697, 700 
of particle in a box, 546-549 
of polyelectronic atoms, 
570-571 
Energy sources 
hydrogen as, 380-381, 396, 
397-400 
new, 394-401 
present, 389-393 
solar ponds, 854 
See also Batteries; Fossil 
fuels 
English system, 9, A14 
Enthalpy, 367-368 
calorimetry and, 374-379 
entropy change and, 434 
heat at constant pressure 
and, 367, 455 
of ideal gas, 370-374, 445 
as state function, 367, 374 
Enthalpy of formation, 384- 
389 
bond energies and, 620 
defined, 384 
of elements, 386-387 
table of values, 385, A19- 
A21 
Enthalpy of fusion, 826 
compared to heat of vapor- 
ization, 782 
entropy change and, 430 
Enthalpy of hydration, 855 
of halide ions, 924-925 
Enthalpy of reaction, 368 
bond energies and, 619-621 
calorimetry and, 374-379 
from enthalpies of forma- 
tion, 385-389 
as extensive property, 382 
from Hess’s law, 381-384 
key concepts, 386 
Enthalpy of solution, 853-856 
Raoult’s law and, 866-868 
temperature and, 860 


Enthalpy of vaporization, 822, 
825 
compared to heat of fusion, 
782 
entropy change at, 430-431 
Entropy 
absolute, 439-440 
changes of state and, 429- 
431, 432, 439 
in chemical reactions, 437- 
440 
defined, 415, 426-429 
disorder and, 416, 438, 439 
in electrochemical process, 
484 
of ideal gas, 426-429, 445 
molecular structure and, 440 
as organizing force, 428 
pressure dependence of, 445 
probability and, 416-419, 
426-429, 432, 438-439, 
445 
second law and, 428, 431, 
457 
spontaneity and, 415-419, 
431-435, 484 
standard values, 439-440, 
A19-A21 
as state function, 440 
temperature dependence of, 
429-430, 439 
Entropy of hydration, 855- 
858 
of halide ions, 924-925 
Entropy of solution, 418-419, 
855-858 
Entropy of vaporization, 430- 
431, 432, 824, 825 
Enzymes, 753, 758-759, 761 
in fermentation, 1035 
in polysaccharide digestion, 
1060 
See also Proteins 
Ephedrine, 259 
Equation of state, 154 
Equations, chemical, 69-71 
balancing, 70-73 
for oxidation—-reduction, 
128-135 
for reactions in solution, 
111-114 
Equations, radioactive decay, 
988-989 
Equatorial hybrid orbitals, 
671 
Equilibrium, chemical 
characteristics of, 204-207 
defined, 204 
of electrochemical cell, 488, 
490) 
entropy and, 432, 436 
free energy and, 436, 445, 
447-448 
heterogeneous, 213-214 
homogeneous, 213 
law of mass action, 207- 
210; 2135245 


Le Chatelier’s principle and, 
222-228 
of real gases, 228-229 
Equilibrium constant (K), 207— 
210 
applications of, 214-217 
electrochemical measure- 
ment of, 490, 491-492 
extent of reaction and, 214 
free energy change and, 449- 
453 
reaction quotient and, 215- 
216, 217, 218, 223, 450 
for redox reactions, 490 
small, 220-222 
for sum of stepwise reac- 
tions, 345-346 
temperature dependence of, 
226-228, 452-453 
in terms of pressures, 210- 
213, 214, 228-229 
units of, 209, 212-213 
See also Acid dissociation 
constant (K,); Solubility 
product (K,,) 
Equilibrium expression, 207— 
208, 209 
involving pressures, 210- 
212, 213-214 
involving pure solids or lig- 
uids, 213-214, 330-331 
Equilibrium partial pressures, 
210-212 
Equilibrium position 
concentration and, 222-224 
defined, 210 
free energy and, 448-450 
pressure and, 224-226 
solubility and, 330-332 
summary, 227-228 
temperature and, 226-227 
volume and, 224-226 
Equilibrium problems, 214- 
prp1)) 
finding concentrations or 
pressures, 216-217 
reaction quotients in, 215- 
2G ils 2 23 
with small equilibrium con- 
stants, 220-222 
summary of procedure, 218 
See also Acid-base equilibria 
problems 
Equilibrium vapor pressure, 
823 
See also Vapor pressure 
Equivalence point, 119-120, 
310, 318 
indicator endpoint and, 120, 
321-322, 324-326 
methods for determining, 
321-322 
pH value at, 310, 315-316, 
317-318 
for polyprotic acid, 326- 
321, 328 
Error limit, A9, A10, A12 


Esters, 1038-1039 
Ethane, 1021, 1022 
Ethanol, 1035 
as fuel, 401, 1035S 
as nonelectrolyte, 100 
reactions of, 1039 
solubility in water, 97 
vapor pressure, 823, 824 
Ethene, 1029 
Ethylamine, 257, 258 
Ethylene, 1021, 1029 
bonding in, 666-668, 1029 
from cyclobutane, 721 
ethanol synthesis from, 
1035 
hydrogenation of, 755 
polymers based on, 1042- 
1044, 1045-1049 
Ethylenediamine (en), 954 
Ethylenediaminetetraacetate 
(EDTA), 954 
Ethylene glycol, 870-871, 
1036, 1044 
Ethyl group, 1024 
Ethyne, 1029-1030 
eV (electron-volts), 572 
Evaporation. See Vaporization 
Exact numbers, A13 
Excited states 
of hydrogen atom, 531, 
534-535, 557 
of molecules, 695, 696 
of nuclei, 991 
Excluded-volume force, 428 
Exclusion principle, 556, 563 
Exothermic process, 363 
enthalpy change in, 367-368 
entropy change, 432, 433, 
434, 436 
equilibrium constant for, 
227, 452-453 
free energy change, 436-437 
Expansion of a gas 
isothermal, 419-423, 424- 
426 
probability and, 416-418, 
426-429 
work associated with, 365, 
366 
See also PV work 
Expected bond energy, 601 
Experimental uncertainty, A7— 
A12 
Experiments, 8, 9 
Explosives 
in fireworks, 538-539 
nitrogen compounds, 10, 
125, 207, 684-685, 809, 
908-909, 910 
plastic, detection of, 809 
screening of luggage, 125 
tagging of, 42-43 
Exponential notation, A1l-A3 
Extensive property 
enthalpy change as, 382 
entropy as, 440 
free energy as, 442 


Extinction coefficient, A17 
Extremophiles, 761 
Extremozymes, 761 


Face-centered cubic lattice, 
790, 795, 796, 798-799 
holes in, 820-821 
Families. See Groups of peri- 
odic table 
Faraday (unit of charge), 484 
Faraday, Michael, 484 
Fat-soluble vitamins, 859 
Feldspar, 811 
Femtochemistry, 721 
Fermentation, 401, 1035 
Ferric ion, 37 
Ferrochrome, 947 
Ferrous ion, 37 
Ferrovanadium, 947 
Fertilizers 
ammonia in, 909, 911 
nitrogen in, 10, 909, 910 
phosphorus in, 917, 922 
Fibrous proteins, 1049, 1052 
Fire extinguisher, 833 
Fire retardants, for PVC, 14 
Firewalking, 383 
Fireworks, 527-528, 538-539 
First ionization energy, 571- 
576 
First law of thermodynamics, 
364, 365, 413 
First-order rate laws 
for chemical reactions, 725, 
729-733 
for radioactive decay, 993, 
995, 1000 
Fisher, Mel, 505 
Fission, nuclear, 990, 1005— 
1008, 1011 
5% rule, 250-251 
Flame test, for alkali metal 
ions, 341-342 
Fluids, supercritical, 857 
Fluorapatite, 330 
Fluoride ion 
hydration of, 924-925 
tooth decay and, 330 
Fluorine, 35 
atomic radius, 894-895 
electron affinity, 577, 894 
electron configuration, 564 
ionization energy, 575-576 
molecular structure, 623, 
684, 894 
oxidation state, 124, 126 
oxygen compounds with, 
925-926 
physical properties, 923 
preparation of, 923 
sources of, 923 
uranium enrichment and, 
172-174 
Fluorite structure, 821 
f orbitals 


of hydrogen atom, 553, 554, 


556-557 


of polyelectronic atoms, 566, 
568, 570 
of transition elements, 940, 
941, 946 
Force 
chemical bond and, 599, 
615, 697-698 
defined, 165 
electromagnetic, 1009 
entropic, 428 
gravitational, 19, 1009 
nuclear, 1008, 1009 
pressure and, 150, 164, 166, 
365-366 
work done by, 362, 365-366 
See also Intermolecular 
forces 
Formal charge, 631, 633-636 
Formation constants, 342 
Formula, 30-31 
determination of, 64-69 
for hydrated salt, 117 
from name of compound, 
42-44 
Formula weight, 61 
Forward bias, 812, 815 
Fossil fuels, 361, 390-391 
air pollution and, 361, 760, 
920 
carbon dioxide and, 391, 
392-393, 861 
entropy and, 457 
See also Coal; Petroleum 
Fractional (partial) charge, 96, 
600, 603 
See also Polar covalent bonds 
Francium, 35, 580 
Franklin, Benjamin, 16 
Frasch, Herman, 920 
Frasch process, 920 
Free energy, 435—437 
chemical reactions and, 441- 
452 
electrochemical, 485-487, 
488, 490 
equilibrium and, 436, 445, 
447-448 
of formation, 443-444, 
A19-A21 
hydrogen halide dissociation 
and, 924-925 
pressure dependence of, 
445-448 
solubility and, 855-856 
standard, 441-445 
as state function, 442 
work and, 454-455 
Free expansion, of ideal gas, 
420 
Free radicals 
in polymerization, 1043- 
1044 
radiation-induced, 1010 
titanium dioxide and, 754 
Freezing point 
of noble gases, 785 
See also Ice; Melting point 


Freezing-point depression, 
870-871 
of electrolyte solutions, 875, 
876 
Frenkel defects, 821-822 
Freons, 762, 1027 
See also Chlorofluorocar- 
bons (CFCs) 
Frequency 
of molecular vibration, 697— 
698 
of quantized radiation, 527- 
530 
of rotational transitions, 
700 
of wave, 524-525 
Frequency factor, in rate con- 
stant, 751 
Frictional heating, 362 
in galvanic cell, 484 
in motor, 456 
Fructose, 1057, 1058 
Fry, Art, 1 
Fuel cells, 496, 497 
Full, Robert J., 786 
Fullerenes, 793, 802, 815-816, 
835 
Functional groups, 1034 
Fusion, nuclear, 1005, 1008 
in stars, 994, 1008 


Galileo, 10, 149 
Gallium, 565, 581, 902, 903 
Gallium arsenide lasers, 810 
Galvani, Luigi, 477 
Galvanic cells, 474-477 
batteries, 456, 488, 493-497 
compared to electrolytic 
cells, 502-503 
concentration cells, 490-492 
concentrations and, 486— 
492 
defined, 476 
equilibrium state of, 488, 
490 
fuel cells, 497 
full description of, 481-483 
standard reduction poten- 
tials of, 477-483, A24 
thermodynamics of, 483- 
486 
work done by, 476, 483-485 
Galvanizing, 501, 952 
Gamma rays, 26, 991 
cellular damage by, 1010 
in radiation therapy, 1001 
in thermal neutron analysis, 
125 
Gas centrifuges, uranium 
enrichment, 174 
Gas chromatography, 113 
Gas constant, 154, 167 
Gaseous diffusion, 170, 171- 
174 
Gases, 149-187 
Avogadro’s law (hypothesis), 
AAD, Pils WSs) 
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Boyle’s law, 150-152, 153, 
155 
Charles’s law, 152-153, 155 
in chemical equations, 69-70 
Dalton’s law of partial pres- 
sures, 158-162 
diffusion of, 170, 171-174 
early experiments, 149-150 
effusion of, 170-171, 173 
equilibria involving, 210- 
213, 214, 224-226, 228- 
229 
kinetic molecular theory of, 
162-170, 171, 174-175, 
178-180 
mixing of, 170, 171-174 
mixtures of, 158-162 
molar concentration, 210 
molar mass, 158 
molar volume, 156-157 
PV work and, 365-369, 
377-379, 425-426, 454, 
455 
real, 152, 157, 176-182, 
228-229 
separating with molecular 
sieve, 163 
solubility of, 859-860, 861- 
862 
standard state, 384 
standard temperature and 
pressure, 156, 157 
state of, 154 
stoichiometry of, 156-158 
See also Atmosphere; Ideal 
gas; Le Chatelier’s princi- 
ple; Pressure 
Gasohol, 401, 1035 
Gasoline, 390-391 
air pollution and, 183 
hydrogen as by-product of, 
898 
lead in, 390-391, 760, 906 
methanol compared to, 388- 
389 
methanol converted to, 397 
octane ratings, 74 
viscosity of, 787 
Gay-Lussac, Charles, 740 
Gay-Lussac, Joseph, 19-20, 21 
Geckos, 786 
Geiger—Miiller counter, 998 
Gein, Andre, 804 
Gemstones, 973 
Gene, 1062 
General theory of relativity, 529 
Genetic radiation damage, 1010 
Geoengineering, 394 
Geometrical isomerism, 957, 
960-962, 1029-1030 
Germanium, 560, 561, 892, 
904, 906 
Geubelle, Philippe, 1048 
Gibbs, Josiah Willard, 435 
Glass 
carbon dioxide in form of, 


808 
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Glass (continued) 
composition of, 806-807 
etching of, 925 
liquid meniscus in, 787 
photochromic, 927 
structure of, 790, 806-807 

Glass electrode, 489 

Global warming, 185, 361, 

392-393, 394 
nitrous oxide and, 912-913 
sequestration of carbon 
dioxide and, 392 
Globular proteins, 1049-1050, 
1054 

Glucose 
cyclization of, 1058, 1059 
fermentation of, 1035 
polymers of, 1059-1060 
radiolabeled, 1001 
in sucrose, 1058 

Gluons, 1009 

Glycerol, viscosity of, 787 

Glycogen, 1059, 1060 

Glycoside linkages, 1059-1060 

Gold 
acid solution of, 486 
corrosion and, 499 
electron configuration, 575 
nanoparticles of, 835 
oxidation and, 497, 499 
physical properties, 574 
relativistic effects in, 574— 

5/5) 

Goodyear, Charles, 1042 

Gorelli, Federico, 808 

Goudsmit, Samuel, 557 

Grafting, of polymers, 1049 

Graham, Thomas, 171 

Graham’s law of effusion, 171, 

Ws) 

Grains, crystalline, 834 

Granquist, Claes-Goran, 494 

Graphene, 804 

Graphing functions, A4-AS 

Graphite, 793, 802, 803-805 
diamonds made from, 443, 

805, 830-831 
in pencils, 599 

Gravimetric analysis, 116-118 

Gravitons, 1009 

Gravity 
as fundamental force, 1009 
photons affected by, 529 
weight and, 19 

Gray (unit of radiation dose), 

1010 
Gray tin, 904 
Greenhouse effect, 392-393, 
861 
nitrous oxide and, 912-913 

Gresham, T. L., 13 

Gross, Leo, 22 

Ground state 
of hydrogen atom, 534, 535, 

S37, OSH 
zero-point energy of, 548 


Group 1A elements. See Alkali 
metals; Hydrogen 
Group 2A elements. See Alka- 
line earth metals 
Group 3A elements, 902-903 
See also Aluminum; Boron 
Group 4A elements, 904-906 
See also Carbon; Lead; Sili- 
con; Tin 
Group SA elements, 906-907 
See also Nitrogen; 
Phosphorus 
Group 6A elements, 918 
See also Oxygen; Sulfur 
Group 7A elements. See 
Halogens 
Group 8A elements. See Noble 
gases 
Groups of periodic table, 35, 
580, 892 
atomic radii in, 578-579, 
893-895 
ionization energies in, 573- 
576 
metallic character in, 892 
valence electrons and, 564, 
566 
Guericke, Otto von, 149 
Guldberg, Cato Maximilian, 
207, 208 
Gypsum, 920 
acid rain and, 187 


Haber, Fritz, 207, 222, 755 
Haber process, 207, 754, 909 
biological nitrogen fixation 
and, 910 
catalysis in, 755, 909 
diagram of, 909 
equilibrium of, 207, 208— 
209, 222-223 
production of hydrogen for, 
76, 898 
See also Ammonia synthesis 
Hadrons, 1009 
Hafnium, 569, 946 
Half-cell potential. See Cell 
potential 
Half-life 
first-order reaction, 731-733 
name origin, 28 
radioactive sample, 995-996 
second-order reaction, 733, 
735 
transuranium elements, 998 
zero-order reaction, 736 
Half-reaction method, 130- 
135 
Half-reactions, 130 
in galvanic cell, 474, 477- 
483 
Halide ions, hydration of, 924- 
925 
Hall, Charles Martin, 506 
Hall effect, 804 
Hall—Heroult process, 506, 507 


Halogenation 
of saturated hydrocarbons, 
OZ? 
of unsaturated hydrocar- 
bons, 1031 
Halogens (Group 7A), 35, 
923-926 
electron affinities, 577 
oxyacids of, 925-926 
physical properties, 922, 
923, 924 
preparation of, 923 
sources of, 923 
See also Chlorine; Fluorine; 
Hydrochloric acid; Hydro- 
fluoric acid 
Hamiltonian operator, 540, 
543, 544 
Hard water, 256, 901-902 
Harmonic oscillator, 696-697 
Hassium, 36 
hcp (hexagonal closest packed) 
structure 
in ionic solids, 816 
in metals, 794, 795, 799 
HDPE (high-density polyethy- 
lene), 1045, 1046 
Heat 
adiabatic process and, 457 
calorimetry, 374-381 
conduction by metals, 794, 
800, 801 
at constant pressure, 367, 
STARS YS AAS») 
at constant volume, 371, 
379 
in cyclic expansion— 
compression, 425-426 
defined, 362 
energy transfer and, 361, 
362 
frictional, 362, 456, 484 
internal energy and, 364, 
366-367 
pathway-dependence of, 
426 
pollution by, 861 
sign convention for, 364-365 
vs. temperature, 362 
as wasted energy, 456, 484 
See also Exothermic process; 
Temperature 
Heat capacity 
at constant pressure, 368— 
oy 
at constant volume, 368— 
371 
defined, 374 
firewalking and, 383 
of ideal gas, 368-374 
molar, 368-371, 375 
of polyatomic gas, 369 
specific, 375 
temperature dependence of, 
439 
Heating curve, 826-827 


Heat of fusion, 826 
compared to heat of vapor- 
ization, 782 
entropy change and, 430 
Heat of hydration, 855 
of halide ions, 924-925 
Heat of reaction. See Enthalpy 
of reaction 
Heat of solution, 853-856 
Raoult’s law and, 866, 867- 
868 
temperature and, 860 
Heat of vaporization, 822, 
824-826 
compared to heat of fusion, 
782 
entropy change at, 431 
Heat packs, 400 
Heisenberg, Werner, 537, 540 
Heisenberg uncertainty princi- 
ple, 540-542 
wave function and, 552, 557 
zero-point energy and, 548 
Helical structure 
of DNA, 1062, 1063 
of proteins, 1052, 1053-1054 
Helium, 35, 926, 928 
electron configuration, 562 
Lewis structure, 623 
molecular orbital model, 679 
from nuclear fusion, 1008 
quantum mechanical model 
of, 558-560, 569 
Helium ion, 558-559, 679-680 
Helium nuclei 
fusion in stars, 994 
from radioactive decay, 990 
See also Alpha (qa) particles 
Helmont, Jan Baptista van, 149 
Heme complex, 974-976 
Hemoglobin, 976-977 
nitric oxide and, 689 
Henderson—Hasselbalch equa- 
tion, 300 
indicator color change and, 
323-324 
Henry, William, 860 
Henry’s law, 860 
Lake Nyos tragedy and, 863 
Heroult, Paul, 506 
Hertz (Hz), 525 
Hess’s law, 381-384 
Heterogeneous catalysis, 754, 
755, 757, 760 
Heterogeneous equilibria, 213- 
214 
Heteronuclear diatomic mole- 
cules, 686-688 
rotational spectra, 700-701 
Hetrick, John W., 160 
Heuer, Arthur, 791 
Hexadentate ligand, 954 
Hexagonal closest packed 
(hep) structure 
in ionic solids, 816 
in metals, 794, 795, 799 


Hexoses, 1055, 1057 
High altitude. See Altitude 
High-altitude sickness, 977 
high-density polyethylene 
(HDPE), 1045, 1046 
High-spin case, 966, 969, 972 
Hill, Julian, 1041 
Ho, Wilson, 744 
Hodgkin, Dorothy, 63 
Holes 
in closest packing, 816-821 
of semiconductor, 811, 814 
on surface of copper, 797 
Homogeneous catalysis, 754, 
758-759, 760, 762 
Homogeneous equilibria, 213 
Homogeneous mixtures. See 
Solutions 
Homonuclear diatomic mole- 
cules, 680-686 
Homopolymer, 1044 
Honeybees, 364 
Hong, Byung Hee, 804 
Hund, F. H., 563 
Hund’s rule, 563 
Hybridization, 665 
Hybrid orbitals, 664-676 
in complex ions, 963-964 
dsp*, 670-672 
d2sp3, 672-673 
dsp, 670-672 
sp, 668-670 
sp*, 666-668, 669 
sp3, 664-666, 671-672, 691 
summary, 674 
Hydrated salt, formula for, 
1 2 
Hydration, 96 
acidity of hydrated ion, 271, 
PTD 
of alkali metal ions, 582 
enthalpy of, 855 
entropy of, 856-858 
of halide ions, 924-925 
of proton, 241, 242, 245 
Hydraulic fracturing, 391 
Hydrazine, 911 
Hydride ion, 899 
Hydrides, 899-900 
boiling points of, 783, 784 
of boron, 902-903 
of Group 6A elements, 918 
metallic, 399-400, 899-900 
hydro- (prefix), 44 
Hydrocarbon derivatives, 
1033-1040 
alcohols, 1034-1037 
aldehydes, 1037-1038 
amines, 259, 1039-1040 
carboxylic acids, 1038-1039 
esters, 1038-1039 
ketones, 1037-1038 
Hydrocarbons 
aromatic, 1031-1033 
in petroleum, 390 
saturated, 1020-1028 


unsaturated, 755, 1020- 
1021, 1029-1033 
Hydrochloric acid, 98, 99, 241, 
243, 924 
in aqua regia, 346, 486, 948 
PH calculations, 248-249 
reaction with sodium 
hydroxide, 118 
See also Hydrogen chloride 
Hydrofluoric acid, 924-925 
equilibria with, 249-250 
See also Hydrogen fluoride 
Hydrogen 
chemical properties, 898-900 
commercial preparation of, 
896, 898 
as diatomic ion, 680 
as diatomic molecule, bond- 
ing in, 597-599, 623, 
676-679 
as fuel, 380, 396, 397-400, 
497, 900 
in interstitial hydrides, 899- 
900 
isotopes, 56, 1008 
nonmetallic character of, 35, 
580, 892, 893, 899 
nuclear magnetic resonance 
with, 701-706 
oxidation state of, 126 
physical properties, 898 
as real gas, 181, 182 
in stars, 994, 1008 
Hydrogenation reactions, 755- 
756, 1031 
Hydrogen atom 
Bohr model, 533-535, 537, 
540, 550, 553 
electron configuration, 562 
emission spectrum, 531-532, 
533.035) 
energy levels, 532, 534-535, 
So 0 Po s7 
orbitals, 540, 543, 551-557, 
569 
particle in a box and, 543 
quantum numbers, 549-551, 
553-554, 569 
summary, 557 
uncertainty principle and, 
541-542, 552, 557 
wave equation, 543, 549- 
Soil 
Hydrogen bonding, 783-784 
in alcohols, 1035 
in ammonia, 911 
in hydrazine, 911 
in hydrogen fluoride, 924 
in nonideal solutions, 866, 
867 
in nucleic acids, 1062, 1063 
in nylon, 1041 
in proteins, 1052, 1053, 1054 
viscosity and, 787 
in water, 783-784, 816, 822, 
823-824, 825, 826, 899 


Hydrogen chloride, 923-925 
dipole moment, 605 
dissolved in water, 241, 860 
infrared spectrum of, 698 
microwave spectrum of, 

700-701 
reaction with ammonia, 
(71072042 
See also Hydrochloric acid 
Hydrogen-chlorine cannon, 
3} 
Hydrogen electrode, standard, 
478 

Hydrogen fluoride, 923-926 

bond polarity, 600, 602-603, 
688 

enthalpy of formation, 619- 
620 

molecular orbital model, 
687-688 

Hydrogen halides, 923-925 
See also Hydrogen chloride; 

Hydrogen fluoride 

Hydrogen ions 

Arrhenius acid concept and, 
98-99, 118, 241 

hydrated, 241, 242, 245 

of paper, 4-6 

from water, 244-245, 248- 
249, 275-280, 302-305 

See also Acids 

Hydrogen sulfide 
dipole moment, 606 
solubility equilibria and, 

339, 341, 346 
Hydrogen sulfites, 922 
Hydrohalic acids, 244, 924- 

925 

Hydronium ion, 241-242, 245 

Hydrophilic side chains, 1050 

Hydrophilic substances, 859 

Hydrophobic side chains, 1050 

Hydrophobic substances, 859 

Hydroxide ions 
from autoionization of 

water, 245-246, 256-257 

from base reacting with 

water, 99-100, 257, 269 

reaction with weak acid, 

118, 122-123 

from strong base, 99, 118, 
PA3)) 
titration with, 120 

Hydroxides 
of alkali metals, 255, 256- 

D Sv: 

of alkaline earth metals, 
255-256 
solubility in water, 109 

Hydroxyapatite, 330 

Hydroxyl group, 1034 
characteristic vibration, 

698 
Hydroxyl radical, 754, 1043- 

1044 
Hyperconjugation, 631, 632 
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Hypertonic solutions, 873 
Hypervitaminosis, 859 
hypo- (prefix), 39 
Hypochlorite ion, 926 
Hypochlorous acid, 244, 926 
Hypofluorous acid, 925, 926 
Hypophosphorous acid, 917 
Hypotheses, 3, 8, 9 
Hypotonic solution, 873 
Hz (Hertz), 525 


-ic (suffix), 37, 44 
Ice 
biological effects of, 878 
density, 832, 899 
melting, 435-436, 782, 826, 
829, 832 
structure of, 815, 816, 899 
sublimation, 830, 833 
vapor pressure, 827 
Ice skating, 832 
ICE table, 217 
Ideal gas 
adiabatic expansion— 
compression, 457-460 
defined, 151 
enthalpy of, 370-374, 445 
entropy of, 426-429, 445 
expansion into vacuum, 
416-418 
free energy of, 445-447 
free energy of combustion, 
445-448 
free expansion of, 420 
heat capacity, 368-374 
internal energy of, 369-374 
isothermal expansion and 
compression, 419-426 
kinetic energy of, 163-164, 
167, 368, 369 
kinetic molecular theory of, 
162-170, 174-175 
molar mass, 158 
molar volume, 156-157 
partial pressures, 158-162 
Ideal gas law, 153-156 
derivation of, 164-167 
Ideal solutions, 866 
Idziaczek, Zbigniew, 740 
Ilmenite, 947 
Independent variable, A4 
Indicators, acid—base, 119-120, 
321-326 
chart of pH ranges, 325 
Indium, 562, 902, 903 
Industrial chemistry, 10-14 
Inert atmosphere box, 907, 
908 
Inert gases 
nitrogen as, 907, 909 
noble gases and, 643 
See also Noble gases 
Infrared radiation, 525 
climate and, 392 
vibrational spectroscopy 
and, 693, 697-699 
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Initial rates, method of, 726—- 
728, 738 
Insects 
cockroach identification, 113 
plant cooperation with, 
1021 
plant defenses against, 646 
semiochemicals and, 646- 
647 
“Insoluble,” 110 
Instantaneous rate, 720 
Insulators, electrical, 803 
Integrated circuits, 812-813 
Integrated rate law, 724, 729- 
738 
first-order, 729-733, 993, 
995, 1000 
with multiple reactants, 
736-737 
for radioactive decay, 993, 
995, 1000 
second-order, 727, 733-735, 
Wo) 
summary, 737-738 
zero-order, 735-736 
Intensive property, 480-481 
Intercept, A4 
Interference of waves, 530, 792 
Intermediate, 739, 743 
femtosecond studies of, 721 
scanning tunneling micro- 
scope studies of, 744 
in steady-state approxima- 
tion, 746-748 
Intermolecular collisions, 176— 
178 
Intermolecular forces, 783-785 
dipole-dipole, 783-784 
in liquids, 785-789 
in molecular solids, 815-816 
in real gases, 176-178, 181- 
182 
vapor pressure and, 823- 
824 
See also Hydrogen bonding; 
London dispersion forces 
Internal energy, 364-367 
constant-volume calorimetry 
and, 379-381 
enthalpy and, 367 
of ideal gas, 369-374 
as state function, 374 
Interstitial alloys, 801-802 
of titanium, 948 
Interstitial hydrides, 899 
Iodine, 35, 923, 924, 925 
electron configuration, 577 
oxidation state, 126 
sublimation, 825 
Iodine-131, 990, 1001 
Ion(s), 31-33 
electrolysis of mixtures of, 
504, 506 
in electrolytes, 97-100 
energy of interaction of, 597 
independence in solution, 96, 
106 


naming of, 36-39 
oxidation states of, 126 
polyatomic, 32, 39, 614 
separating mixtures of, 112- 
114, 338-342, 346-347 
sizes of, 608-609 
spectator, 111-112 
See also Complex ions; 
Hydration 
Ion-exchange resin, 901-902 
Ionic bonding, 31-33, 597, 600 
electronegativity and, 601- 
602 
hyperconjugation and, 632 
partial ionic character, 613- 
614 
in proteins, 1054 
Ionic compounds, 31, 32-33, 
597 
crystal structures, 793, 794, 
816-821 
defined, 614 
electron configurations in, 
606-608 
formation of, 609-613 
gas phase of, 606, 614 
hydrides, 899 
K,, values, 331 
lattice defects, 821-822 
lattice energy, 610-613 
Lewis structures, 622 
molar mass for, 60-61 
names of, 36-39, 40, 41, 
42-44 
polar solvents for, 853, 856 
predicting formulas of, 606- 
608 
solubility in water, 96, 330, 
856-858 
X-ray diffraction by, 530 
See also Salts; Solubility 
Ionic equation 
complete, 111-112 
net, 111-112 
Ionic hydrides, 899 
Ionic liquids, 861 
Ionic radii, 608-609 
Ionic solids. See Ionic com- 
pounds; Salts 
Ion interchange, 110 
Ionization energies, 571-576 
of alkali metals, 573-574, 
580, 581 
electronegativity and, 602 
of metals vs. nonmetals, 579 
of transition metals, 944 
Ionization potential, 572 
Ion pairing, 335, 876 
Ion product, 336-337 
Ion-product constant (K,,), 246 
relation to K, and K,, 269- 
270 
weak acid solutions and, 
275-280 
Ion(s), 31-33 
electrolysis of mixtures of, 
504, 506 


in electrolytes, 97-100 
energy of interaction of, 597 
independence in solution, 96, 
106 
naming of, 36-39 
oxidation states of, 126 
polyatomic, 32, 39, 614 
separating mixtures of, 112- 
114, 338-342, 346-347 
sizes of, 608-609 
spectator, 111-112 
See also Complex ions; 
Hydration 
Ion-selective electrodes, 489- 
490 
Iridium, 946, 1001 
Iron, 943, 950 
abundance, 895 
in biological systems, 974- 
DT 
corrosion, 451-452, 497, 
499-502, 950 
electron configuration, 566 
formed in stars, 994 
in heat packs, 400 
ores of, 136 
protective oxide coating on, 
498 
Iron oxide 
in Haber process catalyst, 
909 
protective coating of, 498 
as rust, 500, 950 
Irreversible processes, 425— 
426, 455-457 
See also Spontaneous pro- 
cesses 
Isobutane, 1023 
Isoelectronic ions, sizes of, 
608-609 
Isomer, defined, 956 
Isomerism 
in alkanes, 1023-1026 
in alkenes, 1029 
cis—trans, 957, 960-962, 
1029 
in complex ions, 956-963 
coordination, 956-957, 958 
geometrical, 957, 960-962, 
1028-1030 
linkage, 956-957 
optical, 957-963, 1057- 
1058 
of pharmaceuticals, 962-963 
stereoisomerism, 957-963, 
1029, 1057-1058 
structural, 956-957, 1022- 
1026 
Isotactic chain, 1047 
Isothermal process 
defined, 419 
expansion and compression, 
419-429, 460 
Isotonic solutions, 873, 874 
Isotopes, 29-30 
atomic masses and, 54-57 
for labeling explosives, 42-43 


mass spectrometry of, 
54-55, 56-67 
separation of, 173-174 
-ite (suffix), 39, 44 


Joliot, Frederick, 996 
Jorgensen, Sophus Mads, 958 
Joule 

conversion from L atm, 168, 

366 

defined, 168 

of electrical work, 476, 483 
Juglone, 646 
Juhl, Daniel, 396 
Julienne, Paul, 740 
Jumper cables, 493 
Junction potential, 814 
Junction transistor, 812 


K. See Equilibrium constant 
(K) 
K,,. See Acid dissociation con- 
stant (K,) 
K,, 257-258 
relation to K,, 269-270, 
DLYDD 
salt solutions and, 269-270, 
DIA IND 
table of values, A23 
K,,. See Solubility product (K.,) 
K,, (ion-product constant), 
246 
relation to K, and Ky, 269- 
270 
weak acid solutions and, 
275-280 
Kairomones, 646-647 
Kaolinite, 811 
Keith, David, 394 
Kekulé, F. August, 21 
Kelvin temperature 
conversion from Celsius, 
IS? 
kinetic energy of gas parti- 
cles and, 163, 167-168, 
368, 369 
See also Temperature 
Kenny, Jonathan, 692 
Kerogen, 400 
Kerosene, 390 
Ketones, 1037-1038 
Kidney, artificial, 873 
Kinetic energy 
of electrons in hydrogen 
molecule, 598 
Hamiltonian operator for, 
543, 544 
heat and, 362, 363 
of ideal gas, 163-164, 167, 
368, 369 
internal energy and, 364 
of particle in a box, 544 
potential energy and, 361- 
362, 413 
of reacting molecules, 749 
temperature and, 163, 167- 
168, 368, 369, 824-825 


Kinetic molecular theory of 
gases, 162-170 
collision rate and, 174-175 
effusion and, 170-171 
ideal gas law and, 164-167 
postulates of, 163 
real gases and, 176, 178-180 
temperature and, 163, 167- 
170 
velocity distribution and, 
169-170 
Kinetics, chemical 
definition of reaction rate, 
G20 723: 
determining form of rate 
law, 725-728 
differential rate laws, 724- 
728, 737-738 
equilibrium and, 214 
first-order, 725, 729-733, 
993, 995, 1000 
half-life, 731-733, 735, 736 
instantaneous rate law, 720 
integrated rate laws, 724, 
729-738 
introduction to rate laws, 
722-724 
introduction to reaction 
rates, 718-722 
mechanisms and, 718, 721, 
739-748 
model for, 749-753 
with multiple reactants, 
736-737, 738 
noninteger order, 745 
pseudo-first-order, 737 
rate-determining step, 741- 
742, 745 
second-order, 727, 733-735, 
739 
spontaneity and, 718 
summary, 737-738 
temperature dependence of, 
749-753 
vs. thermodynamics, 413-415 
zero-order, 735-736 
Kinetics of radioactive decay, 
992-993, 995-996, 1000 
Kinetic stability, 443, 830, 831 
of nucleus, 988 
Koopmans’ theorem, 572 
Krypton, 35, $65, 928, 929 
Kuznicki, Steven, 163 


Lackner, Klaus, 394 
Lactic acid, 254-255 
Lake Nyos tragedy, 863 
Lanthanide contraction, 946 
Lanthanide series, 565-566, 
568, 892, 940, 941 
atomic radii, 945-946 
Lanthanum, 941 
Laser cooling, 740 
Lasers 
in atomic clock, 536 
in electronic spectroscopy, 


695-696 


in femtochemistry, 721 
gallium arsenide, 810 
nuclear fusion and, 1008 
in protein mass determina- 
tion, 60 
in proton radius determina- 
tion, 550 
in X-ray spectroscopy, 741 
Lattice, 789-790 
Lattice defects, 821-822 
Lattice energy, 610-613 
Lauterbur, Paul, 706 
Lavoisier, Antoine, 10, 17, 506, 
524, 538 
Law of conservation of energy, 
361, 363, 364, 413 
Law of conservation of mass, 
Sella 
Law of definite proportion, 18 
Law of mass action, 207-210, 
PIAS PZ INS) 
Law of multiple proportions, 
18-19 
Law of partial pressures, 158- 
162 
Laws of nature, 8, 162 
LDPE (low-density polyethy- 
lene), 1045 
Lead, 904, 905-906 
age of rocks and, 1000 
colorimetric test for, 340 
in gasoline, 390-391, 760, 
906 
in stabilizers for PVC, 13 
Leading zeros, A12 
Lead poisoning, 905-906, 954 
Lead storage battery, 493-494, 
906 
Le Chatelier, Henri, 222 
Le ChAatelier’s principle, 222- 
228 
concentration and, 222-224 
for electrochemical cell, 
486-487, 488 
energy and, 227 
pressure and, 224-226 
summary, 228 
temperature and, 226-227 
volume and, 224-226 
Leclanché, George, 494 
LE model. See Localized elec- 
tron (LE) model 
Lenton, Timothy, 394 
Leptons, 1009 
Leucippus, 524 
Levorotatory isomer, 960 
Lewis, G. N., 616, 622, 953 
Lewis acid-base concept, 953 
complex ions and, 942, 952, 
953, 963 
Group SA elements and, 
907 
Lewis structures, 622-624 
of electron-deficient com- 
pounds, 627-628, 629 
with extra electrons, 628- 
631, 632, 634-635 


formal charge and, 631, 
633-636 
hyperconjugation and, 631, 
632 
with odd number of elec- 
trons, 631 
resonance and, 626-627, 
632, 634-636 
summary, 623, 629 
validity of, 636 
VSEPR model and, 639 
Libby, Willard, 999 
Ligand field model, 972 
Ligands, 952-954 
defined, 342, 942, 953 
d-orbital splitting and, 965— 
969, 971-972 
equilibria involving, 342- 
347 
nomenclature, 954-956 
See also Complex ions 
Light 
continuous spectrum of, 
531-532 
diffraction of, 530 
dual nature of, 529-530 
electronic spectroscopy and, 
692-696 
photocatalysis and, 754 
photoelectric effect, 528-529 
polarized, 957, 959-962 
scattering by particles, 877 
speed of, 524-525 
See also Colors; Electromag- 
netic radiation 
Lightning, nitrogen oxides and, 


“Like dissolves like,” 97, 853, 
856, 858 
Lime. See Calcium oxide (lime) 
Lime-soda process, 256 
Limestone 
cave formation in, 293, 336 
for scrubbing, 186 
See also Calcium carbonate 
Limiting reactant, 76-82 
Lin, Liwei, 836 
Linear accelerator, 997 
Linear complex ions, 953, 963, 
964, 969-970 
Linear equations, A4 
Linear low-density polyethyl- 
ene, 1045 
Linear molecules 
hybrid orbitals for, 669, 674 
with polar bonds, 604, 605 
rotational states, 699-701 
VSEPR model, 637, 641, 
642, 645 
Line spectrum, 532, 535-536 
Linkage isomerism, 956-957 
Liquefaction of air, 896, 919 
Liquid-liquid solutions, 866- 
868 
Liquids, 782, 785-789 
activity of, 213-214 
in chemical equations, 70 
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ionic, 861 
standard state, 384 
vapor pressure of, 822-828 
See also Solutions 
Liter (L), A15 
Lithium, 35, 580-583, 897 
atomic radius, 893 
electron configuration, 562- 
563 
ionization energy, 574 
molecular orbital model, 
680-681 
for mood disorders, 582 
reaction with water, 582- 
583, 897, 899 
See also Alkali metals 
Lithium fluoride 
crystal structure, 611, 612 
lattice energy, 610-611 
Lithium-ion batteries, 496— 
497 
Livesag, Richard, 42 
Lobes, of orbitals, 554-555, 
556 
Localized electron (LE) model, 
621 
combined with molecular 
orbitals, 688-690 
of complex ions, 963-964 
exceptions to octet rule and, 
627634 
hybrid orbitals and, 664- 
676 
limitations of, 676, 688 
resonance and, 627 
summary, 673-674 
Logarithms, A3-A4 
of exponential equation, 
AS 
significant figures for, 247 
London dispersion forces, 784- 
785 
in ethane, 1035 
gecko adhesion and, 786 
in molecular solids, 816 
in proteins, 1054 
vapor pressure and, 823 
Lone pairs, 621 
in Lewis structures, 623, 
633, 635 
of ligands, 953 
in VSEPR model, 639, 640, 
650 
Longbottom, Chris, 475 
Lowry, Thomas M., 118, 
241 
Low-spin case, 966, 972 
Lysis, 873 


Magic numbers, 990 

Magnesium, 35, 900-902 
band model of crystal, 800 
in chlorophyll, 974 
electron configuration, 564 
ionization energy, 576 

Magnesium hydroxide, 256, 

335-336 
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Magnesium oxide 
lattice energy, 612 
paper decomposition and, 
6, 7 
Magnetic field 
of electromagnetic radiation, 
524 
nuclear spin and, 701-703 
Magnetic quantum number, 
550, 551, 553-554 
Magnetic resonance imaging 
(MRI), 706 
Magnetism. See Diamagnetism; 
Paramagnetism 
Magnetite, 127 
Magnetorheological (MR) 
fluid, 788 
Magnets, 941 
Maillard, Louis-Camille, 1056 
Maillard reaction, 1056 
Main-group elements. See Rep- 
resentative elements 
Major species, 248, 249, 281 
Malleability of metals, 34, 794, 
800 
steels, 801-802 
Manganese, 565, 944, 949-950 
Manganese nodules, 949 
Manometer, 149-150 
Mansfield, Peter, 706 
Marble, 186-187 
Mars Climate Orbiter, 9 
Masel, Richard, 496 
Mass 
atomic, 19-24, 54-57 
conservation of, 8, 17 
of electron, 24, 25, 29 
equivalence to energy, 529, 
990-991, 1002-1005, 
1009 
of reactants and products, 
73-82 
reduced, 697, 700 
relativistic increase in, 574 
vs. weight, 19 
See also Molar mass 
Mass action, law of, 207-210, 
MAB), 2 ALS) 
Mass defect, 1002, 1004 
Mass number, 30, 988, 989, 
990 
Mass percent, 62-64 
chemical formula and, 
64-69 
in solution, 852 
Mass spectrometer, 54, 55, 56 
for molar mass determina- 
tion, 60 
for radiocarbon dating, 1000 
Material balance equation, 276 
Matrix-assisted laser desorp- 
tion, 60 
Maxwell, James C., 169 
Maxwell-Boltzmann distribu- 
tion law, 169, 176 
Mean, AY 
Mean free path, 169, 177-178 


Measurements, 8 
uncertainties in, A7—A12 
units of, A14-A16 

Measuring pipet, 105 

Mechanisms. See Reaction 

mechanisms 
Median, A9-A10 
Medicine 
artificial kidney in, 873 
magnetic resonance imaging 
in, 706 
nanotechnology in, 835, 837 
radioactivity in, 1001 
See also Cancer 
Melting point, 826, 827 
of alkali metals, 580-581 
enthalpy change at, 430, 
782, 826 

entropy change at, 430 

free energy change at, 435- 
436 

freezing-point depression, 
870-871 

of noble gases, 785 

normal, 828, 829 

pressure dependence of, 
832-833 

relativistic effects on, 574- 
SIS 

vapor pressure at, 827-828 

Mendeleev, Dmitri Ivanovich, 
26, 36, 560, 561, 564 
Meniscus, 787 
Mercury 
convex meniscus of, 787 
electron configuration, 575 
melting point, 574, 575 
pressure measurements and, 
149-150 

relativistic effects on, 574— 
575 

in superconductors, 806, 807 

Mercury barometer, 149, 823 

Mercury cell 
for calculator, 495 
for electrolysis of brine, 

509-510 

Mescaline, 259 

Messenger RNA, 1063, 1064 

Metallic hydrides, 399-400, 

899-900 
Metalloids, 580, 892 
Metallurgy, 16, 896 
Metals, 34, 579-580, 892 
bonding in, 800-801 
corrosion of, 451-452, 497- 
502, 505, 508 

crystal structure, 794-800 

electrorefining of, 507-508 

hydrides of, 399-400, 899- 
900 

ionic compounds with non- 
metals, 606-608 

names of, 37-38 

noble, 497, 499, 506, 508, 
942 

ores of, 506, 896 


photoelectric effect with, 
526-527 

physical properties, 34, 794, 
800 


plating of, 500-501, 501, 
503, 504, 508 
reactions with nonmetals, 
581 
surface motions in, 797 
See also Alkali metals; Alka- 
line earth metals; Alloys; 
Transition metals 
meta- substituents, 1032 
Methane 
bond energy, 618 
bond polarities, 605-606 
chlorination of, 1027 
from coal conversion, 395 
combustion of, 123, 127- 
128, 362-363, 380-381, 
385-386, 413, 497 
for fuel cells, 497 
as greenhouse gas, 392 
in hydrogen preparation, 
896, 898 
molar mass of, 59-60 
in natural gas, 163, 390 
reaction with water, 76 
as real gas, 181-182 
sp? orbitals for, 664-666, 
691, 1021 
stability of bonding in, 615, 
617 
VSEPR model, 638, 640 
Methanol, 1035 
enthalpy of combustion, 
388-389 
free energy of combustion, 
444 
fuel cells powered by, 496, 
497 
molecular structure, 649-— 
650 
oxidation states in combus- 
tion, 128-129 
state-of-the art detection of, 
DES 
from syngas, 397 
uses of, 397, 1035 
Method of initial rates, 726— 
728, 738 
Methylamine, 257, 258, 260 
Methyl chloride, bonding in, 
615-616 
Methylene group, 1022 
Methyl group, 1024 
Methyl red, 326 
Metric system, 9, A14 
MeV (million electron-volts), 
1003 
Meyer, Julius Lothar, 560 
Microstates, 417-418, 426-427 
Microwave radiation, 525-526 
in atomic clock, 536 
cooking with, 525-526, 693 
rotational spectroscopy and, 
693, 700-701 


Milk of magnesia, 336 
Millikan, Robert, 25 
Milliliter (mL), A1S 
Millimeters of mercury, 149- 
150 
Millimole (mmol), 309 
Mineral acids, 98 
Minor species, 248 
Minton, Allen, 428 
Mirror images, nonsuperim- 
posable, 959-962, 1057 
Mixtures. See Solutions; Sus- 
pensions 
mm Hg, 149-150 
Models, 8, 9, 617 
chemical bond, 615-618 
of gases, 162-170 
hybrid orbitals, 666, 669- 
670 
of ions, 32, 34 
for kinetics, 163-170, 749- 
TE, 
of molecules, 31 
orbitals, 691-692 
Moderator, of nuclear reactor, 
1007 
Molal boiling-point elevation 
constant, 869 
Molal freezing-point depres- 
sion constant, 870-871 
Molality, 852 
Molar absorptivity, A16—A17 
Molar concentration of gas, 
210 
Molar heat capacity 
defined, 368, 375 
of ideal gas, 368-371 
PV work and, 365-366 
Molarity, 101-102, 852 
in millimoles per mL, 309 
temperature dependence of, 
852 
Molar mass, 59-61 
from boiling-point elevation, 
869 
from density of gas, 158 
from freezing-point depres- 
sion, 871 
molecular formula from, 
66-67 
from osmotic pressure, 871- 
873 
of polymers, 1045-1047 
of proteins, 60, 872-873 
from vapor pressure, 865- 
866 
Molar volume of gas, 156-157 
Mole (mol), 57-59 
Molecular equation, 111-112 
Molecular formula, 66-67, 69 
Molecularity, 739 
Molecular orbitals (MOs), 
676-680 
combined with localized 
electron model, 688-690 
of complex ions, 970-972 
of diamond, 803 


of graphite, 803-804 
heteronuclear diatomic, 
686-688 
homonuclear diatomic, 680- 
686 
of hydrogen, 676-679 
of metals, 800-801 
of nitric oxide, 913 
paramagnetism and, 683- 
686 
resonance and, 688-690 
of silicon, 811, 814 
Molecular orientations, in col- 
lision, 751 
Molecular sieves, 125, 163 
Molecular solids, 793, 815-816 
Molecular spectroscopy. See 
Spectroscopy, molecular 
Molecular structure. See 
VSEPR model 
Molecular weight, 60 
of polymer, 1046-1047 
Molecules, 30-31, 740 
Mole fraction 
defined, 159 
partial pressure and, 159 
in solution, 852 
Mole ratio, 73 
limiting reactant and, 78-80 
Molybdenum, 946 
Moment of inertia, 700, 701 
Momentum 
of gas particles, 165 
of photon, 529 
uncertainty principle and, 
S40-542 
wavelength and, 530 
Monoclinic sulfur, 921 
Monodentate ligands, 953 
Monomers, 1040, 1047 
Monoprotic acids, K, values of, 
243-245, A22 
Monosaccharides, 1055-1059 
in nucleic acids, 1061 
Moore, Jeffrey, 1048 
Morse potential, 697 
MR (magnetorheological) 
fluid, 788 
MRI (magnetic resonance 
imaging), 706 
Multiple bonds. See Double 
bonds; Triple bonds 
Multiple proportions, law of, 
18-19 
Multiplication 
in exponential notation, 
A1-A2 
significant figures, A13 
Mulvihill, Gene, 705 
Muon, 550 
Myoglobin, 974-975, 1053- 
1054 


Names of compounds, 35—44 
acids, 44 
coordination compounds, 
954-956 


covalent compounds, 39-40, 
41 
flowcharts for, 38, 40, 41, 44 
formulas from, 42—44 
ionic compounds, 36-39, 40, 
42-44 
Nanocrystalline materials, 834 
Nanogenerators, 836 
Nanotechnology, 22, 835-837 
defined, 835 
safety concerns with, 837 
surface motions and, 797 
ultrasound and, 181 
Nanotubes, carbon, 835-836, 
837 
Naphthalene, 1033 
Natta, Giulio, 1045 
Natural gas, 390, 391 
hydrogen derived from, 397, 
896 
separating nitrogen from, 
163 
treatment with ionic liquid, 
861 
Natural law, 8, 162 
Natural logarithms, A-5, A4 
Neodymium, 941 
Neon, 35, 56, 928 
electron configuration, 564 
freezing point, 785 
ionization energy, 573, 576 
Lewis structures, 623 
molecular orbital theory 
and, 686 
Nernst, Walter Hermann von, 
487 
Nernst equation 
for concentration cell, 487- 
488 
equilibrium constant from, 
490 
Net ionic equation, 111-112 
Network solids, 802 
carbon as, 802-805 
phosphorus as, 916 
silicon as, 805-807 
Neutralization reaction, 119 
Neutral solutions 
defined, 246 
of salts, 268, 272-273 
Neutrons, 29-30, 988 
in atomic structure, 29 
bombardment with, 996- 
998, 1005 
fission and, 1005-1006, 
1007, 1008 
nuclear stability and, 989- 
99 0R9 911 
quark structure of, 1009 
in stellar nucleosynthesis, 994 
in thermal neutron analysis, 
125 
Newlands, John, 560 
Newton, Isaac, 524 
Nickel, 565, 943, 950-951 
Nickel-cadmium battery, 495 
Nicotine, 646 


Niobium, 946 
Nitrate ion 
ball-and-stick model, 32, 34 
Lewis structures, 627, 688 
molecular orbital model, 690 
VSEPR model, 645-647 
Nitrates 
in soil, 909-910 
solubility in water, 109 
Nitric acid, 98-99, 243, 915 
in acid rain, 186 
in aqua regia, 346, 486, 948 
concentrated, 915 
Nitric oxide, 689, 913 
biological roles, 689 
from combustion in vehicles, 
LSS) 60h 625.909 
localized electron model and, 
631 
molecular orbital model, 
686-687, 913 
naming of, 40 
in nitric acid synthesis, 914— 
915 
nitrogen dioxide and, 689, 
718-720, 722-723 
ozone and, 760, 762 
paramagnetism of, 687, 913 
reaction with hydrogen, 
746-748 
Nitrite anion 
electronic structure, 627 
as ligand, 957 
Nitrite salts, 915 
Nitrito ligand, 957 
Nitrogen, 906-915 
commercial preparation of, 
896 
electron affinity, 577 
electron configuration, 564 
explosive compounds, 10, 
125, 207, 684-685, 809, 
908-909, 910 
in fertilizers, 10, 909, 911 
as inert gas, 907, 908 
ionization energy, 573, 575 
molecular structure, 670, 
684, 894, 907-908 
new ion discovery, 910 
oxidation state, 124, 126, 
Ot. 
oxyacids of, 914-915 
as real gas, 181-182 
Nitrogen cycle, 910 
Nitrogen dioxide 
in acid rain formation, 186—- 
187 
air pollution and, 183, 186, 
695, 760, 909 
in automobile engine, 909 
dimerization equilibrium, 
204 
localized electron model and, 
631 
in nitric acid synthesis, 915 
rate of decomposition, 718— 
7200722724 
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reaction mechanisms with, 
739-743 
Nitrogen fixation, 909-910 
Nitrogen hydrides, 911-912 
See also Ammonia 
Nitrogen monoxide. See Nitric 
oxide 
Nitrogen oxides, 912-914 
air pollution and, 183, 186, 
909 
lightning-associated, 909 
naming of, 40 
titanium dioxide and, 754 
See also specific oxides 
Nitroglycerin, 908-909 
Nitrosyl ion, 913 
Nitrous acid, 186, 244, 915 
Nitrous oxide, 912-913, 914 
decomposition rate, 736 
naming of, 40 
NMR (nuclear magnetic reso- 
nance) spectroscopy, 701- 
706 
Noble gas electron configura- 
tions, 606, 607-608, 622, 
623, 673 
Noble gases (Group 8A), 35, 
926 
compounds of, 636, 643- 
645, 673, 675-676, 926, 
928-929 
freezing points, 785 
ionization energies, 573 
London dispersion forces in, 
784-785 
Noble metals, 497, 499, 506, 
508, 942 
Nodal surfaces, 554 
Nodes 
of hydrogen orbitals, 554 
of particle-in-a-box wave 
function, 548 
Nonbonding orbitals, 971 
Nonelectrolytes, 97-98, 100 
Nonideal gases. See Real 
gases 
Nonideal solutions, 866-868 
Nonmetals, 35, 579, 892 
binary covalent compounds 
of, 39-40, 41 
covalent bonding of, 3S, 
606 
ionic compounds with met- 
als, 606-608 
preparation of, 896 
reactions with metals, 581 
Nonpolar molecules, disper- 
sion forces of, 784, 785 
Nonpolar side chains, 1050, 
1051 
Nonpolar solvents, 853, 856 
supercritical carbon dioxide, 
857 
Nonstoichiometric compounds, 
822 
interstitial hydrides, 899 
Norepinephrine, 259 
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Normal boiling point, 828, 
829-830 
Normal hydrocarbons, 1020- 
1023 
Normal melting point, 828, 
829 
Normal modes, 698 
Nose, electronic, 648 
Novocaine, 259 
Novoseloy, Konstantin, 804 
n—p-n junction, 812, 813 
n-type semiconductor, 810, 
811, 812, 813, 814 
Nuclear atom, 27-28 
Nuclear charge 
effective, 559, 578 
shielding from, 571, 572- 
576, 578 
Nuclear fission, 990, 1005- 
1008 
Nuclear fusion, 1005, 1008 
in stars, 994, 1008 
Nuclear magnetic resonance 
(NMR) spectroscopy, 
701-706 
Nuclear physics, 1009 
Nuclear reactors, 1006-1008, 
1011 
uranium enrichment for, 
172-174 
Nuclear spin, 701-706 
Nuclear stability, 988-990, 
1002-1005 
Nuclear transformations, 996- 
998 
Nuclear waste, 1011 
Nucleic acids, 4, 1060-1064 
Nucleosynthesis, stellar, 988, 
1008 
Nucleotides, 1061-1062 
Nucleus, 29-30 
density of, 988 
forces in, 1008, 1009 
Rutherford experiment, 
27-28, 988 
size of, 988 
See also Radioactivity 
Nuclides 
defined, 988 
half-lives of, 993, 995— 
996 
stability of, 988, 989 
Nylon, 1041, 1044, 1046 











-oate (suffix), 1039 
Observations, 8, 9, A14 
Octahedral complexes, 953, 
958 
crystal field model, 964-968, 
969 
geometrical isomerism in, 
957 
hybrid orbital, 963 
molecular orbital model, 
970-972 
VSEPR model and, 963 
Octahedral holes, 817-821 


Octahedral structures 
with Group SA elements, 
907 
hybrid orbitals for, 673, 
674 
VSEPR model, 642, 643 
Octane ratings, 74 
Octaves, 560 
Octet rule, 623, 624-625 
electron-deficient compounds 
and, 628, 629, 903 
exceptions to, 627-636 
extra electrons and, 628— 
631, 632, 634, 668 
formal charge and, 635 
hyperconjugation and, 631, 
632 
odd-electron molecules and, 
631 
summary, 629 
Odd-electron molecules, 631 
Odors, 646-647, 648 
Oelert, Walter, 992 
-oic (suffix), 1038 
Oil seeds, 401 
Oil shale, 400 
-ol (suffix), 1034 
-one (suffix), 1038 
Operator, Hamiltonian, 540, 
543, 544 
Optical isomerism, 957-963 
of monosaccharides, 1057- 
1058 
Orbital diagram, 562 
Orbitals, 540 
complex, 550-551, 554, 
569 
exclusion principle and, 556, 
563 
filling of, 562-569, 570-571 
as human models, 691-692 
of hydrogen atom, 540, 543, 
551-557, 569 
ionization energy and, 572- 
575 
of polyelectronic atoms, 559, 
569-571 
size of, 553, 557 
See also Hybrid orbitals; 
Molecular orbitals (MOs) 
Orbits, in Bohr model, 533- 
535, 537, 540 
Order 
of overall reaction, 727 
of reactant, 723 
Ores 
of metals, 506, 896 
of sulfur, 920 
Organic acids, 244, 1038-1039 
Organic chemistry, 1020 
See also Biomolecules; 
Hydrocarbon derivatives; 
Hydrocarbons 
Orthophosphoric acid. See 
Phosphoric acid 
ortho- substituents, 1032 
Osmium, 946 


Osmosis 
defined, 871 
reverse, 874-875 
Osmotic pressure, 871-875 
of electrolyte solutions, 876 
glucose storage and, 1060 
Ostwald process, 914-915 
-ous (suffix), 37, 44 
Overall reaction order, 727 
Overvoltage, 504, 506, 509 
Oxalate ligand, 954 
Oxidation 
at anode of galvanic cell, 
476 
corrosion of metals, 451- 
452, 497-502, 505, 508 
defined, 128, 474 
of iron in heat pack, 400 
Oxidation half-reaction, 131- 
132, 474 
Oxidation numbers. See Oxi- 
dation states 
Oxidation—reduction reactions, 
106, 123-124, 126-128 
in acidic solution, 130-132, 
135-136 
balancing equations for, 
128-135, 480-481 
in basic solution, 132-135 
electrochemical. (See Gal- 
vanic cells) 
equilibrium constants for, 
490 
in fireworks, 538-539 
of metals with nonmetals, 
581 
Oxidation-reduction titrations, 
135-136 
Oxidation states, 123-124, 
126-127 
compared to formal charge, 
633, 636 
in coordination compounds, 
952, 954-956 
of nitrogen, 124, 126, 912 
noninteger, 127 
of phosphorus, 916 
rules for, 126-127 
of transition metals, 943, 
944 
Oxidation states method, 128- 
130 
Oxide ion, 577, 606-607, 893 
Oxides 
of alkaline earth metals, 
893-894 
of fluorine, 926 
minerals as, 918 
of phosphorus, 916-917 
of sulfur, 921-922 
Oxidizing agent, 128, 474, 
476 
Oxyacids, 244 
of halogens, 925-926 
of nitrogen, 914-915 
of phosphorus, 917 
of sulfur, 922 


Oxyanions 
of halogens, 925-926 
names of, 39, 44 
Oxygen, 918, 919-920 
abundance, 895-896 
in atmosphere, 182, 183, 184 
biological role, 974-977 
bonding properties, 894 
commercial preparation of, 
896 
early research on, 16, 17 
electron affinity, 576-577 
electron configuration, 564 
ionization energy, 573, 575 
liquid, 685, 919 
molecular orbital model, 
683-685 
oxidation states, 126 
paramagnetism of, 685, 686, 
VG 
silicon compounds with, 
805-806, 808, 894 
Oxygen difluoride, 926 
Oxytocin, 1052 
Ozone, 919-920 
decomposition rate, 743- 
744 
nitric oxide and, 760, 762 
resonance structures, 688 
in smog formation, 183, 695 
Ozone layer, 182, 919-920 
depletion of, 695, 762, 1027 
Ozonolysis, 919 


Paint 
lead-based, 905-906 
polymers added to, 428 
for rust prevention, 501 
titanium dioxide in, 754, 946 
Palladium, 946 
antitumor compound of, 960 
economic importance, 940 
interstitial hydride of, 899 
p-Aminobenzoic acid, 526 
Paper 
acid decomposition of, 3-7 
titanium dioxide in, 754, 946 
Paracelsus, 16 
Paramagnetism, 683-686 
complex ions, 966 
hemoglobin, 976 
nitric oxide, 687, 913 
nitrogen dioxide, 913 
oxygen, 685, 686, 919 
Partial (fractional) charge, 96, 
600, 603 
See also Polar covalent bonds 
Partial ionic character, 613-614 
Partial pressures, 158-162 
at equilibrium, 210-213 
liquid-liquid solutions and, 
866-867 
Particle accelerators, 36, 992, 
996-997, 1009 
Particle in a box, 543-549 
conjugated molecules and, 
695 


Particles 
classical view of, 527 
modern classification of, 
1009 
wave properties of, 531, 
537, 540, 542 
Pascal (unit of pressure), 150 
Pasteur, Louis, 959 
Pathway dependence, 362, 
421, 426 
Patina, 499, 951 
Pauli, Wolfgang, 558 
Pauli exclusion principle, 558, 
564 
Pauling, Linus, 600, 601, 602, 
616 
Pencils, 599 
Penetration effect, 574-575 
Pentacene, 22 
Pentoses, 1057-1058 
in nucleic acids, 106i 
Peptide linkage, 1050, 1063- 
1064 
per- (prefix), 39 
Percent composition, 62-64 
Percent dissociation, 253-255 
common ion effect with, 
294-295 
Percent ionic character, 614 
Percent yield, 80 
Perchlorate ion, 926 
Perchloric acid, 243, 244, 
925 
Periodic table, 34-35, 892 
atomic radius and, 578-579, 
893-895, 945-946 
electron affinity and, 576- 
SRIIAD 
filling of orbitals and, 562- 
569, 570 
history of, 560-562 
information contained in, 
579 
ionic sizes and, 608-609 
ionization energy and, 571- 
576, S79, 944 
new form of, 567 
transition metals in, 565, 
566, 940-943 
transuranium elements, 
998 
valence electrons and, 564, 
565, 566, 892 
See also Elements; Groups 
Periods, 35 
Permanent waving, 1055 
Permanganate ion, 136, 950 
in galvanic cell, 474-475, 
481-482 
in oxidation—reduction reac- 
tions, 131-132, 135-136 
spectrophotometric analysis, 
A18-A19 
Perovskites, 806 
Peroxides, 126 
PET (positron emission tomog- 
raphy), 1001 


Petroleum, 390-391 
air pollution and, 183 
desulfurization of, 760 
residual oil from, 397 
See also Gasoline 
pH, 247-248 
indicator color change and, 
321-326 
of polyprotic acid solutions, 
262-264, 266-268 
in polyprotic acid titrations, 
328-329 
of salt solutions, 268-275 
solubility of ionic solids and, 
335-336, 339 
of strong acid solutions, 
248-249, 280 
of strong base solutions, 
256-257, 280 
water’s contribution to, 275- 
280 
of weak acid solutions, 249- 
253, 275-280 
of weak base solutions, 258, 
260 
See also Buffered solutions; 
pH curve; pH meter 
Phase diagrams 
aqueous solution, 868, 870 
carbon, 831-832 
carbon dioxide, 833 
water, 829-833 
pH curve, 308, 321 
acid strength and, 318 
strong acid-strong base, 311 
weak acid-strong base, 311- 
Sd, Sula SHUG, Shale 
weak base-strong acid, 321 
Phenanthrene, 1033 
Phenol, 1036 
Phenolphthalein, 120, 322, 
326 
Phenyl group, 1032 
Pheromones, 646, 647 
Phlogiston, 16, 17 
pH meter, 247, 489 
equivalence point and, 321 
Phosphate minerals, gravimet- 
ric analysis of, 117-118 
Phosphate rock, 112-118, 917, 
922. 
Phosphate salts, solubility, 109 
Phosphide salts, 916 
Phosphine, 650, 916 
Phosphoric acid, 244, 917 
equilibria of, 262-265 
in nucleic acids, 1061 
titration of, 326-327, 329 
Phosphorous acid, 917 
Phosphorus, 907, 915-917 
bonding properties, 894, 915 
diatomic, 686 
in fertilizers, 917, 922 
ionization energy, 576 
oxides of, 916-917 
oxyacids of, 917 
solid structure, 815, 816 


Phosphorus pentachloride 
hybrid orbitals for, 671-672 
Lewis structures, 629-630, 

Gsiloo2! 

VSEPR model, 643 
Phosphorus pentoxide, 917 
Photochemical smog, 183, 695, 

909 

Photochemistry, 695 
of titanium dioxide, 754 

Photochromic glass, 927 

Photoelectric effect, 528-529 

Photons, 528, 529, 531, 1009 
Bohr model and, 534 

Photosynthesis 
as experimental hydrogen 

source, 398 

fossil fuels, 389 

in grasses vs. trees, 55S 
Physical changes. See Changes 

of state 

Physical states, of reactants 

and products, 70 
Pi (77) bonds, 668, 669-670, 
674-675 

delocalized, 688-690 

of graphite, 803-805 

group properties and, 894, 

904, 907-908, 915-916, 
921 

Pi (77) molecular orbitals, 682- 
683 

Piezoelectric materials, 125, 
836 

Pilot-plant test, 11 

Pi (zr) molecular orbitals, 682— 
683 

Pinatubo, Mount, 394 

Pipet, 105 

Pitchblende, 26-27, 918 
pK, 247 
pK,, 300, 307 

Planck, Max, 527, 529 

Planck’s constant, 527-528, 

540, 544 

Plane-polarized light, 957, 

959-962 

Plasma, cavitation and, 181 

Plasticizers, 13, 14 

Plastics 
blowing agents for, 911-912 
self-healing, 1048 
titanium dioxide in, 946- 

947 

See also Polymers 

Plating of metals, 500-501, 
503, 504, 508 

Platinum, 946 

antitumor compounds of, 
960 

economic importance, 940 

Platinum electrode, 478, 482, 
504 

Platinum group metals, 946 

Platinum surface, reaction on, 
736 

Pleated sheet, 1052, 1053 
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Plum pudding model, 25, 27-28 
Plunkett, Roy, 1042 
Plutonium, 1008 
p-n junction, 814, 815 
p-n-p junction, 812 
pOH, 247 
Pohl, Randolf, 550 
Point defects, 821 
Polar coordinates, 549 
Polar covalent bonds, 600 
dipole-dipole forces and, 
783-784 
electronegativity and, 600- 
602 
of ethanol, 97 
molecular orbitals and, 687— 
688 
partial ionic character of, 
613-614 
of water, 95-96, 600, 899 
See also Dipole moments; 
Hydrogen bonding 
Polarizability, dispersion forces 
and, 785, 824 
Polarized light, 957, 959-962 
Polar liquids, capillary action 
of, 787 
Polar side chains, 1050, 1051 
Polar solvents, 96, 97, 853, 
856, 857 
Polonium, 27, 918 
Polyatomic gas, heat capacity 
of, 369, 370 
Polyatomic ions, 32, 39, 614 
See also Complex ions 
Polycrystalline materials, 834 
Polydentate ligands, 953, 954 
Polyelectronic atoms, 558-560, 
569-571 
Polyester, 1045 
Polyethylene, 1043-1044, 
1045-1047 
Polymers, 12, 1040-1064 
carbohydrates, 1055-1060 
crosslinked, 1042 
entropic forces and, 428 
ethylene-based, 1042-1044, 
1045-1049 
historical development of, 
1040-1042 
ion-exchange resins, 901- 
902 
nucleic acids, 4, 1060-1064 
in paint, 428, 501 
polyvinyl chloride, 12-14 
self-healing, 1048 
types of, 1042-1045 
unsaturated hydrocarbons 
and, 1031-1032 
See also Plastics; Proteins 
Polypeptides, 1050 
Polypropylene, 1047 
Polyprotic acids, 260-268 
characteristics of, 268 
common ion effect with, 294 
table of K, values, A22 
titration of, 326-329 
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Polysaccharides, 1059-1060 
Polystyrene, 1049 
Polyvinyl! chloride (PVC), 
12-14, 1049 
Polyvinylidene fluoride 
(PVDF), 836 
p orbitals, 553-556 
of polyelectronic atoms, 569, 
S71 
Porous disk, 475 
Porphyrin, 974, 975 
Positional probability, 418- 
419, 432, 445 
chemical reactions and, 437- 
439 
Positron, 991, 992 
Positron emission tomography 
(PET), 1001 
Post-it Notes, 11 
Potassium, 35, 580-582, 740, 
897-898 
electron configuration, 564- 
N6osomll 
See also Alkali metals 
Potassium dichromate, 135 
Potassium hydroxide, 99, 255 
Potassium ions, in human 
body, 897-898 
Potassium permanganate, 135- 
136, 1039 
Potassium salts, soluble, 109- 
110 
Potential difference, 483 
See also Cell potential 
Potential energy 
chemical reactions and, 363- 
364, 413, 749-750 
of diatomic molecule, 696— 
697 
Hamiltonian operator and, 
543, 544 
of hydrogen atom, 549 
of hydrogen molecule, 598 
internal energy and, 364 
kinetic energy and, 361-362, 
413 
of particle in a box, 543 
of polyelectronic atom, 558, 
560 
Potentiometer, 477, 484 
of pH meter, 489 
Powers of a number, A2 
Praseodymium, 941 
Precipitate, 106 
gravimetric analysis of, 116— 
118 
Precipitation reactions, 106- 
111, 336-342 
equations for, 111-112 
in qualitative analysis, 114, 
339-342, 344-345, 346- 
347 
in selective precipitation, 
112-114, 338-342, 346- 
347 
stoichiometry of, 114-118 
Precipitator, electrostatic, 879 


Precision, A8—A10, A1l1 
Prediction, 8, 107-109 
Pre-exponential factor, 751 
Pressure 
altitude and, 182 
boiling point and, 832-833 
Boyle’s law and, 150-152, 
MSS), USO) 
collisions with walls and, 
163-164, 166-167, 174 
defined, 150 
enthalpy and, 367, 445 
entropy and, 445 
equilibrium constant in 
terms of, 210-213, 214, 
228-229 
equilibrium position and, 
224-226 
force and, 150, 164, 166, 
365-366 
free energy and, 445-448 
ideal gas law and, 153-156, 
167 
melting point and, 832-833 
partial, 158-162, 210-213, 
866-867 
psi unit for, 1045 
of real gas, 178-182 
solubility and, 859-860 
units of, 149-150 
work and, 365-369, 377- 
379, 419-426, 454, 455 
See also Isothermal process; 
Osmotic pressure; Vapor 
pressure 
Priestley, Joseph, 16-17, 914 
Primary alcohols, 1034, 1038 
Primary amines, 1039 
Primary structure, of protein, 
1049-1050, 1052 
Principal quantum number, 
549-550, 553 
periodic table and, 567 
Probability 
entropy and, 416-419, 426- 
429, 432, 438-439, 445 
of radioactive decay, 988, 
992-993 
wave function and, 545, 
546-547, 552, 676 
Probability distributions 
of hydrogen atomic orbitals, 
552-553, 554-557 
of molecular orbitals, 677 
of particle in a box, 547-548 
of polyelectronic atoms, 571 
Problem solving, 61-62 
conceptual, 61-62, 104 
creativity in, 2-3 
equilibrium, 218-222 
paper decomposition and, 
3-7 
Products, 69-71 
calculation of masses of, 
73-82 
Propane, 1022, 1031 
combustion of, 73-75 


Propene, 1029, 1031 
Propyl group, 1024 
Proteins, 1049-1055 
in calcium carbonate com- 
posite, 791 
enzymatic breakdown of, 758 
heme complex and, 974-976 
ice crystal formation and, 
878 
molar mass determination, 
60, 872-873 
NMR spectroscopy of, 706 
synthesis of, 1062-1063 
See also Enzymes 
Proton acceptor, 118, 241, 242, 
25S ALO, 
Proton donor, 118, 241, 242 
Protons, 29-30, 988 
atomic radii, 550 
fusion of, 1008 
hydration of, 241, 242, 245 
name origin, 28 
nuclear magnetic resonance 
with, 701-706 
nuclear stability and, 989, 
990,991 
quark structure of, 1009 
See also Hydrogen ions 
Proust, Joseph, 17-18 
Pseudo-first-order rate law, 737 
psi (pounds per square inch), 


p-type semiconductors, 812, 
813, 814 
PVC (polyvinyl chloride), 
12-14, 1049 
PVDF (Polyvinylidene fluo- 
ride), 836 
PV work, 366-367 
in calorimetry, 377-379 
heat capacity and, 367-369 
maximum, 426 
maximum useful work and, 
454-455 
Pyramidal structures. See Tri- 
gonal bipyramidal struc- 
tures; Trigonal pyramidal 
structures 
Pyridine, 257, 258 
Pyroaurite, S01 
Pyrolytic cracking, 390, 898 
Pyrophoric substance, 916 


Quadratic equations, AS—A7 

Quadratic formula, AS 

Qualitative analysis, 114, 339- 
342, 344-345, 346-347 

Qualitative observations, 8 

Quantitative observations, 8, 
Al4 

Quantum, 527-528, 529 

Quantum dots, 837 

Quantum electrodynamics, 
550 

Quantum mechanics, 524 

development of wave equa- 

tion, 537-540 


early developments leading 
to, 527-531 
of particle in a box, 543- 
549, 695 
of polyelectronic atoms, 
558-560, 569-571 
probabilistic interpretation 
of, 545, 546-547, 552, 676 
uncertainty principle, 540- 
542, 548, 552, S57 
See also Hydrogen atom 
Quantum numbers 
electron spin, 557-558 
of hydrogen atom, 549-551, 
553-554, 569 
of particle in a box, 547 
of polyelectronic atoms, 570 
rotational, 699-700 
vibrational, 697 
Quarks, 988, 1009 
Quartet signal, 703, 704 
Quartz, 805, 806, 894, 942 


Racemic mixture, 960, 962 
Rad (radiation dose), 1010 
Radial probability distribution 
of hydrogen 1s orbital, 552- 
303 
in polyelectronic atoms, 570, 
7)! 
Radiation, electromagnetic. See 
Electromagnetic radiation 
Radiation hazards, 1008, 
1010-1011 
protein denaturation and, 
1055 
Radiation therapy, 1001 
Radicals. See Free radicals 
Radi 
atomic, 578-579, 785, 893- 
895, 945-946 
ionic, 608-609 
Radioactive decay. See Radio- 
activity 
Radioactive wastes, 1011 
Radioactivity 
for dating ancient articles, 
999-1000 
detection of, 998-999 
discovery of, 26-27 
equations for decay in, 988- 
989 
kinetics of, 992-993, 995— 
996, 1000 
medical applications, 1000- 
1001 
stability of nuclides and, 
988, 989 
types of, 26-27, 990-992 
Radiocarbon dating, 999-1000 
Radiotracers, 1000-1001 
Radium, 27, 35, 569, 901 
Radon, 35 
as biological hazard, 1011 
compounds of, 929 
Random-coil arrangement, 
1054 


Random error, A8, A9 
Range of measurements, A10 
Raoult, Frangois M., 864 
Rare earth metals. See Lantha- 
nide series 
Rate 
defined, 720 
of radioactive decay, 992- 
OLB, CR) 
Rate constant, 723 
calculation of, 726-727, 
T3o 
for radioactive decay, 993, 
995 
temperature dependence of, 
751-753 
Rate-determining step, 741, 
742, 746 
Rate laws. See Kinetics, 
chemical 
RBE (relative biological effec- 
tiveness), 1010, 1011 
Reactants, 69-71 
calculation of masses of, 
73-82 
limiting, 76-82 
Reaction mechanisms, 718, 
739-745 
defined, 739 
femtosecond studies of, 721 
steady-state approximation, 
746-748 
Reaction order, overall, 727 
Reaction quotient, 215-216, 
PUR 2S S223 
cell potential and, 487-489, 
490-491 
free energy change and, 446, 
450, 487 
Reaction rate, 720, 723 
See also Kinetics, chemical 
Reactions, chemical, 69-70 
bond energies and, 363-364, 
619-621 
to completion, 204, 214, 
281, 447 
Dalton’s atomic theory 
and, 19 
enthalpy changes in, 368, 
374-379, 381-389, 619- 
621 
entropy changes in, 437- 
440 
equations for, 69-73, 111- 
114, 128-135 
free energy changes in, 441- 
452 
types of, 106 
See also Acid—base reactions; 
Oxidation—reduction 
reactions; Precipitation 
reactions 
Reactor core, 1007 
Reagent, limiting, 76-82 
Real gases, 178-182 
Boyle’s law and, 152 
“equilibria of, 228-229 


intermolecular collisions in, 
176-178, 181-182 
molar volumes, 156 
Rectifier, 815 
Redox reactions. See 
Oxidation—-reduction 
reactions 
Red phosphorus, 916 
Reduced mass, 697, 700 
Reducing agents 
alkali metals, 896-897 
defined, 128 
of galvanic cell, 474, 476 
hydride ion, 899 
in metallurgy, 896 
transition metals, 944-945 
Reduction 
at cathode of galvanic cell, 
476 
defined, 128 
See also Oxidation-— 
reduction reactions 
Reduction half-reaction, 131- 
132,474 
Reduction potentials 
corrosion of metals and, 
497-498, 499 
standard, 477-483, A24 
of transition metals, 944— 
945 
Reference state, 212-213 
for pure liquid or solid, 
213 
Relative solubilities, 333 
Relativity, 528, 529, 574-575 
nuclear stability and, 1002- 
1004 
rem (roentgen equivalent for 
man), 1010 
Representative elements, 566, 
579, 892-896 
Residual oil, 397 
Resonance, 626-627 
formal charge and, 634— 
636 
hyperconjugation and, 632 
molecular orbitals and, 688- 
690 
VSEPR model and, 645-647, 
649 
Respiratory chain, 974 
Respiratory inhibitor, 977 
Reverse bias, 812, 814 
Reverse osmosis, 874-875 
Reversible chemical reactions, 
722-723 
Reversible processes 
adiabatic expansion— 
compression, 457-460 
changes of state, 429-431 
defined, 422, 426 
electrochemical, 484 
isothermal expansion— 
compression, 422-423, 
424, 426, 460 
maximum work and, 455 
summary, 455-457 


Rhodium, 946 
Rhombic sulfur, 921 
Ribonucleic acids (RNA), 
1060-1061, 1062-1064 
rms (root mean square) veloc- 
ity, 168-170 
Roasting, 224 
Rocket fuels, 911, 928 
Rohrer, Heinrich, 22 
Roman numerals 
for complex ions, 954, 955— 
956 
for ions, 37-38, 42 
Root mean square velocity 
(rms), 168-170 
Roots 
of exponential expression, 
A2-A3 
of quadratic equation, AS- 
A7 
Rose-Petruck, Christopher, 
741 
Rotational motion 
entropy and, 440 
heat capacity and, 369 
Rotational quantum number, 
699-700 
Rotational spectroscopy, 692- 
693, 699-701 
Rounding numbers, A1l3-A14 
Rubber, 1042, 1046, 1049 
Rubidium, 35, 565, 580, 581, 
740, 820, 897, 898 
Rust, 497, 500, 950 
equilibrium constant, 45 1- 
452 
heat packs and, 400 
paint for prevention of, 501 
Ruthenium, 946 
Rutherford, Ernest, 27-28, 
988, 996 
Rutile, 947 


Salt bridge, 475, 476 
Salts 
acidic solutions of, 270-273 
basic solutions of, 268-270, 
272-273 
common ion effect with, 
293-295 
corrosion and, 500 
defined, 32, 268, 614 
as electrolytes, 97 
neutral solutions of, 268, 
272-273 
solubility rules for, 109-110 
See also Ionic compounds; 
Solubility 
Samarium, 941 
Santoro, Mario, 808 
Saturated fats, 898, 1031 
Saturated hydrocarbons, 1920- 
1028 
Saturated solution, 330 
SAW (surface acoustic wave) 
device, 125 
Scandium, 565, 943, 946 
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Scanning tunneling microscopy 
(STM), 22, 542, 544, 744, 
VE 
SCF (self-consistent field) 
method, 560, 569-571 
Schoenbein, Christian, 1040- 
1041 
Schottky defects, 821 
Schrodinger, Erwin, 537, 540 
Schrodinger wave equation, 
537, 540 
for hydrogen atom, 549-551 
orbital model and, 691 
for particle in a box, 543- 
549 
for polyelectronic atoms, 
558, 559, 569-570 
Scientific method, 7-10, 162- 
163 
Scintillation counter, 999 
Scrubbing, 186-187, 256, 
920 
Secondary alcohols, 1034, 
1038 
Secondary amines, 1039 
Secondary structure, of protein, 
1052-1054 
Second ionization energy, 572, 
DS oS 
Second law of thermodynam- 
ics, 428, 431, 456, 457 
Second-order reaction 
differential rate law, 727 
half-life, 733, 735 
integrated rate law, 733-735 
mechanism and, 739 
sec- prefix, 1024 
Seddon, Kenneth R., 861 
Seed oil, 401 
See-saw structures, 642 
Selective precipitation, 112- 
114, 338-342, 346-347 
Selenium, 918 
Self-consistent field (SCF) 
method, 560, 569-571 
Self-healing materials, 1048 
Seltzer, 16 
Semiconductors, 811-815 
gallium arsenide, 810 
germanium in, 904 
selenium, 918 
tellurium, 918 
titanium dioxide, 754 
See also Silicon chips 
Semimetals, 580-581, 892, 894 
Semiochemicals, 646-647 
Semipermeable membrane, 
871, 872, 874, 875 
Semon, Waldo, 13 
Sensors, 125, 648 
Sheele, Carl, 599 
Shielding, from nuclear charge, 
571, 572-576, 578 
Sickle cell anemia, 976, 977 
Side chains, of amino acids, 
1050 
Side reactions, 80 
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Siegel, Dick, 834 
Sieves, molecular, 125, 163 
Sigma (a) bonds, 668, 669, 
670, 671-672, 674-675 
Sigma (a) molecular orbitals, 
678-679 
Significant figures, A8, A12- 
Al4 
for logarithms, 247 
Silica, 805-807, 894, 895 
in glass, 806-807, 925 
Silicates, 506, 806, 809, 811, 
895 
Silicon, 793, 805, 892, 894, 904 
abundance, 895 
as semiconductor, 811, 812- 
813 
Silicon chips, 812-813 
Silver 
as conductor, 941 
corrosion of, 499, 505 
crystal structure, 798 
plating with, 504, 508 
Silver, Spencer F, 11 
Silver cell, 495 
Silver chloride 
in photochromic glass, 927 
solubility in water, 98 
Silver halides, Frenkel defects 
in, 821-822 
Silver sulfide, 499, 505 
Simple sugars, 1055, 1057- 
1058 
Single bond, 618 
SI units, A14—A15 
Sizing agent, 4 
Slaked lime, 256 
“Slightly soluble,” 109-110 
Slope of line, A4, AS 
instantaneous reaction rate 
and, 720 
Slurry 
coal, 397 
in scrubbing process, 186, 
187 
Smalley, Richard, 835 
Smog. See Air pollution 
Smoke, removal of soot from, 
879 
Soap, hard water and, 901, 902 
Soda ash, 256 
Sodium, 35, 581-582, 897-898 
commercial production of, 
508-509 
electron configuration, 564 
ionization energy, 576 
isotopes of, 29-30, 30 
radial distributions of orbit- 
als, 571 
See also Alkali metals 
Sodium acetate, 268-269 
Sodium azide, 160 
Sodium chloride 
bonding in, 31-33, 597 
crystal structure, 612, 793, 
820 


desalination of seawater, 
874-875 
electrolysis of, 508-510 
formation from elements, 
123, 124, 581 
freezing-point depression 
with, 870, 875 
ion pairing in solution, 876 
isotonic solution of, 874 
molar mass of, 60-61 
in solar ponds, 854 
solubility in water, 98, 855— 
856 
Sodium chloride structure, 612 
Sodium fluoride, lattice energy, 
612-613 
Sodium hydroxide, 99, 255 
commercial production of, 
508-510 
paper decomposition and, 5 
in polyprotic acid titrations, 
329 
reaction with hydrochloric 
acid, 118 
Sodium ions, in human body, 
897-898 
Sodium salts, soluble, 109 
Softening hard water, 256, 
901-902 
Solar ponds, 854 
Solids 
activity of, 213-214 
atomic, 793 
in chemical equations, 70 
molecular, 793, 815-816 
polycrystalline, 834 
properties of, 793 
standard state, 384 
types of, 789-790 
vapor pressure, 825 
See also Ionic compounds; 
Metals; Network solids 
Solubility, 96-97, 98, 330 
common ion effect and, 
333-334 
complex ion formation and, 
344-347 
complications in calculations 
of, 334-335 
entropy and, 418-419, 855- 
858 
equilibrium calculations, 
330-335 
free energy and, 855-856 
of gases, 859-860, 861-862 
“like dissolves like,” 97, 853, 
856, 858 
pH effects, 335-336, 339 
practical importance of, 
330 
pressure effects, 859-860 
relative, 333 
vs. solubility product, 331 
strategies for enhancing, 
345-346 
structure effects, 858-859 


temperature effects, 346, 
860-862 
thermodynamics of, 853, 
855-858 
See also Precipitation 
reactions 
Solubility product (K,,), 330- 
335) 
electrochemical measure- 
ment of, 492 
precipitation and, 336-339 
vs. solubility, 331 
table of values, 331, A23 
Solubility rules, 109-110 
Solute, 97, 852 
Solutions, 852-879 
boiling-point elevation, 868— 
869, 876 
colligative properties, 868— 
876 
composition of, 100-105, 
852 
defined, 97, 852 
dilution of, 104-105 
freezing-point depression, 
870-871, 875, 876 
gravimetric analysis of, 116- 
118 
hypertonic, 873 
hypotonic, 873 
ideal, 866 
isotonic, 873, 874 
liquid-liquid, 866-868 
nonideal, 866-868 
osmotic pressure, 871-875, 
876 
positional probability and, 
418-419 
reactions in ( see Acid—base 
reactions; Oxidation— 
reduction reactions; Pre- 
cipitation reactions) 
sound waves and, 181 
standard, 103-104 
standard state in, 384-385 
states of, 852 
thermodynamics of, 853, 
855-858 
vapor pressures of, 863-868 
See also Aqueous solutions 
Solvents, 97, 852 
nonpolar, 853, 856, 857 
polar, 96, 97, 853, 856, 857 
water, 856-858 
water as, 95-97 
Somatic radiation damage, 
1010 
Sonochemistry, 181 
Soot, electrostatic precipitator 
and, 879 
s orbitals, 552, 553, 554 
of polyelectronic atoms, 570 
Sottos, Nancy, 1048 
Sound waves, cavitation and, 
181 
Space-filling model, 31 


Space vehicles 
fuel cells for, 496 
rocket fuels for, 911, 928 
Special relativity, 529, 574-575 
Specific heat capacity, 375, 383 
Spectator ions, 111-112 
Spectrochemical series, 966 
Spectrophotometer, A16—A17 
Spectroscopy, molecular, 692- 
693, A16-A19 
electronic, 693-696 
nuclear magnetic resonance, 
701-706 
real-world applications of, 
690 
rotational, 693, 699-701 
vibrational, 693, 694, 696- 
699 
Spectroscopy, ultrafast X-ray, 
741 
Spectrum 
continuous, 530-531 
electromagnetic, 525, 526 
electron spin and, 557-558 
of fireworks, 538-539 
of hydrogen, 531-532, 533, 
535 
Spherical polar coordinates, 
S49 
sp hybridization, 668-670 
sp? hybridization, 666-668, 
669 
sp> hybridization, 664-666, 
671-672, 691 
Spin 
electron, 557-558, 574-575, 
704, 705 
nuclear, 701-706 
Spinneret, 1041 
Spin quantum number, 557- 
558 
Spin-spin coupling, 703-706 
Spontaneous fission, 990 
Spontaneous processes, 413- 
419 
electrochemical, 481, 484, 
485, 486, 488 
entropy increase in, 415- 
419, 431-435 
free energy and, 435-437, 
445, 448, 454 
reaction rates and, 443, 718 
temperature and, 432-437 
work available from, 456 
See also Irreversible pro- 
cesses 
Square planar structures 
complex ions with, 953, 957, 
96359699970 
VSEPR model, 644-645 
Square roots, A2-A3 
Stability constants, 342 
Stahl, Georg, 16-17 
Stainless steel, 498, 501 
Stalactites and stalagmites, 
293, 336 


Standard atmosphere, 150 
Standard deviation, A10 
confidence limits and, A12 
Standard enthalpy of forma- 
tion, 384-389 
bond energies and, 620 
defined, 384 
of element, 386-387 
table of values, A19-A21 
Standard entropy values, 439- 
440, A19-A21 
Standard free energy change, 
441-445 
Standard free energy of forma- 
tion, 443-444, A19-A21 
Standard hydrogen electrode, 
478 
Standard reduction potentials, 
477-483, A24 
corrosion of metals and, 
497-498, 499 
of transition metals, 480, 
944-945 
Standard solution, 103-104 
for titration, 119, 120 
Standard states, 384 
Standard temperature and 
pressure (STP), 156, 157 
Standing waves, 537, 540, 
548 
Starch, 1059-1060 
State function 
defined, 362 
energy as, 362, 374, 426 
enthalpy as, 367, 374 
entropy as, 440 
free energy as, 442 
State of a gas, 154 
States of matter, 782 
in solutions, 852 
Statue of Liberty, restoration 
of, 498-499 
Staudinger, Hermann, 1041 
Steady-state approximation, 
746-748 
Steel 
alloy structures, 801-802 
chrome-plated, 508, 947 
chromium in, 947 
corrosion of, 497, 499-501 
corrosion prevention, 501- 
502 
galvanized, 501, 952 
stainless, 498, 501 
tin-coated, 508, 905 
vanadium in, 947 
Stellar nucleosynthesis, 994, 
1008 
Stereoisomerism, 957-963, 
1029 
of sugars, 1057-1058 
Steric factor, 751 
STM (scanning tunneling 
microscope), 22, 542, 544, 
744, 797 
Stock solutions, 104-105 


Stoichiometric point, 119-120, 
310 
of oxidation—reduction, 136 
See also Equivalence point 
Stoichiometric quantities, 76 
Stoichiometry, 73-76 
of acid-base reactions, 119 
defined, 54 
of gases, 156-158 
with limiting reactant, 76-82 
of precipitation reactions, 
114-118 
of reactions in solution, 100, 
115-118 
summary, 80 
STP (standard temperature and 
pressure), 156, 157 
Straight-chain hydrocarbons, 
1022 
Stregay, Heather Ryphemi, 
415,416 
Strong acids, 98-99, 243-244 
equilibrium problems with, 
248-249, 280 
polyprotic, 265-268 
Strong acid-strong base titra- 
tions, 309-311, 324, 326 
indicator for, 324 
Strong acid—weak base titra- 
tions, 319-321 
Strong bases, 97-98, 99, 255- 
DSW 
cations from, 268 
very dilute, pH of, 280 
Strong electrolytes, 97-99, 
iki 
Strong-field ligands, 966, 969, 
976 
Strong nuclear force, 1009 
Strontium, 35, 565, 900, 901 
Strontium-90, 995, 1010 
Structural formula, 30-31 
Structural isomerism, 956— 
957 
of alkanes, 1022-1026 
Subcritical nuclear process, 
1006 
Sublimation, 825, 830, 833 
Subshell, 554 
Substitutional alloy, 801-802 
Substitution reactions 
of alkanes, 1027 
of aromatic hydrocarbons, 
1032-1033 
Substrate, 758-759 
Subtraction 
in exponential notation, A2 
significant figures, A13 
Successive approximations, 
220, A6-A7 
Sucrose, 1058 
as molecular solid, 793 
as nonelectrolyte, 100 
reaction with sulfuric acid, 
922, 
Sugar of lead, 905 


Sugars, 1055-1060 
ethanol derived from, 401 
in nucleic acids, 1061-1062 
Sulfate ion, electronic struc- 
ture, 631, 633-635 
Sulfate salts, solubility, 109 
Sulfides 
of metals, 506, 918 
solubility equilibria and, 
335, 339, 341, 346 
solubility in water, 109 
Sulfites, 922 
Sulfur, 918, 920-922 
bonding properties, 894 
electron configuration, 568 
ionization energy, 576 
oxidation state, 126 
solid structures, 815, 816 
vulcanization with, 1042 
Sulfur dioxide, 921-922 
in acid rain formation, 183- 
184, 186-187, 757 
in auto exhaust, 757, 760 
from coal burning, 183-184 
molecular structure, 649 
oxidation of, 757 
from petroleum combustion, 
760 
scrubbing of, 186-187, 256, 
920 
vibrational modes, 698 
Sulfur hexafluoride 
hybrid orbitals for, 672-673 
Lewis structures, 628-629, 
630, 631, 632 
Sulfuric acid, 98-99, 243-244, 
922 
in acid rain, 185, 186, 757 
as dehydrating agent, 915, 
Jaa) 
dissociation equilibria, 265— 
268 
manufacture of, 757, 922 
Sulfur monoxide, 921 
Sulfurous acid, 922 
Sulfur trioxide, 922 
in atmosphere, 183-184, 186 
bond polarities in, 605 
in sulfuric acid manufacture, 
HST 
Sunflower oil, 401 
Sunglasses, photochromic, 927 
Sunscreens, 526 
Superconductivity, 806-807 
Supercooling, 828 
polar fish and, 878 
Supercritical fluids, 857 
Supercritical nuclear processes, 
1006, 1007 
Superfluid water, 857 
Superheating, 828 
Frasch process and, 920 
Supernova explosion, 994 
Superphosphate of lime, 917 
Surface acoustic wave (SAW) 
device, 125 


Index A93 


Surface alloys, 501 
Surfaces 
architecture of, 544 
cavitation and, 181 
of copper crystal, 797 
reactions on, 755-757, 760 
Surface tension, 787 
Surroundings, 362-363 
entropy change in, 432-435, 
456 
Suslick, Kenneth, 181 
Suspensions, 877-879 
slurries, 186, 187, 397 
Swartzentruber, Brian, 797 
Sykes, Charles, 544 
Syndiotactic chain, 1047 
Syngas, 395, 397 
System, 362-363 
entropy change in, 432, 433, 
434 
Systematic error, A8-A9 


Taggants, 42-43 
Tanning lotions, 1056 
Tantalum, 946 
Tarnish, silver, 499 
Tastes, 648 
Technetium-99m, 1001 
Teflon, 1042 
Tellurium, 918 
Temperature 
absolute zero, 153, 740 
adiabatic processes and, 
457-460 
of atmosphere, altitude and, 
182 
blackbody radiation and, 527 
Celsius to Kelvin conversion, 
12 
changes of state and, 826- 
828 
entropy and, 429-430, 439 
equilibrium constant and, 
226-228, 452-453 
gas volume and, 152-153 
vs. heat, 362, 383 
heat capacity and, 439 
kinetic energy and, 163, 
167-168, 368, 369, 824- 
825 
kinetic theory of gases and, 
163, 167-170 
reaction rates and, 749-753 
real gas behavior and, 178- 
180 
solubility and, 346, 860-862 
solution composition and, 
852 
spontaneity and, 432-435 
vapor pressure and, 824- 
825, 826-827 
See also Heat 
Terbium, 941 
Termolecular step, 739 
Tertiary alcohols, 1034 
Tertiary amines, 1039-1040 
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Tertiary structure, of protein, 
1054 
tert- prefix, 1024 
Tetraethy] lead, 390, 760, 906 
Tetrahedral holes, 816, 817- 
819, 820, 821 
Tetrahedral structures 
of complex ions, 953, 963, 
968-969 
of diamond, 802 
with Group SA elements, 907 
optical isomerism of, 1057 
with polar bonds, 605 
of silica, 894 
sp? orbitals for, 664-666, 
671-672, 691 
VSEPR model, 638, 641, 
643, 650 
Tetraphosphorus decoxide, 
7! 
Thallium, 902, 903 
Thallium-201, 1001 
Theoretical yield, 80 
Theory, 8-9, 10, 162 
See also Models 
Thermal conductivity, 794, 
800, 801 
Thermal neutron analysis, 
WS) 
Thermal pollution, 861 
Thermodynamics 
defined, 364 
first law, 364, 365, 413 
vs. kinetics, 413-414 
second law, 428, 431, 456- 
457 
sign convention in, 364— 
365 
standard states in, 384 
third law, 439 
See also Energy; Enthalpy; 
Entropy; Free energy 
Thermodynamic stability, 443, 
830, 831 
of nuclei, 988, 1002-1005 
Thermoplastic polymer, 1041, 
1045, 1046 
Thermoset polymer, 1041 
Thiols, in petroleum, 760 
Third law of thermodynamics, 
439 
Thomson, J. J., 24-25, 27 
Thomson, William (Lord 
Kelvin), 25 
Thorium, 990, 992 
Three-center bonds, 902-903 
Thundat, Thomas, 809 
Thymol blue, 326 
Time measurements, 536 
Tin, 904-905, 906 
in stabilizers for PVC, 13 
stable isotopes of, 989 
steel plated with, 508, 905 
Tin disease, 904 
Titanium, 565, 943, 944, 946, 
948 


Titanium dioxide, 754, 946- 
947 
in polyvinyl chloride, 14 
in sunscreen, 526 
Titanosilicate, 163 
Titrant, 119-120 
Titration curve. See pH curve 
Titrations 
acid—base (see Acid—base 
titrations) 
oxidation—reduction, 135— 
136 
TNT (trinitrotoluene), 909 
Tongue, electronic, 648 
Tooth decay, 330, 475 
Torquato, Salvatore, 796 
torr (unit of pressure), 150 
Torricelli, Evangelista, 149, 
150 
Torso air bags, 160 
Trailing zeros, A13 
Transfer RNA, 1063, 1064 
trans isomers, 957, 960, 961, 
1029 
Transistors, 812-813 
Transition metals, 35, 892 
3d series (first-row), 943- 
945, 946-952 
4d series, 945-946 
Sd series, 945-946 
biological importance, 940, 
974 
economic importance, 895, 
940 
electron configurations, 565, 
579, 580, 943-944 
forming only one ion, 38 
in gemstones, 973 
general properties, 940- 
943 
interstitial hydrides of, 899 
ionization energies, 944 
names of, 37-38 
oxidation states, 943, 944 
paramagnetic compounds of, 
943 
periodic table and, 563, 565, 
566, 940-943 
rarity of, 895 
reduction potentials, 944— 
945 
See also Coordination com- 
pounds; Metals 
Transition state, 749 
Translational kinetic energy, 
heat capacity and, 369 
Transmittance, 699, A16 
Transuranium elements, 998 
Triads, 560 
Trial and error, 7 
Trigonal bipyramidal struc- 
tures, 641, 642 
with Group SA elements, 
907 
hybrid orbitals for, 670-672, 
674 


Trigona! holes, 816, 817 
Trigonal planar structures, 
638, 641 
hybrid orbitals for, 667, 
674 
Trigonal pyramidal structures, 
639, 641, 907, 911 
phosphine, 650, 916 
Triiodide ion 
hybrid orbitals for, 672 
Lewis structure, 630 
VSEPR model, 645 
Trimethylamine, 257 
Trinitrotoluene (TNT), 909 
Triple bonds 
in alkynes, 1029-1031 
bond energies, 619, 685 
bond lengths, 619 
hybrid orbitals for, 670, 
674-675 
in nitrogen, 907-908 
in VSEPR model, 647, 650 
Triple phosphate, 917 
Triple point 
of carbon dioxide, 833 
of water, 831 
Triplet, 703, 704 
Triprotic acids 
phosphoric acid, 262-265 
titration of, 329-331 
Troposphere, 182-183 
Tsapatsis, Michael, 163 
Tungsten, 941-942, 943 
Tunneling, 22 
Tyndall effect, 877 


Uhlenbeck, George, 557 
Ultrasound, chemical effects of, 
181 
Ultraviolet catastrophe, 527 
Ultraviolet radiation, 525 
chlorination of hydrocar- 
bons and, 1027 
electronic spectroscopy and, 
693-694 
ozone and, 183, 762, 919- 
920 
polyvinyl chloride and, 13 
sunscreens and, 526 
Unbranched hydrocarbons, 
1022 
Uncertain digit, A7-A8 
Uncertainties in measurement, 
A7-A12 
Uncertainty principle, 540-542 
wave function and, 552, 557 
zero-point energy and, 548 
nidentate ligands, 953 
nimolecular step, 739 
nit cells, 790, 799-800 
nit factor method, A15—A16 
nits of measurement, 8, 9, 
A14-A15 
conversions, A1l5—A16 
niversal gas constant, 154, 
167 
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Unsaturated fats, 755, 898, 
1031 
Unsaturated hydrocarbons, 
1020-1021, 1029-1033 
addition reactions, 755, 1031 
See also Ethylene 
Uranium 
age of rocks and, 1000 
enrichment of, 172-174 
fission of, 1005-1006, 
1007-1008, 1011 
radioactive decay, 26, 27, 
990,991 99279975998 
Urea, synthesis of, 1020 


Vacuum pump, 149 
Valence electrons 
bonding types and, 606 
chemical properties and, 579 
defined, 564 
periodic table and, 564, 565, 
566, 892 
See also Lewis structures 
Valence shell electron-pair 
repulsion model. See 
VSEPR model 
Vanadium, 565, 943, 947 
Vanadium oxide, 947 
Vanadium steel, 947 
van der Waals, Johannes, 178- 
179, 784 
van der Waals equation, 179- 
180, 181 
van der Waals forces, 784 
See also Dipole-dipole 
forces; London dispersion 
forces 
van Gastel, Raoul, 797 
Van Helmont, Jan Baptista, 149 
van’t Hoff, Jacobus H., 453, 
875 
van’t Hoff equation, 453 
van’t Hoff factor, 875-876 
Vapor, defined, 822 
Vaporization, 822 
entropy change, 430-431, 
432, 824, 825 
free energy change, 437 
Vapor pressure, 822-828, 828 
at boiling point, 828 
in gas collection over water, 
159-161 
measurement of, 823 
at melting point, 826-828 
of solids, 826 
of solutions, 863-868 
temperature and, 824-825, 
826-827 
Variable force air bags, 160 
Vasopressin, 1052 
Velocity of gas particles, 164- 
167 
average, 169-170, 174-175, 
a7enleZns 
diffusion and, 171, 172, 173 
distribution of, 169-170 


effusion and, 170-171 
most probable, 169-170 
root mean square, 168-170 
Vibrational motion 
entropy and, 440 
heat capacity and, 369 
Vibrational quantum number, 
697 
Vibrational spectroscopy, 693, 
694, 696-699 
Vinegar. See Acetic acid 
Vinyl chloride, 12, 1049 
Viscosity, 787, 788 
of polymers, 1047 
Visible radiation. See Light 
Vitamins, solubilities, 858- 
859 
Volatile liquids, 823 
Volt (unit of electrical poten- 
tial), 476, 483 
Volta, Alessandro, 477 
Voltaic cells. See Galvanic cells 
Voltmeter, 476-477, 484 
Volume 
equilibrium position and, 
224-226 
PV work and, 365-367, 
377-379, 426, 454-455 
uncertainty in measurement, 
A7 
units of, A15 
Volumetric analysis, 119 
See also Acid—base titrations; 
Oxidation-reduction 
reactions 
Volumetric flask, 103, 104, 
10S 
Volumetric pipet, 105 
VSEPR model, 621, 637-650 
complex ions and, 963 
hybrid orbitals for, 664, 
673 
linear structures, 637, 641, 
642, 645 
lone pairs in, 639, 640, 650 
with multiple bonds, 645— 
647, 649, 650 
with no central atom, 649 
octahedral structures, 642, 
643 
square planar structure, 
644-645 
success of, 650 
summary, 639, 649-650 
tetrahedral structures, 638, 
641, 643, 650 
trigonal bipyramidal struc- 
tures, 641, 642, 907 
trigonal planar structures, 
638, 641 
trigonal pyramidal struc- 
tures, 639, 641 
Vulcanization, 1042 


Waage, Peter, 207, 208 
Walsh, William, 905 


Wang, Zhong Lin, 836 
Waste management 
radioactive wastes, 1011 
with superfluid water, 857 
Water 
as acid, 245-246 
activity of, 242 
in atmosphere, 392, 394 
autoionization of, 245-246, 
248-249, 256-257 
as base, 241-242, 243, 245- 
246, 270 
biological decomposition of, 
Sw Shs 
bond angle of, 95 
in buffered solutions, 303- 
305 
capillary action, 787 
changes of state, 826-828 
as coolant, 822, 861, 899 
density, 782, 832, 899 
dipole moment, 604 
electrolysis of, 397-398, 
504, 898 
free radicals derived from, 
1010 
gas collection over, 159- 
161 
hard, 256, 901-902 
heating curve for, 826-827 
hydrogen bonding in, 783- 
784, 816, 822, 823-824, 
825, 826, 899 
hydrogen ions contributed 
by, 244-245, 275-280, 
302-305 
Lewis structure, 624 
naming of, 40 
phase diagram, 829-833 
as polar molecule, 95-96, 
600, 899 
purification of, 919 
reaction with alkali metal, 
896-897, 899 
reaction with alkaline earth 
metal, 900 
reaction with base, 257, 258, 
260, 335 
as solvent, 95-97, 856-858 
states of, 782 
supercooled, 828, 878 
supercritical, 857 
thermal decomposition of, 
Si, Bile: 
unusual properties of, 899 
vaporization of, 430-431, 
432, 782, 783, 822, 825, 
826-827 
vapor pressure and tempera- 
ture, 824, 826-827 
VSEPR model, 640 
See also Aqueous solutions; 
ice 
Waters of hydration, 187 
Water-soluble vitamins, 858- 
859 


Wave function, 540, 543 
of hydrogen atom, 543, 
549-551 
molecular orbital, 676 
of particle in a box, 543-548 
physical meaning of, 551- 
S53) 
of polyelectronic atom, 569- 
570 
probability and, 545, 546- 
547, 552, 676 
Wavelength, 524-525 
color and, 967-968 
of particle, 529-531 
photon energy and, 528, 
534-535 
Wave mechanics, 537-540 
See also Quantum mechanics 
Wave number, 697, 698 
Waves, 524-525 
Weak acids, 99-100, 243, 244 
common ion effect with, 
293-295 
conjugate base of, 244, 245, 
268-269 
equilibrium problems with, 
249-255, 275-280 
as indicators, 321-326 
mixtures of, 251-253 
organic, 244, 1038-1039 
percent dissociation, 253- 
ESS) 
polyprotic, 260-268 
reaction with hydroxide ion, 
118, 122-123 
table of K, values, A22 
See also Buffered solutions 
Weak acid-strong base titra- 
tions, 311-319, 326 
indicator for, 326 
Weak bases, 100, 257-258, 
260 
in buffered solution, 295, 
300-302 
cyanide ion as, 270 
table of K, values, A23 
Weak base-strong acid titra- 
tions, 319-321 
Weak electrolytes, 97, 99-100 
Weak-field ligands, 966, 969, 
O76 
Weak nuclear force, 1009 
Weight, vs. mass, 19 
Weight percent, 62, 852 
Wentorf, Robert H., Jr., 830 
Werner, Alfred, 952, 954, 958 
White, Scott, 1048 
White dwarf, 994 
White lead, 13 
White phosphorus, 894, 916 
White tin, 904 
Williams, Alison, 4 
Wilson, William W., 910 
Window shades, electrochemi- 
cal, 494-495 
Wind power, 396 


Index A95 


Wohler, Friedrich, 1020 
Wood alcohol. See Methanol 
Work 
in adiabatic expansion— 
compression, 457, 459- 
460 
defined, 362, 365 
electrochemical, 476, 483- 
485 
energy and, 361, 362 
free energy and, 454-455 
internal energy and, 364- 
367 
in isothermal expansion— 
compression, 419-426 
maximum, 425-426, 454- 
456, 484 
pathway-dependence of, 426 
PV work, 366-367, 377- 
379, 426, 454-455 
sign convention for, 365, 
366, 483 
Worst-case method, for esti- 
mating uncertainty, A1l0- 
All 
Wurtzite, 821 
Wistite, 822 


Xenon, 35, 928-929 
freezing point, 78S 
Xenon difluoride, 675-676 
Xenon tetrafluoride, 928 
hybrid orbitals for, 673 
VSEPR model, 643-645 
Xenon trioxide, 636 
X-ray diffraction, 530, 791-793 
X-ray spectroscopy, 741 


Yates, John, 756 

Ye, Jun, 740 

Yield of reaction, 80 
Yi Lu, 340 

-yne (suffix), 1030 
Yttrium, 565 


Zeolite, 125, 400 

Zero-order rate laws, 735-736 

Zero-point energy, 548 

Zeros in calculations, A12 

Zewail, Ahmed H., 721, 743 

Ziegler, Karl, 1045 

Ziegler—Natta catalyst, 1045, 
1047 

Zinc, 565, 943, 951-952 

in human body, 895, 896 
plating with, S501, 504 

Zinc blende, 821 

Zinc oxide, 526 

Zinc sulfide, crystal structure, 
821 

Zink, Jeffrey I., 837 

Zirconium, 946 

Zirconium oxide, 946 

Zone of stability, nuclear, 989, 
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Survival Guide for General OWL makes homework management Chemical Principles, 
Chemistry with Math | eee Beal Hae, a breeze | Hybrid 7e 
: provides 3-way randomization of | by Stephen S. Zumdahl, Donald J 
Review, 2e | problems using chemical, numerical, and Pas : ; j 
by Charles H. Atwood contextual combinations. OWL includes | DeCoste 
| the interactive, customizable Cengage | 5 
Rony erie oRoHEa ihe | Available to instructors and students 
Help your students make the | i f dc ws y | who are using OWL Online 
most of their study time! Reg ee aera Learning, this cost-effective hybrid 
| version includes interactive versions 
This guide shows students how to solve | | of many of the book’s end-of-chapter 
difficult problems and includes three exercises in OWL, all the content of 
levels of proficiency questions to the standard version of the text, 
quickly build student confidence and access to the customizable 
and competence. Cengage YouBook. 


ISBN: 978-0-495-38751-0 | 


Ask your rep about bundling the Ask your rep about bundling options Ask your rep about other 
survival guide with Chemical Principles, 7e with Chemical Principles, 7e . | . Hybrid Editions 
at no additional cost to your students. available from Brooks/Cole. 
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Page Numbers of Some 
Important Tables 


Bond Energies 619 

Electron Configurations of the Elements 567 

Ionization Constants of 

Acids and Bases 245. 25:8) 262, ALL one 

Reduction Potentials 480, A24 

Solubility Products 534, AZS 
Thermodynamic Data A19-A22 

Vapor Pressures of Water 824 


Physical Constants 


Constant Symbol Value 

Atomic mass unit amu 1.66054 X 10°*’ kg 

Avogadro’s number N 6.02214 X 1073 mol! 

Bohr radius ao §.292 x 10-11 m 

Boltzmann’s constant k 1.38066 X 10-7 JK"! 

Charge of an electron e 1.60218 < 10°? ¢ 

Faraday’s constant F 96,485 C mol"! 

Gas constant R 8.31451 J K~! mol! 
0.08206 L atm K™! mol"! 

Mass of an electron Me 9.10939 X 10-3! kg 
5.48580 X 10-4 amu 

Mass of a neutron My 1.67493 X 10°?’ kg 
1.00866 amu 

Mass of a proton My 1.67262 X 10-2’ kg 
1.00728 amu 

Planck’s constant h 6.62608 X 10-4 Js 


Speed of light c 2.99792458 X 108 ms"! 


SI Units and Conversion Factors 


Length 





SI unit: meter (m) 


1 meter = 1.0936 yards 
1 centimeter = 0.39370 inch 
1 inch = 2.54 centimeters 
(exactly) 
1 kilometer = 0.62137 mile 
1 mile = 5280 feet 
= 1.6093 kilometers 
langstrom = 10~!'° meter 


= 100 picometers 


Volume 


SI unit: cubic meter (m*) 


1 liter = 10-3 m 
= 1dm? 
= 1.0567 quarts 
1 gallon = 4 quarts 
= 8 pints 
= 3.7854 liters 
1 quart = 32 fluid ounces 
= 0.94633 liter 


Energy 


SI unit: joule (J) 


7 


1 joule =1kgm’s* 
= 0.23901 calorie 
= 9 47Sie< 0nabtu 
(British thermal unit) 


1 calorie = 4.184 joules 
= 3.965 < 10°? bru 
1 btu = 1055.06 joules 


= 252.2 calories 


Mass 


SI unit: kilogram (kg) 


| kilogram = 1000 grams 
= 2.2046 pounds 


1 pound = 453.59 grams 
= 0.45359 kilogram 
= 16 ounces 
1 ton = 2000 pounds 
= 907.185 kilograms 
1 metric ton = 1000 kilograms 
= 2204.6 pounds 
1 atomic 
mass unit = 1.66054 x 10-*’ kilograms 
Temperature 
SI unit: kelvin (K) 
OK 2/3 oe G 
= —459.67°F 
K Cee) foul 
5 
ee eet (i Gao 
9 ( ) 
9 
°F = (°C) + 32 
Pressure 
SI unit: pascal (Pa) 
1 pascal =1Nm~ 


1 .-2 


=l1kgm's~? 

1 atmosphere = 101.325 kilopascals 
= 760 torr (mm Hg) 
= 14.70 pounds per 

square inch 

1 bar = 10° pascals 
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